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housands of practical questions are studied by chemists. A few of them are

How can we modify a useful drug so as to improve its effectiveness while mini-
mizing any harmful or unpleasant side effects?

How can we develop better materials to be used as synthetic bone for replacement
surgery?
Which substances could help to avoid rejection of foreign tissue in organ transplants?

What improvements in fertilizers or pesticides can increase agricultural yields? How
can this be done with minimal environmental danger?

How can we get the maximum work from a fuel while producing the least harmful emis-
sions possible?
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Which really poses the greater environmental threat—the burning of fossil fuels and
its contribution to the greenhouse effect and climatic change, or the use of nuclear
power and the related radiation and disposal problems?

How can we develop suitable materials for the semiconductor and microelectronics in-
dustry? Can we develop a battery that is cheaper, lighter, and more powerful?

What changes in structural materials could help to make aircraft lighter and more eco-
nomical, yet at the same time stronger and safer?

What relationship is there between the substances we eat, drink, or breathe and the
possibility of developing cancer? How can we develop substances that are effective in
killing cancer cells preferentially over normal cells?

Can we economically produce fresh water from sea water for irrigation or consump-
tion?

How can we slow down unfavorable reactions, such as the corrosion of metals, while
speeding up favorable ones, such as the growth of foodstuffs?

Chemistry touches almost every aspect of our lives, our culture, and our environment. Its
scope encompasses the air we breathe, the food we eat, the fluids we drink, our clothing,
dwellings, transportation and fuel supplies, and our fellow creatures.

Chemistry is the science that describes matter—its properties, the changes it un-
dergoes, and the energy changes that accompany those processes.

Matter includes everything that is tangible, from our bodies and the stuff of our every-
day lives to the grandest objects in the universe. Some call chemistry the central science.
It rests on the foundation of mathematics and physics and in turn underlies the life
sciences—biology and medicine. To understand living systems fully, we must first
understand the chemical reactions and chemical influences that operate within them. The
chemicals of our bodies profoundly affect even the personal world of our thoughts and
emotions.

No one can be expert in all aspects of such a broad science as chemistry. Sometimes
we arbitrarily divide the study of chemistry into various branches. Carbon is very versa-
tile in its bonding and behavior and is a key element in many substances that are essen-
tial to life. All living matter contains carbon combined with hydrogen. The chemistry of
compounds of carbon and hydrogen is called organic chemistry. (In the early days of
chemistry, living matter and inanimate matter were believed to be entirely different. We
now know that many of the compounds found in living matter can be made from non-
living, or “inorganic,” sources. Thus, the terms “organic” and “inorganic” have different
meanings than they did originally.) The study of substances that do not contain carbon
combined with hydrogen is called inorganic chemistry. The branch of chemistry that is
concerned with the detection or identification of substances present in a sample (qualita-
tive analysis) or with the amount of each that is present (quantitative analysis) is called
analytical chemistry. Physical chemistry applies the mathematical theories and
methods of physics to the properties of matter and to the study of chemical processes and
the accompanying energy changes. As its name suggests, biochemistry is the study of
the chemistry of processes in living organisms. Such divisions are arbitrary, and most
chemical studies involve more than one of these traditional areas of chemistry. The
principles you will learn in a general chemistry course are the foundation of all branches

of chemistry.

Enormous numbers of chemical

reactions are necessary to produce
a human embryo (here at 10 weeks,
6 cm long).



We might say that we can “touch” air
when it blows in our faces, but we
depend on other evidence to show that
a still body of air fits our definition of
matter.

The term comes from the Greek word
kinein, meaning “to move.” The word
“cinema” is derived from the same
Greek word.
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We understand simple chemical systems well; they lie near chemistry’s fuzzy boundary
with physics. They can often be described exactly by mathematical equations. We fare less
well with more complicated systems. Even where our understanding is fairly thorough,
we must make approximations, and often our knowledge is far from complete. Each year
researchers provide new insights into the nature of matter and its interactions. As chemists
find answers to old questions, they learn to ask new ones. Our scientific knowledge has
been described as an expanding sphere that, as it grows, encounters an ever-enlarging
frontier.

In our search for understanding, we eventually must ask fundamental questions, such
as the following:

How do substances combine to form other substances? How much energy is involved
in changes that we observe?

How is matter constructed in its intimate detail? How are atoms and the ways that they
combine related to the properties of the matter that we can measure, such as color,
hardness, chemical reactivity, and electrical conductivity?

What fundamental factors influence the stability of a substance? How can we force a
desired (but energetically unfavorable) change to take place? What factors control the
rate at which a chemical change takes place?

In your study of chemistry, you will learn about these and many other basic ideas that
chemists have developed to help them describe and understand the behavior of matter.
Along the way, we hope that you come to appreciate the development of this science, one
of the grandest intellectual achievements of human endeavor. You will also learn how to
apply these fundamental principles to solve real problems. One of your major goals in the
study of chemistry should be to develop your ability to think critically and to solve prob-
lems (not just do numerical calculations!). In other words, you need to learn to manipu-
late not only numbers, but also quantitative ideas, words, and concepts.

In the first chapter, our main goals are (1) to begin to get an idea of what chemistry is
about and the ways in which chemists view and describe the material world and (2) to
acquire some skills that are useful and necessary in the understanding of chemistry, its
contribution to science and engineering, and its role in our daily lives.

EE] MATTER AND ENERGY

Matter is anything that has mass and occupies space. Mass is a measure of the quantity
of matter in a sample of any material. The more massive an object is, the more force is
required to put it in motion. All bodies consist of matter. Our senses of sight and touch
usually tell us that an object occupies space. In the case of colorless, odorless, tasteless
gases (such as air), our senses may fail us.

Energy is defined as the capacity to do work or to transfer heat. We are familiar with
many forms of energy, including mechanical energy, light energy, electrical energy, and
heat energy. Light energy from the sun is used by plants as they grow, electrical energy
allows us to light a room by flicking a switch, and heat energy cooks our food and warms
our homes. Energy can be classified into two principal types: kinetic energy and poten-
tial energy.

A body in motion, such as a rolling boulder, possesses energy because of its motion.
Such energy is called kinetic energy. Kinetic energy represents the capacity for doing
work directly. It is easily transferred between objects. Potential energy is the energy an
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object possesses because of its position, condition, or composition. Coal, for example,
possesses chemical energy, a form of potential energy, because of its composition. Many
electrical generating plants burn coal, producing heat, which is converted to electrical
energy. A boulder located atop a mountain possesses potential energy because of its height.
It can roll down the mountainside and convert its potential energy into kinetic energy.
We discuss energy because all chemical processes are accompanied by energy changes. As
some processes occur, energy is released to the surroundings, usually as heat energy. We
call such processes exothermic. Any combustion (burning) reaction is exothermic. Some
chemical reactions and physical changes, however, are endothermic; that is, they absorb
energy from their surroundings. An example of a physical change that is endothermic is
the melting of ice.

The Law of Conservation of Matter

When we burn a sample of metallic magnesium in the air, the magnesium combines with
oxygen from the air (Figure 1-1) to form magnesium oxide, a white powder. This chem-
ical reaction is accompanied by the release of large amounts of heat energy and light
energy. When we weigh the product of the reaction, magnesium oxide, we find that it is
heavier than the original piece of magnesium. The increase in the mass of a solid is due
to the combination of oxygen from the air with magnesium to form magnesium oxide.
Many experiments have shown that the mass of the magnesium oxide is exactly the sum
of the masses of magnesium and oxygen that combined to form it. Similar statements can
be made for all chemical reactions. These observations are summarized in the Law of
Conservation of Matter:

There is no observable change in the quantity of matter during a chemical reaction
or during a physical change.

This statement is an example of a scientific (natural) law, a general statement based on
the observed behavior of matter to which no exceptions are known. A nuclear reaction is
not a chemical reaction.

The Law of Conservation of Energy

In exothermic chemical reactions, chemical energy is usually converted into heat energy.
Some exothermic processes involve other kinds of energy changes. For example, some lib-
erate light energy without heat, and others produce electrical energy without heat or light.
In endothermic reactions, heat energy, light energy, or electrical energy is converted into
chemical energy. Although chemical changes always involve energy changes, some energy
transformations do not involve chemical changes at all. For example, heat energy may be
converted into electrical energy or into mechanical energy without any simultaneous
chemical changes. Many experiments have demonstrated that all of the energy involved
in any chemical or physical change appears in some form after the change. These obser-
vations are summarized in the Law of Conservation of Energy:

Energy cannot be created or destroyed in a chemical reaction or in a physical change.
It can only be converted from one form to another.

Nuclear energy is an important kind of
potential energy.

Figure 1-1 Magnesium burns in
the oxygen of the air to form magne-
sium oxide, a white solid. The mass
of magnesium oxide formed is equal
to the sum of the masses of oxygen
and magnesium that formed it.

Electricity is produced in hydroelectric
plants by the conversion of mechanical
energy (from flowing water) into
electrical energy.



Einstein formulated this equation

in 1905 as a part of his theory of
relativity. Its validity was demonstrated
in 1939 with the first controlled
nuclear reaction.

See the Saunders Interactive
General Chemistry CD-ROM,
Screen 1.3, States of Mattter.

The properties of a person include
height, weight, sex, skin and hair color,
and the many subtle features that
constitute that person’s general
appearance.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 1.2, Physical Properties of
Matter.
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The Law of Conservation of Matter and Energy

With the dawn of the nuclear age in the 1940s, scientists, and then the world, became
aware that matter can be converted into energy. In nuclear reactions (Chapter 26),
matter is transformed into energy. The relationship between matter and energy is given
by Albert Einstein’s now famous equation

E = mdc?

This equation tells us that the amount of energy released when matter is transformed into
energy is the product of the mass of matter transformed and the speed of light squared.
At the present time, we have not (knowingly) observed the transformation of energy into
matter on a large scale. It does, however, happen on an extremely small scale in “atom
smashers,” or particle accelerators, used to induce nuclear reactions. Now that the equiv-
alence of matter and energy is recognized, the Law of Conservation of Matter and
Energy can be stated in a single sentence:

The combined amount of matter and energy in the universe is fixed.

EP®J STATES OF MATTER

Matter can be classified into three states (Figure 1-2), although most of us can think of
examples that do not fit neatly into any of the three categories. In the solid state, sub-
stances are rigid and have definite shapes. Volumes of solids do not vary much with changes
in temperature and pressure. In many solids, called crystalline solids, the individual par-
ticles that make up the solid occupy definite positions in the crystal structure. The strengths
of interaction between the individual particles determine how hard and how strong the
crystals are. In the liquid state, the individual particles are confined to a given volume. A
liquid flows and assumes the shape of its container up to the volume of the liquid. Liquids
are very hard to compress. Gases are much less dense than liquids and solids. They
occupy all parts of any vessel in which they are confined. Gases are capable of infinite
expansion and are compressed easily. We conclude that they consist primarily of empty
space, meaning that the individual particles are quite far apart.

EEJ CHEMICAL AND PHYSICAL PROPERTIES

To distinguish among samples of different kinds of matter, we determine and compare
their properties. We recognize different kinds of matter by their properties, which are
broadly classified into chemical properties and physical properties.

Chemical properties are exhibited by matter as it undergoes changes in composition.
These properties of substances are related to the kinds of chemical changes that the
substances undergo. For instance, we have already described the combination of metallic
magnesium with gaseous oxygen to form magnesium oxide, a white powder. A chemical
property of magnesium is that it can combine with oxygen, releasing energy in the process.
A chemical property of oxygen is that it can combine with magnesium.

All substances also exhibit physical properties that can be observed in the absence of
any change in composition. Color, density, hardness, melting point, boiling point, and elec-
trical and thermal conductivities are physical properties. Some physical properties of a
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Property Solid Liquid

Rigidity Rigid Flows and assumes
shape of container

Expansion Slight Slight

on heating

Compressibility ~ Slight Slight

Figure 1-2 A comparison of some physical properties of the three states of matter.
(Lef?) Iodine, a solid element. (Center) Bromine, a liquid element. (Right) Chlorine, a
gaseous element.

substance depend on the conditions, such as temperature and pressure, under which they
are measured. For instance, water is a solid (ice) at low temperatures but is a liquid at
higher temperatures. At still higher temperatures, it is a gas (steam). As water is converted
from one state to another, its composition is constant. Its chemical properties change very
little. On the other hand, the physical properties of ice, liquid water, and steam are dif-
ferent (Figure 1-3).

Properties of matter can be further classified according to whether or not they depend
on the amount of substance present. The volume and the mass of a sample depend on,
and are directly proportional to, the amount of matter in that sample. Such properties,
which depend on the amount of material examined, are called extensive properties. By
contrast, the color and the melting point of a substance are the same for a small sample
and for a large one. Properties such as these, which are independent of the amount of
material examined, are called intensive properties. All chemical properties are intensive
properties.

Gas

Fills any container
completely

Expands infinitely

Easily compressed

«WW \/lany compilations of chemical
and physical properties of matter can
be found on the World Wide Web. One
site is maintained by the U. S. National
Institute of Standards and Technology
(NIST) at http://webbook.nist.gov
Perhaps you can find other sites.



Figure 1-3 Physical changes that
occur among the three states of
matter. Sublimation is the conversion
of a solid directly to a gas without
passing through the liquid state;

the reverse of that process is called
deposition. The changes shown in
blue are endothermic (absorb heat);
those shown in red are exothermic
(release heat). Water is a substance
that is familiar to us in all three
physical states. The molecules are
close together in the solid and the
liquid but far apart in the gas. The
molecules in the solid are relatively
fixed in position, but those in the
liquid and gas can flow around each

other.
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Solid '||||||“ . Liquid

(a)

(b) (o) (d)

Figure 1-4 Some physical and chemical properties of water. Physical: (a) It melts at 0°C;
(b) it boils at 100°C (at normal atmospheric pressure); (c) it dissolves a wide range of
substances, including copper(Il) sulfate, a blue solid. Chemical: (d) It reacts with sodium
to form hydrogen gas and a solution of sodium hydroxide. The solution contains a little
phenolphthalein, which is pink in the presence of sodium hydroxide.
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WL R BN Physical Properties of a Few Common Substances
(at 1 atm pressure)

Solubility at 25°C

(g/100 g)
Melting Boiling In In ethyl Density

Substance Point (°C) Point (°C) water alcohol (g/cm3)
acetic acid 16.6 118.1 infinite infinite 1.05
benzene 5.5 80.1 0.07 infinite 0.879
bromine =7.1 58.8 3.51 infinite 3.12
iron 1530 3000 insoluble insoluble 7.86
methane —182.5 —161.5 0.0022 0.033 6.67 X 1074
oxygen —218.8 —183.0 0.0040 0.037 1.33 X 1073
sodium chloride 801 1473 36.5 0.065 2.16
water 0 100 — infinite 1.00

Because no two different substances have identical sets of chemical and physical prop-
erties under the same conditions, we are able to identify and distinguish among different
substances. For instance, water is the only clear, colorless liquid that freezes at 0°C, boils
at 100°C at one atmosphere of pressure, dissolves a wide variety of substances (e.g.,
copper(Il) sulfate), and reacts violently with sodium (Figure 1-4). Table 1-1 compares sev-
eral physical properties of a few substances. A sample of any of these substances can be
distinguished from the others by observing their properties.

E®] CHEMICAL AND PHYSICAL CHANGES

We described the reaction of magnesium as it burns in the oxygen of the air (see Figure
1-1). This reaction is a chemical change. In any chemical change, (1) one or more sub-
stances are used up (at least partially), (2) one or more new substances are formed, and
(3) energy is absorbed or released. As substances undergo chemical changes, they demon-
strate their chemical properties. A physical change, on the other hand, occurs with no
change in chemical composition. Physical properties are usually altered significantly as
matter undergoes physical changes (Figure 1-3). In addition, a physical change may
suggest that a chemical change has also taken place. For instance, a color change, a
warming, or the formation of a solid when two solutions are mixed could indicate a
chemical change.

Energy is always released or absorbed when chemical or physical changes occur. Energy
is required to melt ice, and energy is required to boil water. Conversely, the condensa-
tion of steam to form liquid water always liberates energy, as does the freezing of liquid

One atmosphere of pressure is the
average atmospheric pressure at
sea level.

* See the Saunders Interactive
General Chemistry CD-ROM,
Screens 1.11, Chemical Change,

and 1.12, Chemical Change on the
Molecular Scale.



By “composition of a mixture,” we
mean both the identities of the
substances present and their relative
amounts in the mixture.

The blue copper(IT) sulfate solution in

Figure 1-4c¢ is a homogeneous mixture.
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Figure 1-5 Changes in energy that accompany some physical changes for water. The
energy unit joules (J) is defined in Section 1-13.

water to form ice. The changes in energy that accompany these physical changes for wa-
ter are shown in Figure 1-5. At a pressure of one atmosphere, ice always melts at the same
temperature (0°C), and pure water always boils at the same temperature (100°C).

EE] MIXTURES, SUBSTANCES, COMPOUNDS, AND ELEMENTS

Mixtures are combinations of two or more pure substances in which each substance re-
tains its own composition and properties. Almost every sample of matter that we ordi-
narily encounter is a mixture. The most easily recognized type of mixture is one in which
different portions of the sample have recognizably different properties. Such a mixture,
which is not uniform throughout, is called heterogeneous. Examples include mixtures of
salt and charcoal (in which two components with different colors can be distinguished
readily from each other by sight), foggy air (which includes a suspended mist of water
droplets), and vegetable soup. Another kind of mixture has uniform properties through-
out; such a mixture is described as a homogeneous mixture and is also called a
solution. Examples include salt water; some a/loys, which are homogeneous mixtures of
metals in the solid state; and air (free of particulate matter or mists). Air is a mixture of
gases. It is mainly nitrogen, oxygen, argon, carbon dioxide, and water vapor. There are
only trace amounts of other substances in the atmosphere.

An important characteristic of all mixtures is that they can have variable composition.
(For instance, we can make an infinite number of different mixtures of salt and sugar by
varying the relative amounts of the two components used.) Consequently, repeating the
same experiment on mixtures from different sources may give different results, whereas
the same treatment of a pure sample will always give the same results. When the distinc-
tion between homogeneous mixtures and pure substances was realized and methods were
developed (in the late 1700s) for separating mixtures and studying pure substances, con-
sistent results could be obtained. This resulted in reproducible chemical properties, which
formed the basis of real progress in the development of chemical theory.

A heterogeneous mixture of two minerals: galena (black) and quartz (white).
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HEMISTRY IN USE

The Development of Science

The Resources of the Ocean

As is apparent to anyone who has swum in the ocean, sea
water is not pure water but contains a large amount of dis-
solved solids. In fact, each cubic kilometer of seawater
contains about 3.6 X 1010 kilograms of dissolved solids.
Nearly 71% of the earth’s surface is covered with water. The
oceans cover an area of 361 million square kilometers at an
average depth of 3729 meters, and hold approximately 1.35
billion cubic kilometers of water. This means that the oceans
contain a total of more than 4.8 X 1021 kilograms of dissolved
material (or more than 100,000,000,000,000,000,000
pounds). Rivers flowing into the oceans and submarine vol-
canoes constantly add to this storehouse of minerals. The
formation of sediment and the biological demands of organ-
isms constantly remove a similar amount.

Sea water is a very complicated solution of many
substances. The main dissolved component of sea water is
sodium chloride, common salt. Besides sodium and chlorine,
the main elements in sea water are magnesium, sulfur,
calcium, potassium, bromine, carbon, nitrogen, and stron-
tium. Together these 10 elements make up more than 99%
of the dissolved materials in the oceans. In addition to sodium
chloride, they combine to form such compounds as magne-
sium chloride, potassium sulfate, and calcium carbonate
(lime). Animals absorb the latter from the sea and build it
into bones and shells.

Many other substances exist in smaller amounts in sea
water. In fact, most of the 92 naturally occurring elements
have been measured or detected in sea water, and the remain-
der will probably be found as more sensitive analytical
techniques become available. There are staggering amounts
of valuable metals in sea water, including approximately 1.3 X
10! kilograms of copper, 4.2 X 10'2 kilograms of uranium,
5.3 X 10? kilograms of gold, 2.6 X 10? kilograms of silver,
and 6.6 X 108 kilograms of lead. Other elements of economic
importance include 2.6 X 1012 kilograms of aluminum, 1.3 X
1010 kilograms of tin, 26 X 10! kilograms of manganese, and
4.0 X 1010 kilograms of mercury.

One would think that with such a large reservoir of dis-
solved solids, considerabe “chemical mining” of the ocean
would occur. At present, only four elements are commercially
extracted in large quantities. They are sodium and chlorine,
which are produced from the sea by solar evaporation; mag-
nesium; and bromine. In fact, most of the U. S. production

of magnesium is derived from sea water, and the ocean is one
of the principal sources of bromine. Most of the other ele-
ments are so thinly scattered through the ocean that the cost
of their recovery would be much higher than their economic
value. However, it is probable that as resources become more
and more depleted from the continents, and as recovery tech-
niques become more efficient, mining of sea water will
become a much more desirable and feasible prospect.

One promising method of extracting elements from sea
water uses marine organisms. Many marine animals concen-
trate certain elements in their bodies at levels many times
higher than the levels in sea water. Vanadium, for example,
is taken up by the mucus of certain tunicates and can be con-
centrated in these animals to more than 280,000 times its
concentration in sea water. Other marine organisms can con-
centrate copper and zinc by a factor of about 1 million. If
these animals could be cultivated in large quantities without
endangering the ocean ecosystem, they could become a valu-
able source of trace metals.

In addition to dissolved materials, sea water holds a great
store of suspended particulate matter that floats through the
water. Some 15% of the manganese in sea water is present
in particulate form, as are appreciable amounts of lead and
iron. Similarly, most of the gold in sea water is thought to
adhere to the surfaces of clay minerals in suspension. As in
the case of dissolved solids, the economics of filtering these
very fine particles from sea water are not favorable at pre-
sent. However, because many of the particles suspended in
sea water carry an electric charge, ion exchange techniques
and modifications of electrostatic processes may someday
provide important methods for the recovery of trace metals.
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See the Saunders Interactive

General Chemistry CD-ROM,
Screen 1.13, Mixtures and Pure
Substances.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 1.14, Separation of Mixtures.
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(b)

Figure 1-6 (a) A mixture of iron and sulfur is a heterogeneous mixture. (b) Like any mixture,
it can be separated by physical means, such as removing the iron with a magnet.

Mixtures can be separated by physical means because each component retains its prop-
erties (Figures 1-6 and 1-7). For example, a mixture of salt and water can be separated by
evaporating the water and leaving the solid salt behind. To separate a mixture of sand and
salt, we could treat it with water to dissolve the salt, collect the sand by filtration, and
then evaporate the water to reclaim the solid salt. Very fine iron powder can be mixed
with powdered sulfur to give what appears to the naked eye to be a homogeneous mix-
ture of the two. Separation of the components of this mixture is easy, however. The iron
may be removed by a magnet, or the sulfur may be dissolved in carbon disulfide, which
does not dissolve iron (Figure 1-6).

MATTER
Everything that has mass

MIXTURES

« Variable composition

* Components retain their characteristic properties
* May be separated into pure substances by physical methods

» Mixtures of different compositions may have widely

PURE SUBSTANCES
« Fixed composition

* Cannot be separated into simpler substances by
physical methods

+ Can only be changed in identity and properties by
chemical methods

Physical
changes

different properties « Properties do not vary
HOMOGENEOUS MIXTURES HETEROGENEOUS COMPOUNDS ELEMENTS
MIXTURES . i .
» Have same composition throughout C;an be decomposed into Cannot be .
* Do not have same composition simpler substances by > »| decomposed into

» Components are indistinguishable

* Components are distinguishable

throughout simpler substances by

chemical changes

chemical changes, always X
. Al chang Y Chemical
in a definite ratio

changes

Figure 1-7 One scheme for classification of matter. Arrows indicate the general means by
which matter can be separated.
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In any mixture, (1) the composition can be varied and (2) each component of the
mixture retains its own properties.

Imagine that we have a sample of muddy river water (a heterogeneous mixture). We
might first separate the suspended dirt from the liquid by filtration. Then we could re-
move dissolved air by warming the water. Dissolved solids might be removed by cooling
the sample until some of it freezes, pouring off the liquid, and then melting the ice. Other
dissolved components might be separated by distillation or other methods. Eventually we
would obtain a sample of pure water that could not be further separated by any physical
separation methods. No matter what the original source of the impure water—the ocean,
the Mississippi River, a can of tomato juice, and so on—water samples obtained by pu-
rification all have identical composition, and, under identical conditions, they all have
identical properties. Any such sample is called a substance, or sometimes a pure substance.

A substance cannot be further broken down or purified by physical means. A sub-
stance is matter of a particular kind. Each substance has its own characteristic prop-
erties that are different from the set of properties of any other substance.

Now suppose we decompose some water by passing electricity through it (Figure
1-8). (An electrolysis process is a chemical reaction.) We find that the water is converted
into two simpler substances, hydrogen and oxygen; more significantly, hydrogen and

° 2
. hydrogen .J" B
® o
29 o 2 2

. — o
oxygen - £ \ 3

13

The first ice that forms is quite pure.
The dissolved solids tend to stay
behind in the remaining liquid.

If we use the definition given here of a
substance, the phrase pure substance may
appear to be redundant.

Figure 1-8 Electrolysis

apparatus for small-scale chemical
decomposition of water by electrical
energy. The volume of hydrogen
produced (right) is twice that of
oxygen (lef?). Some dilute sulfuric
acid is added to increase the
conductivity.
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oxygen are always present in the same ratio by mass, 11.1% to 88.9%. These observations
allow us to identify water as a compound.

A compound is a substance that can be decomposed by chemical means into sim-
pler substances, always in the same ratio by mass.

As we continue this process, starting with any substance, we eventually reach a stage
at which the new substances formed cannot be further broken down by chemical means.
The substances at the end of this chain are called elements.

An element is a substance that cannot be decomposed into simpler substances by
chemical changes.

For instance, neither of the two gases obtained by the electrolysis of water—hydrogen
and oxygen—can be further decomposed, so we know that they are elements.

As another illustration (Figure 1-9), pure calcium carbonate (a white solid present in
limestone and seashells) can be broken down by heating to give another white solid (call
it A) and a gas (call it B) in the mass ratio 56.0:44.0. This observation tells us that cal-
cium carbonate is a compound. The white solid A obtained from calcium carbonate can
be further broken down into a solid and a gas in a definite ratio by mass, 71.5:28.5. But
neither of these can be further decomposed, so they must be elements. The gas is iden-
tical to the oxygen obtained from the electrolysis of water; the solid is a metallic element
called calcium. Similarly, the gas B, originally obtained from calcium carbonate, can be
decomposed into two elements, carbon and oxygen, in a fixed mass ratio, 27.3:72.7. This
sequence illustrates that a compound can be broken apart into simpler substances at a
fixed mass ratio; those simpler substances may be either elements or simpler compounds.

pure calcium carbonate

56.0% by mass i 44.0% by mass

white solid A gas B
71.5% 28.5% 27.3% 72.7%
by mass Y by mass by mass b by mass
Y Y Y Y
calcium oxygen carbon oxygen

Figure 1-9 Diagram of the decomposition of calcium carbonate to give a white solid A
(56.0% by mass) and a gas B (44.0% by mass). This decomposition into simpler substances
at a fixed ratio proves that calcium carbonate is a compound. The white solid A further
decomposes to give the elements calcium (71.5% by mass) and oxygen (28.5% by mass).
This proves that the white solid A is a compound; it is known as calcium oxide. The gas B
also can be broken down to give the elements carbon (27.3% by mass) and oxygen (72.7%
by mass). This establishes that gas B is a compound; it is known as carbon dioxide.



1-5 Mixtures, Substances, Compounds, and Elements

Furthermore, we may say that a compound is a pure substance consisting of two or more dif-
ferent elements in a fixed ratio. Water is 11.1% hydrogen and 88.9% oxygen by mass.
Similarly, carbon dioxide is 27.3% carbon and 72.7% oxygen by mass, and calcium oxide
(the white solid A in the previous discussion) is 71.5% calcium and 28.5% oxygen by mass.
We could also combine the numbers in the previous paragraph to show that calcium car-
bonate is 40.1% calcium, 12.0% carbon, and 47.9% oxygen by mass. Observations such
as these on innumerable pure compounds led to the statement of the Law of Definite
Proportions (also known as the Law of Constant Composition):

Different samples of any pure compound contain the same elements in the same
proportions by mass.

The physical and chemical properties of a compound are different from the properties
of its constituent elements. Sodium chloride is a white solid that we ordinarily use as table
salt (Figure 1-10). This compound is formed by the combination of the element sodium
(a soft, silvery white metal that reacts violently with water; see Figure 1-4d) and the ele-
ment chlorine (a pale green, corrosive, poisonous gas; see Figure 1-2c¢).

Recall that elements are substances that cannot be decomposed into simpler substances
by chemical changes. Nitrogen, silver, aluminum, copper, gold, and sulfur are other ex-
amples of elements.

We use a set of symbols to represent the elements. These symbols can be written more
quickly than names, and they occupy less space. The symbols for the first 109 elements
consist of either a capital letter o7 a capital letter and a lowercase letter, such as C (carbon)
or Ca (calcium). A list of the known elements and their symbols is given inside the front
cover.

In the past, the discoverers of elements claimed the right to name them (see the essay
“The Names of the Elements” on page 68), although the question of who had actually
discovered the elements first was sometimes disputed. In modern times, new elements are
given temporary names and three-letter symbols based on a numerical system. These
designations are used until the question of the right to name the newly discovered
elements is resolved. Decisions resolving the names of elements 104 through 109 were
announced in 1997 by the International Union of Pure and Applied Chemistry (IUPAC),
an international organization that represents chemical societies from 40 countries.
IUPAC makes recommendations regarding many matters of convention and terminology
in chemistry. These recommendations carry no legal force, but they are normally viewed
as authoritative throughout the world.

A short list of symbols of common elements is given in Table 1-2. Learning this list
will be helpful. Many symbols consist of the first one or two letters of the element’s English
name. Some are derived from the element’s Latin name (indicated in parentheses in Table
1-2) and one, W for tungsten, is from the German Wolfram. Names and symbols for
additional elements should be learned as they are encountered.

Most of the earth’s crust is made up of a relatively small number of elements. Only 10
of the 88 naturally occurring elements make up more than 99% by mass of the earth’s
crust, oceans, and atmosphere (Table 1-3). Oxygen accounts for roughly half. Relatively
few elements, approximately one fourth of the naturally occurring ones, occur in nature
as free elements. The rest are always found chemically combined with other elements.

A very small amount of the matter in the earth’s crust, oceans, and atmosphere is
involved in living matter. The main element in living matter is carbon, but only a tiny
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Figure 1-10 'The reaction of
sodium, a solid element, and
chlorine, a gaseous element, to
produce sodium chloride (table salt).
This reaction gives off considerable
energy in the form of heat and light.

The other known elements have been
made artificially in laboratories, as
described in Chapter 26.
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Symbol Element Symbol Element Symbol Element

Ag  silver (argentum) F fluorine Ni  nickel

Al aluminum Fe iron (ferrum) (0] oxygen

Au  gold (aurum) H hydrogen P phosphorus

B boron He  helium Pb  lead (plumbum)

Ba  barium Hg  mercury (bydrargyrum) Pt platinum

Bi bismuth I iodine S sulfur

Br bromine K potassium (kaliumnz) Sb antimony (stibium)
Mercury is the only metal thatis a C carbon Kr  krypton Si silicon
liquid at room temperature. Ca calcium Li lithium Sn tin (stannum)

Cd  cadmium Mg  magnesium Sr strontium

Cl chlorine Mn  manganese Ti titanium

Co  cobalt N nitrogen U uranium

Cr chromium Na  sodium (natrium) W tungsten (Wolfram)

Cu  copper (cuprum) Ne  neon Zn  zinc

LIRS BER Abundance of Elements in the Earth’s Crust, Oceans,

and Atmosphere
Element Symbol % by Mass Element Symbol % by Mass
oxygen (0] 49.5% | chlorine Cl 0.19% |
silicon Si 25.7 phosphorus P 0.12
The stable fqrm Ofl.s(ljﬂfur atroom aluminum Al 7.5 manganese Mn 0.09
temperature 15 a solid. iron Fe 4.7 carbon C 0.08
calcium Ca 3.4 o sulfur S 0.06 o
sodium Na 2.6 99.2% barium Ba 0.04 0-7%
potassium K 2.4 chromium Cr 0.033
magnesium Mg 1.9 nitrogen N 0.030
hydrogen H 0.87 fluorine F 0.027
titanium Ti 0.58 | zirconium Zr 0.023 |
All others combined ~0.1%

fraction of the carbon in the environment occurs in living organisms. More than one
quarter of the total mass of the earth’s crust, oceans, and atmosphere is made up of
silicon, yet it has almost no biological role.

E¥J MEASUREMENTS IN CHEMISTRY

In the next section, we introduce the standards for basic units of measurement. These
standards were selected because they allow us to make precise measurements and because
they are reproducible and unchanging. The values of fundamental units are arbitrary.! In

LPrior to the establishment of the National Bureau of Standards in 1901, at least 50 different distances bad been
used as “1 foot” in measuring land within New York City. Thus the size of a 100-ft by 200-ft lot in New York City
depended on the generosity of the seller and did not necessarily represent the expected dimensions.
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WLCILSN RS The Seven Fundamental
Units of Measurement (SI)

Physical Property Name of Unit Symbol
length meter m
mass kilogram kg
time second s
electric current ampere A
temperature kelvin K
luminous intensity candela cd
amount of substance mole mol

the United States, all units of measure are set by the National Institute of Standards and
Technology, NIST (formerly the National Bureau of Standards, NBS). Measurements in
the scientific world are usually expressed in the units of the metric system or its mod-
ernized successor, the International System of Units (SI). The SI, adopted by the National
Bureau of Standards in 1964, is based on the seven fundamental units listed in Table 1-4.
All other units of measurement are derived from them.

In this text we shall use both metric units and SI units. Conversions between non-SI
and SI units are usually straightforward. Appendix C lists some important units of
measurement and their relationships to one another. Appendix D lists several useful
physical constants. The most frequently used of these appear on the inside back
cover.

The metric and SI systems are decimal systems, in which prefixes are used to indicate frac-
tions and multiples of ten. The same prefixes are used with all units of measurement. The
distances and masses in Table 1-5 illustrate the use of some common prefixes and the
relationships among them.

1R B Common Prefixes Used in the SI and Metric Systems

Prefix Abbreviation Meaning Example

mega- M 106 1 megameter (Mm) = 1 X 105 m
kilo-* k 103 1 kilometer (km) =1 X 103> m
deci- d 101 1 decimeter (dm) =1 X 10~! m
centi-* c 1072 1 centimeter (cm) =1 X 1072 m
milli-* m 103 1 milligram (mg) =1 X 1073 g
micro-* ut 1076 1 microgram (ug) =1 X 1076 g
nano-* n 1079 1 nanogram (ng) = 1 X 107% g
pico- p 10712 1 picogram (pg) = 1 X 10712 g

*These prefixes are commonly used in chemistry.

TThis is the Greek letter . (pronounced “mew”).
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The abbreviation SI comes from the
French Je Systeme International.

* See the Saunders Interactive
General Chemistry CD-ROM,

Screen 1.16, The Metric System.

The prefixes used in the SI and

metric systems may be thought of as
multipliers. For example, the prefix kilo-
indicates multiplication by 1000 or
103, and milli- indicates multiplication
by 0.001 or 1073.
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GRS Some SI Units
of Mass

kilogram, kg base unit

gram, g 1,000 g =1 kg
mifligram, mg 1,000 mg=1g¢g
microgram, ug 1,000,000 ug=1g

The meter was originally defined
(1791) as one ten-millionth of the
distance between the North Pole
and the equator.

CHAPTER 1: The Foundations of Chemistry

1 EV4 UNITS OF MEASUREMENT

Mass and Weight

We distinguish between mass and weight. Mass is the measure of the quantity of matter
a body contains (see Section 1-1). The mass of a body does not vary as its position changes.
On the other hand, the weight of a body is a measure of the gravitational attraction of
the earth for the body, and this varies with distance from the center of the earth. An ob-
ject weighs very slightly less high up on a mountain than at the bottom of a deep valley.
Because the mass of a body does not vary with its position, the mass of a body is a more
fundamental property than its weight. We have become accustomed, however, to using
the term “weight” when we mean mass, because weighing is one way of measuring mass
(Figure 1-11). Because we usually discuss chemical reactions at constant gravity, weight
relationships are just as valid as mass relationships. Nevertheless, we should keep in mind
that the two are not identical.

The basic unit of mass in the SI system is the kilogram (Table 1-6). The kilogram is
defined as the mass of a platinum—iridium cylinder stored in a vault in Sévres, near Paris,
France. A 1-1b object has a mass of 0.4536 kg. The basic mass unit in the earlier metric
systern was the gram. A U.S. five-cent coin (a “nickel”) has a mass of about 5 g.

Length

The meter is the standard unit of length (distance) in both SI and metric systems. The
meter is defined as the distance light travels in a vacuum in 1/299,792,468 second. It is
approximately 39.37 inches. In situations in which the English system would use inches,
the metric centimeter (1/100 meter) is convenient. The relationship between inches and
centimeters is shown in Figure 1-12.

(b)

©

Figure 1-11 ‘Three types of laboratory balances. (a) A triple-beam balance used for
determining mass to about £0.01 g. (b) A modern electronic top-loading balance that gives
a direct readout of mass to +0.001 g. (c) A modern analytical balance that can be used to
determine mass to +0.0001 g. Analytical balances are used when masses must be determined
as precisely as possible.



1-7 Units of Measurement

FHETTTTFHTER R
4 5 8

g ) - E sy
LI|III|!lIII|I|II|1IIIEIIII|||II|||iIEI|I||II|ﬁIIﬂIHIf
LU U
(1] L] 1 2

HELIX .
Sl trl £l Zl kL ]9 B
e

Figure 1-12 'The relationship between inches and centimeters: 1 in. = 2.54 cm (exactly).

Volume

Volumes are often measured in liters or milliliters in the metric system. One liter (1 L)
is one cubic decimeter (1 dm3), or 1000 cubic centimeters (1000 cm3). One milliliter
(1 mL) is 1 cm3. In medical laboratories, the cubic centimeter (cm?) is often abbreviated
cc. In the SI, the cubic meter is the basic volume unit and the cubic decimeter replaces
the metric unit, liter. Different kinds of glassware are used to measure the volume of liq-
uids. The one we choose depends on the accuracy we desire. For example, the volume of
a liquid dispensed can be measured more accurately with a buret than with a small grad-
uated cylinder (Figure 1-13). Equivalences between common English units and metric
units are summarized in Table 1-7.

Sometimes we must combine two or more units to describe a quantity. For instance,
we might express the speed of a car as 60 mi/h (also mph). Recall that the algebraic
notation x~! means 1/x; applying this notation to units, we see that h™! means 1/h, or
“per hour.” So the unit of speed could also be expressed as mi-h~1.

LRV Conversion Factors Relating Length, Volume, and Mass (weight) Units
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Figure 1-13 Some laboratory
apparatus used to measure volumes
of liquids: 150-mL beaker (borzom
left, green liquid); 25-mL buret (zop
left, red); 1000-mL volumetric flask
(center, yellow); 100-mL graduated
cylinder (right front, blue); and 10-
mL volumetric pipet (right rear,
green).

Metric English Metric-English Equivalents

Length 1 km =103 m 1ft =12 in. 2.54 cm = 1in.

1 cm =102 m 1yd =3 ft 39.37 in* =1m

1 mm =103 m 1 mile = 5280 ft 1.609 km* = 1 mile

1 nm =10"m

1A =10"10m
Volume 1 mL =lcem3=10731L 1 gal =4qt=8pt 1L = 1.057 qt*

1 m? =100cm? =10 L 1 qt = 57.75 in.3* 2832 L =11
Mass 1 kg =103 g 11b =16 oz 453.6 g* =11

1 mg =103 ¢ lg =0.03527 oz*

1 metric tonne = 103 kg 1 short ton = 2000 Ib 1 metric tonne = 1.102 short ton*

*These conversion factors, unlike the others listed, are inexact. They are quoted to four significant figures, which is ordinarily more than sufficient.
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See the Saunders Interactive

General Chemistry CD-ROM,
Screen 1.17, Using Numerical
Information.

In exponential form, these numbers
are

6.02 X 1023 gold atoms

3.27 X 10722 gram

CHAPTER 1: The Foundations of Chemistry

EE] USE OF NUMBERS

In chemistry, we measure and calculate many things, so we must be sure we understand
how to use numbers. In this section we discuss two aspects of the use of numbers: (1) the
notation of very large and very small numbers and (2) an indication of how well we
actually know the numbers we are using. You will carry out many calculations with cal-
culators. Please refer to Appendix A for some instructions about the use of electronic
calculators.

Scientific Notation

We use scientific notation when we deal with very large and very small numbers. For
example, 197 grams of gold contains approximately

602,000,000,000,000,000,000,000 gold atoms
The mass of one gold atom is approximately

0.000 000 000 000 000 000 000 327 gram

In using such large and small numbers, it is inconvenient to write down all the zeroes. In
scientific (exponential) notation, we place one nonzero digit to the left of the decimal.

4,300,000, = 4.3 X 106
N~
6 places to the left, .". exponent of 10 is 6
0.000348 = 3.48 X 10~#
N
4 places to the right, .". exponent of 10 is —4

The reverse process converts numbers from exponential to decimal form. See Appendix
A for more detail, if necessary.

/ Problem-Solving Tip: Know How to Use Your Calculator

Students sometimes make mistakes when they try to enter numbers into their calcula-
tors in scientific notation. Suppose you want to enter the number 4.36 X 1072, On most
calculators, you would

(1) press 4.36

(2) press EE or EXP, which stands for “times ten to the”

(3) press 2 (the magnitude of the exponent) and then * or CHS (to change its sign)
The calculator display might show the value as | 4.36 =02 | or as |0.0436 | Different

calculators show different numbers of digits, which can sometimes be adjusted.
If you wished to enter —4.36 X 107, you would

(1) press 4.36, then press = or CHS to change its sign,
(2) press EE or EXP, and then press 2

The calculator would then show| 436 02 |or| —436.0 |
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Caution: Be sure you remember that the EE or EXP button includes the “times 10”
operation. An error that beginners often make is to enter “ X 10” explicitly when trying
to enter a number in scientific notation. Suppose you mistakenly enter 3.7 X 102 as fol-
lows:

(1) enter 3.7
(2) press X and then enter 10
(3) press EXP or EE and then enter 2

The calculator then shows the result as 3.7 X 103 or 3700—why? This sequence is
processed by the calculator as follows: Step (1) enters the number 3.7; step (2) multiplies
by 10, to give 37; step (3) multiplies this by 102, to give 37 X 10% or 3.7 X 103.

Other common errors include changing the sign of the exponent when the intent was
to change the sign of the entire number (e.g., —3.48 X 10* entered as 3.48 X 10~%).

When in doubt, carry out a trial calculation for which you already know the answer.
For instance, multiply 300 by 2 by entering the first value as 3.00 X 102 and then mul-
tiplying by 2; you know the answer should be 600, and if you get any other answer, you
know you have done something wrong. If you cannot find (or understand) the printed
instructions for your calculator; your instructor or a classmate might be able to help.

Significant Figures

There are two kinds of numbers. Numbers obtained by counting or from definitions are exact  An exact number may be thought of
numbers. They are known to be absolutely accurate. For example, the exact number of  as containing an infinite number of
people in a closed room can be counted, and there is no doubt about the number of peo- ~ significant figures.

ple. A dozen eggs is defined as exactly 12 eggs, no more, no fewer (Figure 1-14).

(b)

Figure 1-14 (a) A dozen eggs is exactly 12 eggs. (b) A specific swarm of honeybees
contains an exact number of live bees (but it would be difficult to count them, and any
two swarms would be unlikely to contain the same exact number of bees).
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There is some uncertainty in all
measurements.

Significant figures indicate the
uncertainty in measurements.

CHAPTER 1: The Foundations of Chemistry

Numbers obtained from measurements are not exact. Every measurement involves an es-
timate. For example, suppose you are asked to measure the length of this page to the near-
est 0.1 mm. How do you do it? The smallest divisions (calibration lines) on a meter stick
are 1 mm apart (see Figure 1-12). An attempt to measure to 0.1 mm requires estimation.
If three different people measure the length of the page to 0.1 mm, will they get the same
answer? Probably not. We deal with this problem by using significant figures.

Significant figures are digits believed to be correct by the person who makes a mea-
surement. We assume that the person is competent to use the measuring device. Suppose
one measures a distance with a meter stick and reports the distance as 343.5 mm. What
does this number mean? In this person’s judgment, the distance is greater than 343.4 mm
but less than 343.6 mm, and the best estimate is 343.5 mm. The number 343.5 mm con-
tains four significant figures. The last digit, 5, is a best estimate and is therefore doubtful,
but it is considered to be a significant figure. In reporting numbers obtained from
measurements, we report one estimated digit, and no more. Because the person making the
measurement is not certain that the 5 is correct, it would be meaningless to report the
distance as 343.53 mm.

To see more clearly the part significant figures play in reporting the results of mea-
surements, consider Figure 1-15a. Graduated cylinders are used to measure volumes of
liquids when a high degree of accuracy is not necessary. The calibration lines on a 50-mL
graduated cylinder represent 1-mL increments. Estimation of the volume of liquid in a
50-mL cylinder to within 0.2 mL (% of one calibration increment) with reasonable cer-
tainty is possible. We might measure a volume of liquid in such a cylinder and report the
volume as 38.6 mL, that is, to three significant figures.

50| —38]]
—_— Read as —_ |
_ 38.57mL ) [—
- —39-
AL e==== il()_-“ Read as —
— 38.6 mL —
— ——40-
30 —
Grac.luated Buret
cylinder
(a) (b)

Figure 1-15 Measurement of the volume of water using two types of volumetric glassware.
For consistency, we always read the bottom of the meniscus (the curved surface of the
water). (a) A graduated cylinder is used to measure the amount of liquid contained in the
glassware, so the scale increases from bottom to top. The level in a 50-mL graduated
cylinder can usually be estimated to within 0.2 mL. The level here is 38.6 mL (three
significant figures). (b) We use a buret to measure the amount of liquid delivered from

the glassware, by taking the difference between an initial and a final volume reading. The
level in a 50-mL buret can be read to within 0.02 mL. The level here is 38.57 mL (four
significant figures).
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Burets are used to measure volumes of liquids when higher accuracy is required. The
calibration lines on a 50-mL buret represent 0.1-mL increments, allowing us to make
estimates to within 0.02 mL (% of one calibration increment) with reasonable certainty
(Figure 1-15b). Experienced individuals estimate volumes in 50-mL burets to 0.01 mL
with considerable reproducibility. For example, using a 50-mL buret, we can measure out
38.57 mL (four significant figures) of liquid with reasonable accuracy.

Accuracy refers to how closely a measured value agrees with the correct value.
Precision refers to how closely individual measurements agree with one another. Ideally,
all measurements should be both accurate and precise. Measurements may be quite pre-
cise yet quite inaccurate because of some systematic error; which is an error repeated in
each measurement. (A faulty balance, for example, might produce a systematic error.) Very
accurate measurements are seldom imprecise.

Measurements are frequently repeated to improve accuracy and precision. Average
values obtained from several measurements are usually more reliable than individual
measurements. Significant figures indicate how precisely measurements have been made
(assuming the person who made the measurements was competent).

Some simple rules govern the use of significant figures.

1. Nonzero digits are always significant.
For example, 38.57 mL has four significant figures; 288 g has three significant figures.

2. Zeroes are sometimes significant, and sometimes they are not.

a. Zeroes at the beginning of a number (used just to position the decimal point)
are never significant.

For example, 0.052 g has two significant figures; 0.00364 m has three significant figures.
These could also be reported in scientific notation (Appendix A) as 5.2 X 1072 g and
3.64 X 1073 m, respectively.

b. Zeroes between nonzero digits are always significant.
For example, 2007 g has four significant figures; 6.08 km has three significant figures.

c. Zeroes at the end of a number that contains a decimal point are always sig-
nificant.

For example, 38.0 cm has three significant figures; 440.0 m has four significant figures.
These could also be reported as 3.80 X 10! ¢cm and 4.400 X 102 m, respectively.

d. Zeroes at the end of a number that does not contain a decimal point may or
may not be significant.

23
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When we wish to specify that all of
the zeroes in such a number are
significant, we may indicate this by
placing a decimal point after the
number. For instance, 130. grams
can represent a mass known to rhree
significant figures, that is, 130 = 1
gram.

Doubtful digits are underlined in this
example.

CHAPTER 1: The Foundations of Chemistry

For example, the quantity 24,300 km could represent three, four, or five significant fig-
ures. We are given insufficient information to answer the question. If both of the zeroes
are used just to place the decimal point, the number should appear as 2.43 X 10* km (three
significant figures). If only one of the zeroes is used to place the decimal point (i.e., the
number was measured =10), the number is 2.430 X 10* km (four significant figures). If
the number is actually known to be 24,300 = 1, it should be written as 2.4300 X 10* km
(five significant figures).

3. Exact numbers can be considered as having an unlimited number of significant
figures. This applies to defined quantities.

For example, in the equivalence 1 yard = 3 feet, the numbers 1 and 3 are exact, and
we do not apply the rules of significant figures to them. The equivalence 1 inch = 2.54
centimeters is an exact one.

A calculated number can never be more precise than the numbers used to calculate it.
The following rules show how to get the number of significant figures in a calculated
number.

4. In addition and subtraction, the last digit retained in the sum or difference is de-
termined by the position of the first doubtful digit.

EXAMPLE 1-1  Significant Figures (Addition and Subtraction)
(a) Add 37.24 mL and 10.3 mL. (b) Subtract 21.2342 g from 27.87 g.

Plan

We first check to see that the quantities to be added or subtracted are expressed in the same
units. We carry out the addition or subtraction. Then we follow Rule 4 for significant figures
to express the answer to the correct number of significant figures.

Solution
(@) 37.24 mL
+10.3 mL
47.54 mL is reported as 47.5 mL (calculator gives 47.54)
(b) 2787 g
—21.2342¢g

6.6358g is reported as 6.64 g (calculator gives 6.6358)

5. In multiplication and division, an answer contains no more significant figures
than the least number of significant figures used in the operation.
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EXAMPLE 1-2  Significant Figures (Multiplication)
What is the area of a rectangle 1.23 cm wide and 12.34 cm long?

Plan

The area of a rectangle is its length times its width. We must first check to see that the width
and length are expressed in the same units. (They are, but if they were not, we must first con-
vert one to the units of the other.) Then we multiply the width by the length. We then follow
Rule 5 for significant figures to find the correct number of significant figures. The units for
the result are equal to the product of the units for the individual terms in the multiplication.

Solution
A=4€Xw= (1234 cm)(1.23 cm) = 15.2 cm?
(calculator result = 15.1782)

Because three is the smallest number of significant figures used, the answer should contain only
three significant figures. The number generated by an electronic calculator (15.1782) implies
more accuracy than is justified; the result cannot be more accurate than the information that
led to it. Calculators have no judgment, so you must exercise yours.

You should now work Exercise 27.

The step-by-step calculation in the margin demonstrates why the area is reported as
15.2 cm? rather than 15.1782 cm?. The length, 12.34 cm, contains four significant fig-
ures, whereas the width, 1.23 cm, contains only three. If we underline each uncertain fig-
ure, as well as each figure obtained from an uncertain figure, the step-by-step multipli-
cation gives the result reported in Example 1-2. We see that there are only two certain
figures (15) in the result. We report the first doubtful figure (.2), but no more. Division
is just the reverse of multiplication, and the same rules apply.

In the three simple arithmetic operations we have performed, the number combina-
tion generated by an electronic calculator is not the “answer” in a single case! The cor-
rect result of each calculation, however, can be obtained by “rounding off.” The rules of
significant figures tell us where to round off.

In rounding off, certain conventions have been adopted. When the number to be
dropped is less than 5, the preceding number is left unchanged (e.g., 7.34 rounds off to
7.3). When it is more than 5, the preceding number is increased by 1 (e.g., 7.37 rounds
off to 7.4). When the number to be dropped is 5, the preceding number is set to the near-
est even number (e.g., 7.45 rounds off to 7.4, and 7.35 rounds off to 7.4).

/Problem-SoIving Tip: When Do We Round?

When a calculation involves several steps, we often show the answer to each step to the
correct number of significant figures. We carry all digits in the calculator to the end of
the calculation, however. Then we round the final answer to the appropriate number of
significant figures. When carrying out such a calculation, it is safest to carry extra fig-
ures through all steps and then to round the final answer appropriately.
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With many examples we suggest
selected exercises from the end of the
chapter. These exercises use the skills
or concepts from that example. Now
you should work Exercise 27 from the
end of this chapter.

1234 cm
X 1.23 cm
3702
2468

1234

15.1782 cm? = 15.2 cm?

Rounding off to an even number is
intended to reduce the accumulation of
errors in chains of calculations.
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It would be nonsense to say that the
length of a piece of cloth is 4.7. We
must specify units with the number—
4.7 inches, 4.7 feet, or 4.7 meters, for
instance.

Unless otherwise indicated, a “ton”
refers to a “short ton,” 2000 Ib. There
are also the “long ton,” which is 2240
Ib, and the metric tonne, which is
1000 kg.

CHAPTER 1: The Foundations of Chemistry

EEJ] THE UNIT FACTOR METHOD
(DIMENSIONAL ANALYSIS)

Many chemical and physical processes can be described by numerical relationships. In fact,
many of the most useful ideas in science must be treated mathematically. In this section,
we review some problem-solving skills.

"The units must #/ways accompany the numeric value of a measurement, whether we
are writing about the quantity, talking about it, or using it in calculations.

Multiplication by unity (by one) does not change the value of an expression. If we rep-
resent “one” in a useful way, we can do many conversions by just “multiplying by one.”
This method of performing calculations is known as dimensional analysis, the factor-
label method, or the unit factor method. Regardless of the name chosen, it is a pow-
erful mathematical tool that is almost foolproof.

Unit factors may be constructed from any two terms that describe the same or equiv-
alent “amounts” of whatever we may consider. For example, 1 foot is equal to exactly 12
inches, by definition. We may write an equation to describe this equality:

1 ft=12 in.
Dividing both sides of the equation by 1 ft gives

1F£ 12 in. 12 in.
7 = or 1=
1€ 1f 1 ft

The factor (fraction) 12 in./1 ft is a unit factor because the numerator and denominator
describe the same distance. Dividing both sides of the original equation by 12 in. gives
1 =1 ft/12 in., a second unit factor that is the reciprocal of the first. The reciprocal of any
unit factor is also a unit factor. Stated differently, division of an amount by the same amount
always yields one!

In the English system we can write many unit factors, such as

lyd 1yd Imi  4qt 2000 Ib
3ft’ 36in.” 5280 ft" 1gal’ 1ton

The reciprocal of each of these is also a unit factor. Items in retail stores are frequently
priced with unit factors, such as 39¢/Ib and $3.98/gal. When all the quantities in a unit
factor come from definitions, the unit is known to an unlimited (infinite) number of sig-
nificant figures. For instance, if you bought eight 1-gallon jugs of something priced at
$3.98/gal, the total cost would be 8 X $3.98, or $31.84; the merchant would not round
this to $31.80, let alone to $30.

In science, nearly all numbers have units. What does 12 mean? Usually we must supply
appropriate units, such as 12 eggs or 12 people. In the unit factor method, the units guide
us through calculations in a step-by-step process, because all units except those in the de-
sired result cancel.
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EXAMPLE 1-3  Unit Factors
Express 1.47 mi in inches.

Plan

First we write down the units of what we wish to know, preceded by a question mark. Then
we set it equal to whatever we are given:

_? inches = 1.47 miles
Then we choose unit factors to convert the given units (miles) to the desired units (inches):

miles —— feet —— inches

Solution

5280 % 12 in.

2 in. = 1.47 pfi X o X = o 9.31 X 10%*in.  (calculator gives 93139.2)

Note that both miles and feet cancel, leaving only inches, the desired unit. Thus, there is no
ambiguity as to how the unit factors should be written. The answer contains three significant
figures because there are three significant figures in 1.47 miles.

/Problem-SoIving Tip: Significant Figures

“How do defined quantities affect significant figures?” Any quantity that comes from a
definition is exact, that is, it is known to an unlimited number of significant figures. In
Example 1-3, the quantities 5280 ft, 1 mile, 12 in., and 1 ft all come from definitions,
so they do not limit the significant figures in the answer.

/ Problem-Solving Tip: Think About Your Answer!

It is often helpful to ask yourself, “Does the answer make sense?” In Example 1-3, the
distance involved is more than a mile. We expect this distance to be many inches, so a
large answer is not surprising. Suppose we had mistakenly multiplied by the unit factor

1 mile
5280 feet
gotten the answer 3.34 X 1073 in. (0.00334 in.), which we should have immediately rec-
ognized as nonsense!

(and not noticed that the units did not cancel properly); we would have

Within the SI and metric systems, many measurements are related to one another by
powers of ten.

EXAMPLE 1-4 Unit Conversions

The Angstrom (A) is a unit of length, 1 X 10710 m, that provides a convenient scale on which
to express the radii of atoms. Radii of atoms are often expressed in nanometers. The radius of
a phosphorus atom is 1.10 A. What is the distance expressed in centimeters and nanometers?
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We relate (a) miles to feet and then
(b) feet to inches.

In the interest of clarity, cancellation
of units will be omitted in the
remainder of this book. You may find
it useful to continue the cancellation
of units.
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A > m — cm

A - m — nm

All the unit factors used in this

example contain only exact numbers.

1A=10"10m=10"8 cm

CHAPTER 1: The Foundations of Chemistry

Plan

We use the equalities 1 A=1X10"°m, 1 em=1x10"2m,and 1 nm=1X 10"? m to
construct the unit factors that convert 1.10 A to the desired units.

Solution

. 1x10710m 1 cm

2 cm=1.10A X - X — = 1.10 X 108 cm
1A 1x102m
. 1.0x 10710 1
2 nm=1.104A X LY o o 110X 10! nm
1A 1x10%m

You should now work Exercise 30.

EXAMPLE 1-5 Volume Calculation

Assuming a phosphorus atom is spherical, calculate its volume in A3, cm?, and nm3. The for-
mula for the volume of a sphere is V' = (3)7r73. Refer to Example 1-4.

Plan
We use the results of Example 1-4 to calculate the volume in each of the desired units.

Solution
2 A= (Hm(1.10 A} = 5.58 A3
2 emd = @7(1.10 X 1078 cm)3 = 5.58 X 10724 cm’?
2 nm’ = H)7(1.10 X 10~ nm)} = 5.58 X 1073 nm3

You should now work Exercise 34.

EXAMPLE 1-6 Mass Conversion
A sample of gold has a mass of 0.234 mg. What is its mass in g? in kg?

Plan
We use the relationships 1 g = 1000 mg and 1 kg = 1000 g to write the required unit factors.

Solution

1
2g=0234mgX —5—= 234x10%g
1000 mg

1k
2 kg=234X10%gxX —2_ = 234% 107 kg
1000 g

Again, this example includes unit factors that contain only exact numbers.

/ Problem-Solving Tip: Conversions Within the Metric or SI System

The SI and metric systems of units are based on powers of ten. This means that many
unit conversions within these systems can be carried out just by shifting the decimal point.
For instance, the conversion from milligrams to grams in Example 1-6 just
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involves shifting the decimal point to the /eft by three places. How do we know to move
it to the left? We know that the gram is a larger unit of mass than the milligram, so the
number of grams in a given mass must be a smualler number than the number of
milligrams. After you carry out many such conversions using unit factors, you will
probably begin to take such shortcuts. Always think about the answer, to see whether it
should be larger or smaller than the quantity was before conversion.

Unity raised to any power is 1. Any unit factor raised to a power is still a unit factor,
as the next example shows.

EXAMPLE 1-7 Volume Conversion
One liter is exactly 1000 cm3. How many cubic inches are there in 1000 cm3?

Plan i

. . in. . .
We would multiply by the unit factor ———— to convert cm to in. Here we require the cube
of this unit factor. om

Solution

1 in.

2 in.3 = 1000 cm3 X [———
2.54 cm

3
) = 1000 cm3 X

Example 1-7 shows that a unit factor cubed is still a unit factor.

EXAMPLE 1-8 Energy Conversion

A common unit of energy is the erg. Convert 3.74 X 1072 erg to the SI units of energy, joules,
and kilojoules. One erg is exactly 1 X 1077 joule (J).

Plan

The definition that relates ergs and joules is used to generate the needed unit factor. The sec-
ond conversion uses a unit factor that is based on the definition of the prefix kilo-.

Solution

1 %1077
2J=374%x10"2erg X 1x1077] = 3.74x1077]
1 erg
1kJ
1000 J

2k =374%X10"7] X = 374X 10712

Conversions between the English and SI (metric) systems are conveniently made by
the unit factor method. Several conversion factors are listed in Table 1-7. It may be help-
ful to remember one each for

length 1 in. = 2.54 cm (exact)
mass and weight 1 Ib = 454 g (near sea level)
volume 1qt=0946Lor1L =1.06 qt
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Suppose we start with the equality
lin. = 2.54 cm

We can perform the same operation on
both sides of the equation. Let’s cube
both sides:

(1 in.)} = (2.54 cm)® = 16.4 cm?
so the quantity

(1 in.)? B
(2.54 cm)’ B

is a unit factor.
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We relate

(a) gallons to quarts, then
(b) quarts to liters, and then
(c) liters to milliliters.

CHAPTER 1: The Foundations of Chemistry

EXAMPLE 1-9  English—Metric Conversion

Express 1.0 gallon in milliliters.

Plan

We ask 2 mL = 1.0 gal and multiply by the appropriate factors.

gallons —— quarts —— liters —— milliliters

Solution

4 qt 1L 1000 mL
X X

= 3.8x 10> mL
1 gal 1.06qt 1L

2 mL = 1.0 gal X

You should now work Exercise 32.

The fact that all other units cancel to give the desired unit, milliliters, shows that we used
the correct unit factors. The factors 4 qt/gal and 1000 mL/L contain only exact numbers.
The factor 1 L/1.06 gt contains three significant figures. Because 1.0 gal contains only
two, the answer contains only two significant figures.

Examples 1-1 through 1-9 show that multplication by one or more unit factors
changes the units and the number of units, but not the amount of whatever we are
calculating.

EEL) PERCENTAGE

We often use percentages to describe quantitatively how a total is made up of its parts.
In Table 1-3, we described the amounts of elements present in terms of the percentage
of each element.

Percentages can be treated as unit factors. For any mixture containing substance A,

%A Parts A (by mass)
(by mass) 100 parts mixture (by mass)

Mass A Mass mixture

If we say that a sample is 24.4% carbon by mass, we mean that out of every 100 parts (ex-
actly) by mass of sample, 24.4 parts by mass are carbon. This relationship can be repre-
sented by whichever of the two unit factors we find useful:

24.4 parts carbon 100 parts sample

100 parts sample o 24.4 parts carbon

This ratio can be expressed in terms of grams of carbon for every 100 grams of sample,
pounds of carbon for every 100 pounds of sample, or any other mass or weight unit. The
next example illustrates the use of dimensional analysis involving percentage.
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EXAMPLE 1-10  Percentage

U.S. pennies made since 1982 consist of 97.6% zinc and 2.4% copper. The mass of a partic-
ular penny is measured to be 1.494 grams. How many grams of zinc does this penny contain?
Plan

From the percentage information given, we may write the required unit factor

97.6 g zinc
100 g sample

Solution

97.6 g zinc

2 g zinc = 1.494 g sample X = 1.46 g zinc

100 g sample

The number of significant figures in the result is limited by the three significant figures in
97.6%. Because the definition of percentage involves exactly 100 parts, the number 100 is known
to an infinite number of significant figures.

You should now work Exercises 59 and 60.

EBE] DENSITY AND SPECIFIC GRAVITY

In science, we use many terms that involve combinations of different units. Such quanti-
ties may be thought of as unit factors that can be used to convert among these units. The
density of a sample of matter is defined as the mass per unit volume:

mass m

density =
ensity volume |4

Densities may be used to distinguish between two substances or to assist in identifying a
particular substance. They are usually expressed as g/cm? or g/mL for liquids and solids
and as g/L for gases. These units can also be expressed as g-em™3, g'mL~!, and
g-L~1 respectively. Densities of several substances are listed in Table 1-8.

EXAMPLE 1-11  Density, Mass, Volume

A 47.3-mL sample of ethyl alcohol (ethanol) has a mass of 37.32 g. What is its density?
Plan

We use the definition of density.

Solution

m 3732g

Vo 473 mL

= 0.789 g/mL

You should now work Exercise 36.
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Six materials with different densities.
The liquid layers are gasoline (top),
water (middle), and mercury (bottom).
A cork floats on gasoline. A piece of
oak wood sinks in gasoline but floats
on water. Brass sinks in water but
floats on mercury.

* See the Saunders Interactive
General Chemistry CD-ROM,

Screen 1.8, Density.

Mass

Mass

Density = Volume

Volume

The intensive property density relates
the two extensive properties: 7zass and
volume.
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These densities are given at room
temperature and one atmosphere
pressure, the average atmospheric
pressure at sea level. Densities of solids
and liquids change only slightly, but
densities of gases change greatly, with
changes in temperature and pressure.

Observe that density gives two unit
0.789 g
1 mL

factors. In this case, they are
1 mL

0.789 g

and

CHAPTER 1: The Foundations of Chemistry

LR BN Densities of Common Substances™

Substance Density (g/cm?) Substance Density (g/cm?)
hydrogen (gas) 0.000089 sand* 2.32
carbon dioxide (gas) 0.0019 aluminum 2.70
cork* 0.21 iron 7.86
oak wood* 0.71 copper 8.92
ethyl alcohol 0.789 silver 10.50
water 1.00 lead 11.34
magnesium 1.74 mercury 13.59
table salt 2.16 gold 19.30

*Cork, oak wood, and sand are common materials that have been included to provide familiar reference points. They
are not pure elements or compounds as are the other substances listed.

EXAMPLE 1-12  Density, Mass, Volume
If 116 g of ethanol is needed for a chemical reaction, what volume of liquid would you use?

Plan

We determined the density of ethanol in Example 1-11. Here we are given the mass, 7z, of a
sample of ethanol. So we know values for D and 7 in the relationship

We rearrange this relationship to solve for V, put in the known values, and carry out the
calculation. Alternatively, we can use the unit factor method to solve the problem.

Solution
The density of ethanol is 0.789 g/mL (Table 1-8).

116
so V=ﬁ g

m
D=— =— "5 =
v’ D 0.789 g/mL

147 mL

Alternatively,

1 mL
2mL=116gX —— = 147 mL
0.789 g

You should now work Exercise 39.

EXAMPLE 1-13  Unit Conversion
Express the density of mercury in 1b/ft3.

Plan

The density of mercury is 13.59 g/cm? (see Table 1-8). To convert this value to the desired
units, we can use unit factors constructed from the conversion factors in Table 1-7.
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Solid ethyl alcohol is more
dense than liquid ethyl alco-
hol. This is true of nearly
every known substance.

Ice is slightly less dense than liquid
water, so ice floats in water.

Solution

= 848.4 Ib/ft}

Ib g 11b 2.54 cm\3 12 in.\3
s . X X
S cm’ 4536 g ( ) ( 1 ft )

1 in.

It would take a very strong person to lift a cubic foot of mercury!

The specific gravity (Sp. Gr.) of a substance is the ratio of its density to the density =~ Density and specific gravity are both
of water, both at the same temperature. intensive properties; that is, they do
not depend on the size of the sample.
Sp. Gr. = Dqubstance Specific gravities are dimensionless

D water numbers.

The density of water is 1.000 g/mL at 3.98°C, the temperature at which the density of
water is greatest. Variations in the density of water with changes in temperature, however,
are small enough that we can use 1.00 g/mL up to 25°C without introducing significant
errors into our calculations.

EXAMPLE 1-14  Density, Specific Gravity
The density of table salt is 2.16 g/mL at 20°C. What is its specific gravity?

Plan

We use the preceding definition of specific gravity. The numerator and denominator have the
same units, so the result is dimensionless.

Solution

D
D

salt

2.16 g/mL
= g = 2.16

Sp- Gr. = ~1.00 g/mL

water
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* See the Saunders Interactive
General Chemistry CD-ROM,

Screen 1.10, Temperature.
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This example also demonstrates that the density and specific gravity of a substance are
numerically equal near room temperature if density is expressed in g/mL (g/cm?3).

Labels on commercial solutions of acids give specific gravities and the percentage by
mass of the acid present in the solution. From this information, the amount of acid pres-
ent in a given volume of solution can be calculated.

EXAMPLE 1-15  Specific Gravity, Volume, Percentage by Mass

Battery acid is 40.0% sulfuric acid, H,SO,, and 60.0% water by mass. Its specific gravity is
1.31. Calculate the mass of pure H,50, in 100.0 mL of battery acid.

Plan

The percentages are given on a mass basis, so we must first convert the 100.0 mL of acid
solution (soln) to mass. To do this, we need a value for the density. We have demonstrated
that density and specific gravity are numerically equal at 20°C because the density of water
is 1.00 g/mL. We can use the density as a unit factor to convert the given volume of the
solution to mass of the solution. Then we use the percentage by mass to convert the mass of
the solution to the mass of the acid.

Solution
From the given value for specific gravity, we may write

Density = 1.31 g/mL

The solution is 40.0% H,SO, and 60.0% H,O by mass. From this information we may con-
struct the desired unit factor:

40.0 g H,S0, because 100 g of solution
100 g soln contains 40.0 g of H,SO,

We can now solve the problem:

1.31 gsoln  40.0 g H,50, EpE—
il o2t (5 S

? H,SO, = 100.0 mL soln X X
o SO T L soln 100 g soln

You should now work Exercise 43.

EEE] HEAT AND TEMPERATURE

In Section 1-1 you learned that heat is one form of energy. You also learned that the many
forms of energy can be interconverted and that in chemical processes, chemical energy is
converted to heat energy or vice versa. The amount of heat a process uses (endothermic)
or gives off (exothermic) can tell us a great deal about that process. For this reason it is
important for us to be able to measure the intensity of heat.

Temperature measures the intensity of heat, the “hotness” or “coldness” of a body. A
piece of metal at 100°C feels hot to the touch, whereas an ice cube at 0°C feels cold.
Why? Because the temperature of the metal is higher, and that of the ice cube lower, than
body temperature. Heat is a form of energy that always flows spontaneously from a botter
body to a colder body—never in the reverse direction.

Temperatures can be measured with mercury-in-glass thermometers. A mercury ther-
mometer consists of a reservoir of mercury at the base of a glass tube, open to a very thin
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(capillary) column extending upward. Mercury expands more than most other liquids as
its temperature rises. As it expands, its movement up into the evacuated column can be
seen.

Anders Celsius (1701-1744), a Swedish astronomer, developed the Celsius tempera-
ture scale, formerly called the centigrade temperature scale. When we place a Celsius
thermometer in a beaker of crushed ice and water, the mercury level stands at exactly 0°C,
the lower reference point. In a beaker of water boiling at one atmosphere pressure, the
mercury level stands at exactly 100°C, the higher reference point. There are 100 equal
steps between these two mercury levels. They correspond to an interval of 100 degrees
between the melting point of ice and the boiling point of water at one atmosphere. Figure
1-16 shows how temperature marks between the reference points are established.

In the United States, temperatures are frequently measured on the temperature scale
devised by Gabriel Fahrenheit (1686-1736), a German instrument maker. On this scale
the freezing and boiling points of water are defined as 32°F and 212°F, respectively. In
scientific work, temperatures are often expressed on the Kelvin (absolute) temperature
scale. As we shall see in Section 12-5, the zero point of the Kelvin temperature scale is
derived from the observed behavior of all matter.

Relationships among the three temperature scales are illustrated in Figure 1-17.
Between the freezing point of water and the boiling point of water, there are 100 steps
(°C or kelvins, respectively) on the Celsius and Kelvin scales. Thus the “degree” is the
same size on the Celsius and Kelvin scales. But every Kelvin temperature is 273.15 units
above the corresponding Celsius temperature. The relationship between these two scales
is as follows:

2 K=°C+273.15° or 2 °C=K-273.15°

K Boiling C Boiling F

point point
@ of water @ of water @

@) @) )
373 - - - 100°FY 212°F
363H 90°H 1923
353—_ 8()0—_ 172° _:
343 70°H e

i i 152°
333 60°H =

- - 13224
323 ¢ 100° 50°1— | [180° -

. . 124
313 40°1H -

i § e
303 30°1H 2 1]
2031 20°H 72’4

i i 62°
283 10°|H 52°3

E E 42°
2B3H - --- 00 32

Freezing Freezing Figure 1-17 The relationships among the Kelvin,
point point Celsius (centigrade), and Fahrenheit temperature

/ ofwater \OJ ofwater \OJ  geales.
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100°C

—

0°C

|

Figure 1-16 At 45°C, as read on
a mercury-in-glass thermometer,
d equals 0.45d, where d,, is the
distance from the mercury level

at 0°C to the level at 100°C.

We shall usually round 273.15 to 273.
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The numbers in these ratios are exact
numbers, so they do not affect the
number of significant figures in the
calculated result.

These are often remembered in
abbreviated form:

°F = 1.8°C + 32°
_ (CF—32°)
1.8

°C
Either of these equations can be

rearranged to obtain the other one, so
you need to learn only one of them.

A temperature of 100.°F is 38°C.
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In the SI system, “degrees Kelvin” are abbreviated simply as K rather than °K and are
called kelvins.

Any temperature change has the same numerical value whether expressed on the Celsius
scale or on the Kelvin scale. For example, a change from 25°C to 59°C represents a change
of 34 Celsius degrees. Converting these to the Kelvin scale, the same change is expressed
as 273 +25) =298 K to (59 + 273) = 332 K, or a change of 34 kelvins.

Comparing the Fahrenheit and Celsius scales, we find that the intervals between the
same reference points are 180 Fahrenheit degrees and 100 Celsius degrees, respectively.
Thus a Fahrenheit degree must be smaller than a Celsius degree. It takes 180 Fahrenheit
degrees to cover the same temperature interval as 100 Celsius degrees. From this infor-
mation, we can construct the unit factors for temperature changes:

180°F 1.8°F 100°C 1.0°C
or an or
100°C 1.0°C 180°F 1.8°F

But the starting points of the two scales are different, so we cannot convert a temperature
on one scale to a temperature on the other just by multiplying by the unit factor. In con-
verting from °F to °C, we must subtract 32 Fahrenheit degrees to reach the zero point
on the Celsius scale (Figure 1-17).

1.8°F
1.0°C

2F = (x°C X ) 132°F  and  2°C =~ 2 (°F — 32°F)

- 1.8°F

EXAMPLE 1-16 Temperature Conversion

When the temperature reaches “100.°F in the shade,” it’s hot. What is this temperature on the
Celsius scale?

Plan
. . 1.0°C . .
We use the relationship ? °C = LS°F («°F — 32°F) to carry out the desired conversion.
Solution
1.0°C 1.0°C
?°C = 100.°F — 32°F) = 68°F) = 38°C
— 1.8°F ( ) 1.8°F ( )

EXAMPLE 1-17 Temperature Conversion
When the absolute temperature is 400 K, what is the Fahrenheit temperature?

Plan
WEe first use the relationship 2 °C = K — 273° to convert from kelvins to degrees Celsius, then
we carry out the further conversion from degrees Celsius to degrees Fahrenheit.

Solution

2°C = (400 K — 273 K)l'(o) €

=127°C
1.0K

2°F= (127°C X 11'8 F) + 32°F = 261°F

00

You should now work Exercise 46.




1-13 Heat Transfer and the Measurement of Heat

EEE] HEAT TRANSFER AND THE MEASUREMENT OF HEAT

Chemical reactions and physical changes occur with either the simultaneous evolution of
heat (exothermic processes) or the absorption of heat (endothermic processes). The
amount of heat transferred in a process is usually expressed in joules or in calories.

The ST unit of energy and work is the joule (J), which is defined as 1 kg-m?/s2. The
kinetic energy (KE) of a body of mass 7 moving at speed v is given by Jmo?. A 2-kg
object moving at one meter per second has KE = 32 kg)(1 m/s)? = 1 kg-m?/s? = 1]. You
may find it more convenient to think in terms of the amount of heat required to raise the
temperature of one gram of water from 14.5°C to 15.5°C, which is 4.184 J.

One calorie is defined as exactly 4.184 J. The so-called “large calorie,” used to indi-
cate the energy content of foods, is really one kilocalorie, that is, 1000 calories. We shall
do most calculations in joules.

The specific heat of a substance is the amount of heat required to raise the temper-
ature of one gram of the substance one degree Celsius (also one kelvin) with no change
in phase. Changes in phase (physical state) absorb or liberate relatively large amounts of
energy (see Figure 1-5). The specific heat of each substance, a physical property, is dif-
ferent for the solid, liquid, and gaseous phases of the substance. For example, the specific
heat of ice is 2.09 J/g-°C near 0°C; for liquid water it is 4.18 J/g-°C; and for steam it is
2.03 J/g-°C near 100°C. The specific heat for water is quite high. A table of specific heats
is provided in Appendix E.

(amount of heat in J)

Specific heat =

(mass of substance in g)(temperature change in °C)

The units of specific heat are orJ-g~1-oC~1L

g°C
The heat capacity of a body is the amount of heat required to raise its temperature
1°C. The heat capacity of a body is its mass in grams times its specific heat. The heat ca-

pacity refers to the mass of that particular body, so its units do not include mass. The
units are J/°C or J-°C~1,

EXAMPLE 1-18  Specific Heat

How much heat, in joules, is required to raise the temperature of 205 g of water from 21.2°C
to 91.4°C?

Plan
The specific heat of a substance is the amount of heat required to raise the temperature of
1 g of substance 1°C:

(amount of heat in J)

Specific heat = - -
(mass of substance in g)(temperature change in °C)

We can rearrange the equation so that
(Amount of heat) = (mass of substance) (specific heat) (temperature change)

Alternatively, we can use the unit factor approach.

Solution

Amount of heat = (205 g) (4.18 J/g-°C) (70.2°C) = 6.02 X 10*]
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In English units this corresponds to a
4.4-pound object moving at 197 feet
per minute, or 2.2 miles per hour. In
terms of electrical energy, one joule is
equal to one watt - second. Thus, one
joule is enough energy to operate a 10-
watt light bulb for {; second.

The calorie was originally defined as
the amount of heat necessary to raise
the temperature of one gram of water
at one atmosphere from 14.5°C to
15.5°C.

The specific heat of a substance varies
slightly with temperature and pressure.
These variations can be ignored for
calculations in this text.

In this example, we calculate the
amount of heat needed to prepare a
cup of hot tea.
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In specific heat calculations, we use the
magnitude of the temperature change
(i.e., a positive number), so we subtract
the lower temperature from the higher
one in both cases.
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By the unit factor approach,

4.18]
1 g°C

Amount of heat = (205 g) ( ) (70.2°C) = 6.02 X 10*] or 60.2 kJ

All units except joules cancel. To cool 205 g of water from 91.4°C to 21.2°C, it would be nec-
essary to remove exactly the same amount of heat, 60.2 kJ.

You should now work Exercises 54 and 55.

When two objects at different temperatures are brought into contact, heat flows from
the hotter to the colder body (Figure 1-18); this continues until the two are at the same
temperature. We say that the two objects are then in thermal equilibrium. The tempera-
ture change that occurs for each object depends on the initial temperatures and the rela-
tive masses and specific heats of the two materials.

EXAMPLE 1-19  Specific Heat

A 385-gram chunk of iron is heated to 97.5°C. Then it is immersed in 247 grams of water
originally at 20.7°C. When thermal equilibrium has been reached, the water and iron are both
at 31.6°C. Calculate the specific heat of iron.

Plan

The amount of heat gained by the water as it is warmed from 20.7°C to 31.6°C is the same as
the amount of heat lost by the iron as it cools from 97.5°C to 31.6°C. We can equate these
two amounts of heat and solve for the unknown specific heat.

Solution

Temperature change of water = 31.6°C — 20.7°C = 10.9°C
Temperature change of iron = 97.5°C — 31.6°C = 65.9°C

(a) (b)

Figure 1-18 A hot object, such as a heated piece of metal (a), is placed into cooler water.
Heat is transferred from the hotter metal bar to the cooler water until the two reach the
same temperature (b). We say that they are then at thermal equilibrium.
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Number of joules gained by water = (247 g) (4.18 °C) (10.9°C)
g
Let « = specific heat of iron
Number of joules lost by iron = (385 g) (x °C) (65.9°C)
g
We set these two quantities equal to one another and solve for x.
J oy — J o
(247g) (4.18 —=)(10.9°C) = (385 g) («x (65.9°C)
g-°C g-°C
(247 g) (4.18 JT> (10.9°C)
_ g°C _ J
x = (385 )(65.9°C) = 0444 2°C

You should now work Exercise 58.

The specific heat of iron is much smaller than the specific heat of water.

Specific heat of iron  0.444 J/g-°C

= = 0.106
Specific heat of water ~ 4.18 J/g-°C

The amount of heat required to raise the temperature of 205 g of iron by 70.2°C (as we
calculated for water in Example 1-18) is
0.444
Amount of heat = (205 g) <TJ) (70.2°C) = 6.39 X 10° J, or 6.39 k]

g
We see that the amount of heat required to accomplish a given change in temperature
for a given quantity of iron is less than that for the same quantity of water, by the same
ratio.

Number of joules required to warm 205 g of iron by 70.2°C 639 k] 0.106

Number of joules required to warm 205 g of water by 70.2°C ~ 60.2 k]

It might not be necessary to carry out explicit calculations when we are looking only
for qualitative comparisons.

EXAMPLE 1-20  Comparing Specific Heats

We add the same amount of heat to 10.0 grams of each of the following substances starting at
20.0°C: liquid water, H,O(f); liquid mercury; Hg(€); liquid benzene, C,H(€); and solid alu-
minum, Al(s). Rank the samples from lowest to highest final temperature. Refer to Appendix
E for required data.

Plan

We can obtain the values of specific heats (Sp. Ht.) for these substances from Appendix E. The
higher the specific heat for a substance, the more heat is required to raise a given mass of sam-
ple by a given temperature change, so the less its temperature changes by a given amount of
heat. The substance with the lowest specific heat undergoes the largest temperature change,
and the one with the highest specific heat undergoes the smallest temperature change. Ir is not
necessary to calculate the amount of beat required to answer this question.
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Solution

The specific heats obtained from Appendix E are as follows:

Sp. Ht.
Substance ( J )
g°C
H,O0(¢) 4.18
Hg(¢) 0.138
CcHy () 1.74
Al(s) 0.900

Ranked from highest to lowest specific heats: H,O(€) > C,H(€) > Al(s) > Hg(¢). Adding the
same amount of heat to the same size sample of these substances changes the temperature of
H,0(() the least and that of Hg(€) the most. The ranking from lowest to highest final tem-

perature is

H,O() < C,H,(¢) < Al(s) < Hg(f)

You should now work Exercise 70.

Key Terms

Accuracy How closely a measured value agrees with the correct
value.

Calorie Defined as exactly 4.184 joules. Originally defined as the
amount of heat required to raise the temperature of one gram
of water from 14.5°C to 15.5°C.

Chemical change A change in which one or more new sub-
stances are formed.

Chemical property See Properties.

Compound A substance composed of two or more elements in
fixed proportions. Compounds can be decomposed into their
constituent elements.

Density Mass per unit volume, D = m/V.

Element A substance that cannot be decomposed into simpler
substances by chemical means.

Endothermic Describes processes that absorb heat energy.

Energy The capacity to do work or transfer heat.

Exothermic Describes processes that release heat energy.

Extensive property A property that depends on the amount of
material in a sample.

Heat A form of energy that flows between two samples of
matter because of their difference in temperature.

Heat capacity The amount of heat required to raise the
temperature of a body (of whatever mass) one degree Celsius.

Heterogeneous mixture A mixture that does not have uniform
composition and properties throughout.

Homogeneous mixture A mixture that has uniform composi-
tion and properties throughout.

Intensive property A property that is independent of the
amount of material in a sample.

Joule A unit of energy in the SI system. One joule is 1 kg-m?/s?,
which is also 0.2390 cal.

Kinetic energy Energy that matter possesses by virtue of its mo-
tion.

Law of Conservation of Energy Energy cannot be created or
destroyed in a chemical reaction or in a physical change; it may
be changed from one form to another.

Law of Conservation of Matter No detectable change occurs
in the total quantity of matter during a chemical reaction or
during a physical change.

Law of Conservation of Matter and Energy The combined
amount of matter and energy available in the universe is fixed.

Law of Constant Composition See Law of Definite Proportions.

Law of Definite Proportions Different samples of any pure
compound contain the same elements in the same proportions
by mass; also known as the Law of Constant Composition.

Mass A measure of the amount of matter in an object. Mass is
usually measured in grams or kilograms.

Matter Anything that has mass and occupies space.

Mixture A sample of matter composed of variable amounts of
two or more substances, each of which retains its identity and
properties.

Physical change A change in which a substance changes from
one physical state to another, but no substances with different
compositions are formed.



Physical property See Properties.

Potential energy Energy that matter possesses by virtue of its
position, condition, or composition.

Precision How closely repeated measurements of the same
quantity agree with one another.

Properties Characteristics that describe samples of matter.
Chemical properties are exhibited as matter undergoes chemi-
cal changes. Physical properties are exhibited by matter with
no changes in chemical composition.

Scientific (natural) law A general statement based on the
observed behavior of matter, to which no exceptions are known.

Significant figures Digits that indicate the precision of mea-
surements— digits of a measured number that have uncertainty
only in the last digit.

Specific gravity The ratio of the density of a substance to the
density of water at the same temperature.

Exercises

Exercises 41

Specific heat The amount of heat required to raise the temper-
ature of one gram of a substance one degree Celsius.

Substance Any kind of matter all specimens of which have the
same chemical composition and physical properties.

Symbol (of an element) A letter or group of letters that repre-
sents (identifies) an element.

Temperature A measure of the intensity of heat, that is, the
hotness or coldness of a sample or object.

Unit factor A factor in which the numerator and denominator
are expressed in different units but represent the same or equiv-
alent amounts. Multiplying by a unit factor is the same as
multiplying by one.

Weight A measure of the gravitational attraction of the earth for
a body.

Asterisks are used to denote some of the more challenging ex-
ercises.

Matter and Energy

1. Define the following terms, and illustrate each with a spe-
cific example: (a) matter; (b) energy; (c) mass; (d) exother-
mic process; (e) intensive property.

2. Define the following terms, and illustrate each with a spe-
cific example: (a) weight; (b) potential energy; (c) kinetic
energy; (d) endothermic process; (e) extensive property.

3. State the following laws, and illustrate each.

(a) the Law of Conservation of Matter
(b) the Law of Conservation of Energy
(c) the Law of Conservation of Matter and Energy

4. List the three states of matter and some characteristics of
each. How are they alike? different?

5. An incandescent light bulb functions because of the flow
of electric current. Does the incandescent light bulb con-
vert all of the electrical energy to light? Observe a func-
tioning incandescent light bulb, and explain what occurs
with reference to the Law of Conservation of Energy.

6. All electrical motors are less than 100% efficient in con-
verting electrical energy into useable work. How can their
efficiency be less than 100% and the Law of Conservation
of Energy still be valid?

States of Matter

7. What is a homogeneous mixture? Which of the following
are pure substances? Which of the following are homoge-
neous mixtures? Explain your answers. (a) sugar dissolved
in water; (b) tea and ice; (c) french onion soup; (d) mud;
(e) gasoline; (f) carbon dioxide; (g) a chocolate-chip cookie.

8. Define the following terms clearly and concisely. Give two
illustrations of each: (a) substance; (b) mixture; (c) element;
(d) compound.

9. Classify each of the following as an element, a compound,
or a mixture. Justify your classification: (a) a soft drink;
(b) water; (c) air; (d) chicken noodle soup; (e) table salt;
(f) popcorn; (g) aluminum foil.

10. Classify each of the following as an element, a compound,
or a mixture. Justify your classification: (a) coffee; (b) sil-
ver; (c) calcium carbonate; (d) ink from a ballpoint pen;
(e) toothpaste.

11. Sand, candle wax, and table sugar are placed in a beaker
and stirred. (a) Is the resulting combination a mixture?
If so, what kind of mixture? (b) Design an experiment
in which the sand, candle wax, and table sugar can be
separated.

12. A $10 gold piece minted in the early part of the 1900s ap-
peared to have a dirty area. The dirty appearance could not
be removed by careful cleaning. Close examination of the
coin revealed that the “dirty” area was really pure copper.
Is the mixture of gold and copper in this coin a heteroge-
neous or homogeneous mixture?

Chemical and Physical Properties

13. Distinguish between the following pairs of terms and give
two specific examples of each: (a) chemical properties and
physical properties; (b) intensive properties and extensive
properties; (c) chemical changes and physical changes;
(d) mass and weight.

14. Which of the following are chemical properties, and which
are physical properties? (a) Baking powder gives off bubbles
of carbon dioxide when added to water. (b) A particular



42

15.

16.

17.

18.

19.

20.

21.
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type of steel consists of 95% iron, 4% carbon, and 1% mis-
cellaneous other elements. (c) The density of gold is 19.3
g/mL. (d) Iron dissolves in hydrochloric acid with the
evolution of hydrogen gas. (e) Fine steel wool burns in air.
(f) Refrigeration slows the rate at which fruit ripens.
Which of the following are chemical properties, and which
are physical properties? (a) Metallic sodium is soft enough
to be cut with a knife. (b) When sodium metal is cut, the
surface is at first shiny; after a few seconds of exposure
to air, it turns a dull gray. (c) The density of sodium is
0.97 g/mL. (d) Cork floats on water. (¢) When sodium
comes in contact with water, it melts, evolves a flammable
gas, and eventually disappears altogether. (f) Household
bleach changes the color of your favorite T-shirt from pur-
ple to pink.

Describe each of the following as a chemical change, a
physical change, or both. (a) A wet towel dries in the sun.
(b) Lemon juice is added to tea, causing its color to change.
(c) Hot air rises over a radiator. (d) Coffee is brewed by
passing hot water through ground coffee. (¢) Dynamite ex-
plodes.

Describe each of the following as a chemical change, a
physical change, or both. (a) Powdered sulfur is heated,
first melting and then burning. (b) Alcohol is evaporated
by heating. (c) Transparent rock candy (pure sugar crys-
tals) is finely ground into an opaque white powder.
(d) Chlorine gas is bubbled through concentrated sea
water, releasing liquid bromine. (e) Electricity is passed
through water, resulting in the evolution of hydrogen
and oxygen gases. (f) An ice cube in your glass of water
melts.

Which of the following processes are exothermic? en-
dothermic? How can you tell? (a) combustion; (b) freezing
water; (c) melting ice; (d) boiling water; (e) condensing
steam; (f) burning paper.

Which of the following illustrate the concept of potential
energy and which illustrate kinetic energy? (a) a spinning
gyroscope; (b) a rubber band stretched around a newspa-
per; (c) a frozen pint of ice cream; (d) a comet moving
through space; (¢) a basketball dropping through a net;
(f) the roof of a house.

Which of the following illustrate the concept of potential
energy and which illustrate kinetic energy? (a) the gasoline
in a car’s gas tank; (b) a car’s battery; (c) the car as it moves
along the highway; (d) a space vehicle in orbit about the
earth; (e) a river flowing; (f) fatty tissue in your body.

A sample of yellow sulfur powder is placed in a sealed flask
with the air removed and replaced with an inert gas. Heat
is applied by means of a flame from a Bunsen burner un-
til the sulfur melts and begins to boil. After cooling, the
material in the flask is reddish and has the consistency of
used chewing gum. Careful chemical analysis tells us that
the substance is pure sulfur. Is this a chemical or physical
change? Propose an explanation for the change.

22.

A weighed sample of yellow sulfur is placed in a flask. The
flask is gently heated using a Bunsen burner. Observation
indicates that nothing appears to happen to the sulfur dur-
ing the heating, but the mass of sulfur is less than before
the heating and there is a sharp odor that was not present
before the heating. Propose an explanation of what caused
the change in the mass of the sulfur. Is your hypothesis of
the mass change a chemical or physical change?

Measurements and Calculations

23.

24.

25.

26.

27.

28.

29.

30.

Express the following numbers in scientific notation:
(a) 6500.; (b) 0.00630; (c) 860 (assume that this number is
measured to *10); (d) 860 (assume that this number is mea-
sured to +1); (e) 186,000; (f) 0.10010.

Express the following exponentials as ordinary num-
bers: (a) 5.26 X 10% (b) 4.10 X 1076 (¢) 16.00 X 10
(d) 8.206 X 107% (e) 9.346 X 10%; (f) 9.346 x 1073.
Which of the following are likely to be exact numbers?
Why? (a) 554 in.; (b) 7 computers; (c) $20,355.47; (d) 25
Ib of sugar; (e) 12.5 gal of diesel fuel; (f) 5446 ants.

"To which of the quantities appearing in the following state-
ments would the concept of significant figures apply?
Where it would apply, indicate the number of significant
figures. (a) The density of platinum at 20°C is 21.45 g/cm’.
(b) Wilbur Shaw won the Indianapolis 500-mile race in
1940 with an average speed of 114.277 mi/h. (c) A mile is
defined as 5280 ft. (d) The International Committee for
Weights and Measures “accepts that the curie be . . .
retained as a unit of radioactivity, with the value 3.7 X
1010 s=1.” (This resolution was passed in 1964.)

The circumference of a circle is given by md, where d is
the diameter of the circle. Calculate the circumference of
a circle with a diameter of 6.91 cm. Use the value of
3.141593 for .

What is the total weight of 75 cars weighing an average of
1532.5 Ib?

Indicate the multiple or fraction of 10 by which a quantity
is multiplied when it is preceded by each of the following
prefixes. (a) M; (b) m; (c) ¢; (d) d; (e) k; (f) n.

Carry out each of the following conversions. (a) 18.5 m to
km; (b) 16.3 km to m; (c) 247 kg to g; (d) 4.32 L to mL;
(e) 85.9 dL to L; (f) 8251 L to cm’.



31.

32.

33.

34.

35.

36.

37.

38.

39.

40.

*41.

*42.

43.

Express 5.31 centimeters in meters, millimeters, kilome-
ters, and micrometers.

Express (a) 1.00 ft? in liters; (b) 1.00 L in pints; (c) miles
per gallon in kilometers per liter.

The screen of a laptop computer measures 8.25 in. wide
and 6.25 in. tall. If this computer were being sold in
Europe, what would be the metric size of the screen used
in the specifications for the computer?

If the price of gasoline is $1.229/gal, what is its price in
cents per liter?

Suppose your automobile gas tank holds 16 gal and the
price of gasoline is $0.325/L. How much would it cost to
fill your gas tank?

What is the density of silicon, if 50.6 g occupies 21.72 mL?
What is the mass of a rectangular piece of copper
244 cm X 114 cm X 7.9 em? The density of copper is
8.92 g/cm’.

A small crystal of sucrose (table sugar) had a mass of
5.536 mg. The dimensions of the box-like crystal were
2.20 mm X 1.36 mm X 1.12 mm. What is the density of
sucrose expressed in g/cm??

Vinegar has a density of 1.0056 g/cm?. What is the mass
of three L of vinegar?

The density of silver is 10.5 g/cm3. (a) What is the
volume, in cm?, of an ingot of silver with mass 0.615 kg?
(b) If this sample of silver is a cube, how long is each edge
in cm? (c) How long is the edge of this cube in inches?
A container has a mass of 73.91 g when empty and
91.44 g when filled with water. The density of water is
1.0000 g/cm3. (a) Calculate the volume of the container.
(b) When filled with an unknown liquid, the container had
a mass of 88.42 g. Calculate the density of the unknown
liquid.

The mass of an empty container is 77.664 g. The mass of
the container filled with water is 99.646 g. (a) Calculate
the volume of the container, using a density of 1.0000
g/cm? for water. (b) A piece of metal was added to the
empty container, and the combined mass was 85.308 g.
Calculate the mass of the metal. (c) The container with the
metal was filled with water, and the mass of the entire sys-
tem was 106.442 g. What mass of water was added?
(d) What volume of water was added? (¢) What is the vol-
ume of the piece of metal? (f) Calculate the density of the
metal.

A solution is 40.0% acetic acid (the characteristic compo-
nent in vinegar) by mass. The density of this solution is
1.049 g/mL at 20°C. Calculate the mass of pure acetic acid
in 100.0 mL of this solution at 20°C.

Heat Transfer and Temperature Measurement

44.

Which represents a larger temperature interval: (a) a
Celsius degree or a Fahrenheit degree? (b) a kelvin or a
Fahrenheit degree?

45.

46.

47.

*48.

49.

50.

51.
52.

53.

54.

55.

*56.

*57.

58.

Exercises 43

Express (a) 283°C in K; (b) 15.25 K in °C; (¢) —32.0°C in
°F; (d) 100.0°F in K.

Express (a) 0°F in °C; (b) 98.6°F in K; (c) 298 K in °F;
(d) 11.3°C in °F.

Make each of the following temperature conversions:
(a) 27°C to °F, (b) —27°C to °F, and (c) 100°F to °C.

On the Réamur scale, which is no longer used, water
freezes at 0°R and boils at 80°R. (a) Derive an equation
that relates this to the Celsius scale. (b) Derive an equa-
tion that relates this to the Fahrenheit scale. (¢) Mercury
is a liquid metal at room temperature. It boils at 356.6°C
(673.9°F). What is the boiling point of mercury on the
Réamur scale?

Liquefied gases have boiling points well below room tem-
perature. On the Kelvin scale the boiling points of the fol-
lowing gases are: He, 4.2 K; N,, 77.4 K. Convert these
temperatures to the Celsius and the Fahrenheit scales.
Convert the temperatures at which the following metals
melt to the Celsius and Fahrenheit scales: Al, 933.6 K; Ag,
1235.1 K.

What is the melting point of lead in °F (mp = 327.5°C)?
The average temperature of a healthy German shepherd is
101.5°F. Express this temperature in degrees Celsius.
Express this temperature in kelvins.

Calculate the amount of heat required to raise the tem-
perature of 78.2 g of water from 10.0°C to 35.0°C. The
specific heat of water is 4.18 J/g-°C.

The specific heat of aluminum is 0.895 J/g-°C. Calculate
the amount of heat required to raise the temperature of
22.1 g of aluminum from 27.0°C to 65.5°C.

How much heat must be removed from 15.5 g of water at
90.0°C to cool it to 43.2°C?

In some solar-heated homes, heat from the sun is stored
in rocks during the day and then released during the cooler
night. (a) Calculate the amount of heat required to raise
the temperature of 78.7 kg of rocks from 25.0°C to 43.0°C.
Assume that the rocks are limestone, which is essentially
pure calcium carbonate. The specific heat of calcium car-
bonate is 0.818 J/g-°C. (b) Suppose that when the rocks in
part (a) cool to 30.0°C, all the heat released goes to warm
the 10,000 ft3 (2.83 X 10° L) of air in the house, originally
at 10.0°C. To what final temperature would the air be
heated? The specific heat of air is 1.004 J/g-°C, and its
density is 1.20 X 1073 g/mL.

A small immersion heater is used to heat water for a cup
of coffee. We wish to use it to heat 235 mL of water (about
a teacupful) from 25°C to 90°C in 2.00 min. What must
be the heat rating of the heater, in kJ/min, to accomplish
this? Ignore the heat that goes to heat the cup itself. The
density of water is 0.997 g/mL.

When 75.0 grams of metal at 75.0°C is added to 150 grams
of water at 15.0°C, the temperature of the water rises to
18.3°C. Assume that no heat is lost to the surroundings.
What is the specific heat of the metal?
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Mixed Exercises

59.

60.

*61.

*62.

*63.

64.

65.

*66.

67.

68.

A sample is marked as containing 22.8% calcium carbon-
ate by mass. (a) How many grams of calcium carbonate are
contained in 64.33 g of the sample? (b) How many grams
of the sample would contain 11.4 g of calcium carbonate?
An iron ore is found to contain 9.24% hematite (a com-
pound that contains iron). (a) How many tons of this ore
would contain 8.40 tons of hematite? (b) How many kilo-
grams of this ore would contain 9.40 kg of hematite?

A foundry releases 6.0 tons of gas into the atmosphere each
day. The gas contains 2.2% sulfur dioxide by mass. What
mass of sulfur dioxide is released in a five-day week?

A certain chemical process requires 215 gal of pure water
each day. The available water contains 11 parts per million
(ppm) by mass of salt (i.e., for every 1,000,000 parts of
available water, 11 parts of salt). What mass of salt must
be removed each day? A gallon of water weighs 3.67 kg.
The radius of a hydrogen atom is about 0.37 A, and the
average radius of the earth’s orbit around the sun is about
1.5 X 108 km. Find the ratio of the average radius of the
earth’s orbit to the radius of the hydrogen atom.

A notice on a bridge informs drivers that the height of
the bridge is 26.5 ft. How tall in meters is an 18-wheel
tractor-trailer combination if it just touches the bridge?
Some American car manufacturers install speedometers
that indicate speed in the English system and in the met-
ric system (mi/h and km/h). What is the metric speed if
the car is traveling at 65 mi/h?

The lethal dose of potassium cyanide (KCN) taken orally
is 1.6 mg/kg of body weight. Calculate the lethal dose of
potassium cyanide taken orally by a 175-1b person.
Suppose you ran a mile in 4.00 min. (a) What would be
your average speed in km/h? (b) What would be your av-
erage speed in cm/s? (¢) What would be your time (in min-
utes:seconds) for 1500 m?

The distance light travels through space in one year is
called one light-year. Using the speed of light in a vacuum

(a) (b)

Exercise 73

(listed in Appendix D), and assuming that one year is 365
days, determine the distance of a light-year in kilometers
and in miles.

CONCEPTUAL EXERCISES

69.

70.

71.

72.

73.

If you were given the job of choosing the materials from
which pots and pans were to be made, what kinds of
materials would you choose on the basis of specific heat?
Why?

Fill a kitchen pan half-full with water. Place the pan on an
active burner. Place one finger on the edge of the pan and
one just in the water. Which finger will feel the heat first?
Explain your answer.

Which is more dense at 0°C, ice or water? How do you
know?

Which has the higher temperature, a sample of water at
65°C or a sample of iron at 65°F?

The drawing in the circle (below) is a greatly expanded
representation of the molecules in the liquid of the
thermometer on the left. The thermometer registers
20°C. Which of the figures (a—d) is the best representation
of the liquid in this same thermometer at 10°C? (Assume
that the same volume of liquid is shown in each expanded
representation.)

30°F

20°k

(c) (d



74.

*75.
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During the past several years, you have gained chemical
vocabulary and understanding from a variety of academic
and entertainment venues. List three events that occurred
early in the development of your current chemical knowl-
edge.

At what temperature will a Fahrenheit thermometer give:
(a) the same reading as a Celsius thermometer? (b) a read-
ing that is twice that on the Celsius thermometer? (c) a
reading that is numerically the same but opposite in sign
from that on the Celsius thermometer?

Cesium atoms are the largest naturally occurring atoms.
The radius of a cesium atom is 2.62 A. How many cesium
atoms would have to be laid side by side to give a row of

77.

78.

79.

Exercises 45

cesium atoms 1.00 in. long? Assume that the atoms are
spherical.

Based on what you have learned during the study of this
chapter, write a question that requires you to use chemi-
cal information but no mathematical calculations.

As you write out the answer to an end-of-chapter exercise,
what chemical changes occur? Did your answer involve
knowledge not covered in Chapter 1?

Combustion is discussed later in this textbook; however, you
probably already know what the term means. (Look it up
to be sure.) List two other chemical terms that were in your
vocabulary before you read Chapter 1.
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OBJECTIVES

After you bave studied this chapter, you should be able to

o Understand some early concepts of atoms

o Use chemical formulas to solve various kinds of chemical problems

* Relate names to formulas and charges of simple ions

o Combine simple ions to write formulas and names of some ionic compounds
*  Recognize and use formula weights and mole relationships

o Interconvert masses, moles, and formulas

o Determine percent compositions in compounds

o Determine formulas from composition

o Perform calculations of purity of substances

position is not limited to use in chemistry courses; it appears throughout the

scientific world. Chemical symbols, formulas, and equations are used in such
diverse areas as agriculture, home economics, engineering, geology, physics, biology,
medicine, and dentistry. In this chapter we describe the simplest atomic theory. We shall
use it as we represent the chemical formulas of elements and compounds. Later, after
additional facts have been introduced, this theory will be expanded.

The word “stoichiometry” is derived from the Greek stoicheion, which means “first
principle or element,” and metron, which means “measure.” Stoichiometry describes the
quantitative relationships among elements in compounds (composition stoichiometry) and
among substances as they undergo chemical changes (reaction stoichiometry). In this chap-
ter we are concerned with chemical formulas and composition stoichiometry. In Chapter
3 we shall discuss chemical equations and reaction stoichiometry.

’ I \ he language we use to describe the forms of matter and the changes in its com-

Some minerals and gems, left to

right: Galena, PbS; aquamarine,
Be;AISi 0,4 (coloved by trace
amounts of iron); ruby, AL,O; (with
some Cr3* ions replacing AP+
ions); sulfur, Sg silver, Ag; elbaite,
Na(Li,Al); Al;Si; 0,4(BO;) ;(OH),,
(the notation [Li, Al] indicates a
variable ratio of lithium and
aluminum among elbaite samples);
sapphire, AL,0; (with various
colors due to different metal ions
substituting for AP~ ions);
fluorite, CaF,; copper, Cu; azurite,
Cu;(CO;),(0OH),; and malachite,
Cu,CO;(OH),.

It is important to learn this
fundamental material well so that you
can use it correctly and effectively.
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The term “atom” comes from the
Greek language and means “not
divided” or “indivisible.”

The radius of a calcium atom is only
1.97 X 1078 cm, and its mass is
6.66 X 107 23g.

Statement 3 is true for chemical
reactions. It is not true, however, for
nuclear reactions (Chapter 26).
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EX] ATOMS AND MOLECULES

The Greek philosopher Democritus (470400 BC) suggested that all matter is composed
of tiny, discrete, indivisible particles that he called atoms. His ideas, based entirely on
philosophical speculation rather than experimental evidence, were rejected for 2000 years.
By the late 1700s, scientists began to realize that the concept of atoms provided an ex-
planation for many experimental observations about the nature of matter.

By the early 1800s, the Law of Conservation of Matter (Section 1-1) and the Law of
Definite Proportions (Section 1-5) were both accepted as general descriptions of how mat-
ter behaves. John Dalton (1766-1844), an English schoolteacher, tried to explain why
matter behaves in such systematic ways as those expressed here. In 1808, he published the
first “modern” ideas about the existence and nature of atoms. Dalton’s explanation sum-
marized and expanded the nebulous concepts of early philosophers and scientists; more
importantly, his ideas were based on reproducible experimental results of measurements by
many scientists. These ideas form the core of Dalton’s Atomic Theory, one of the high-
lights in the history of scientific thought. In condensed form, Dalton’s ideas may be stated
as follows:

p—

. An element is composed of extremely small, indivisible particles called atoms.

2. All atoms of a given element have identical properties that differ from those of
other elements.

3. Atoms cannot be created, destroyed, or transformed into atoms of another ele-
ment.

4. Compounds are formed when atoms of different elements combine with one an-
other in small whole-number ratios.

5. The relative numbers and kinds of atoms are constant in a given compound.

Dalton believed that atoms were solid, indivisible spheres, an idea we now reject. But
he showed remarkable insight into the nature of matter and its interactions. Some of his
ideas could not be verified (or refuted) experimentally at the time. They were based on
the limited experimental observations of his day. Even with their shortcomings, Dalton’s
ideas provided a framework that could be modified and expanded by later scientists. Thus
John Dalton is often considered to be the father of modern atomic theory.

The smallest particle of an element that maintains its chemical identity through all
chemical and physical changes is called an atom (Figure 2-1). In Chapter 5, we shall study
the structure of the atom in detail; let us simply summarize here the main features of
atomic composition. Atoms, and therefore #// matter, consist principally of three funda-
mental particles: electrons, protons, and neutrons. These are the basic building blocks of

J o J J —) —)
He Ne Ar Kr Xe Rn

Figure 2-1 Relative sizes of monatomic molecules (single atoms) of the noble gases.
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VLR RN Fundamental Particles of Matter

Particle Approximate Mass Charge

(symbol) (amu)* (relative scale)
electron (e™) 0.0 1-
proton (p or p*) 1.0 1+
neutron (z or n% 1.0 none

*1 amu = 1.6605 X 107%* g

atoms. The masses and charges of the three fundamental particles are shown in Table
2-1. The masses of protons and neutrons are nearly equal, but the mass of an electron is
much smaller. Neutrons carry no charge. The charge on a proton is equal in magnitude,
but opposite in sign, to the charge on an electron. Because atoms are electrically neutral,

an atom contains equal numbers of electrons and protons.

The atomic number (symbol is Z) of an element is defined as the number of protons
in the nucleus. In the periodic table, elements are arranged in order of increasing atomic
numbers. These are the red numbers above the symbols for the elements in the periodic
table on the inside front cover. For example, the atomic number of silver is 47.

A molecule is the smallest particle of an element or compound that can have a stable
independent existence. In nearly all molecules, two or more atoms are bonded together
in very small, discrete units (particles) that are electrically neutral.

Individual oxygen atoms are not stable at room temperature and atmospheric pressure.
Single atoms of oxygen mixed under these conditions quickly combine to form pairs. The
oxygen with which we are all familiar is made up of two atoms of oxygen; it is a diatomic
molecule, O,. Hydrogen, nitrogen, fluorine, chlorine, bromine, and iodine are other ex-
amples of diatomic molecules (Figure 2-2).

Some other elements exist as more complex molecules. One form of phosphorus mol-
ecules consists of four atoms, and sulfur exists as eight-atom molecules at ordinary tem-
peratures and pressures. Molecules that contain two or more atoms are called polyaromic
molecules (Figure 2-3).

2
(hydrogen) (oxygen) (fluorine) (iodine)

Figure 2-2 Models of diatomic molecules of some elements, approximately to scale.

47
Ag
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<— atomic number
<— symbol

For Group VIIIA elements, the noble
gases, a molecule contains only one
atom, and so an atom and a molecule
are the same (see Figure 2-1).

You should remember the common
elements that occur as diatomic
molecules: H,, N,, O,, F,, Cl,, Br,, L,.
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Methane is the principal component of
natural gas.

J

H,0
(water)

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

@

Figure 2-3 (a) A model of the P, molecule of white phosphorus. (b) A model of the Sq
ring found in rhombic sulfur. (c) Top view of the Sq ring in rhombic sulfur.

In modern terminology, O, is named dioxygen, H, is dihydrogen, P, is tetraphospho-
rus, and so on. Even though such terminology is officially preferred, it has not yet gained
wide acceptance. Most chemists still refer to O, as oxygen, H, as hydrogen, P, as phos-
phorus, and so on.

Molecules of compounds are composed of more than one kind of atom. A water mol-
ecule consists of two atoms of hydrogen and one atom of oxygen. A molecule of methane
consists of one carbon atom and four hydrogen atoms. The shapes of a few molecules are
shown in Figure 2-4.

Atoms are the components of molecules, and molecules are the stable forms of many
elements and compounds. We are able to study samples of compounds and elements that
consist of large numbers of atoms and molecules. With the scanning tunnelling micro-
scope it is now possible to “see” atoms (Figure 2-5). It would take millions of atoms to
make a row as long as the diameter of the period at the end of this sentence.

CO, CHy C,Hs;OH
(carbon dioxide) (methane) (ethyl alcohol)

Figure 2-4 Formulas and models for molecules of some compounds.
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Figure 2-5 A computer reconstruction of the
surface of a sample of silicon, as observed with a
scanning tunnelling electron microscope (STM),
reveals the regular pattern of individual silicon
atoms. Many important reactions occur on the
surfaces of solids. Observations of the atomic
arrangements on surfaces help chemists understand
such reactions. New information available using the
STM will give many details about chemical bonding
in solids.

EZ] CHEMICAL FORMULAS

The chemical formula for a substance shows its chemical composition. This represents
the elements present as well as the ratio in which the atoms of the elements occur. The
formula for a single atom is the same as the symbol for the element. Thus, Na can rep-
resent a single sodium atom. It is unusual to find such isolated atoms in nature, with the
exception of the noble gases (He, Ne, Ar, Kr, Xe, and Rn). A subscript following the sym-
bol of an element indicates the number of atoms in a molecule. For instance, F, indicates
a molecule containing two fluorine atoms, and P, a molecule containing four phospho-
rus atoms.

Some elements exist in more than one form. Familiar examples include (1) oxygen,
found as O, molecules, and ozone, found as O; molecules, and (2) two crystalline forms
of carbon—diamond and graphite (Figure 13-33). Different forms of the same element
in the same physical state are called allotropic modifications, or allotropes.

Compounds contain two or more elements in chemical combination in fixed propor-
tions. Many compounds exist as molecules (Table 2-2). Hence, each molecule of hydro-
gen chloride, HCI, contains one atom of hydrogen and one atom of chlorine; each mol-
ecule of carbon tetrachloride, CCl,, contains one carbon atom and four chlorine atoms.

1.\ BB Names and Formulas of Some Common Molecular Compounds
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An O, molecule.

117°

An O3 molecule.

Name Formula Name Formula Name Formula
water H,0 sulfur dioxide SO, butane C H,,
hydrogen peroxide  H,0, sulfur trioxide SO, pentane CsH,
hydrogen chloride* HCI carbon monoxide CO benzene C.H¢
sulfuric acid H,S0, carbon dioxide Cco, methanol (methyl alcohol) CH;0H
nitric acid HNO; methane CH, ethanol (ethyl alcohol) CH;CH,0H
acetic acid CH;CO0OH ethane C,H acetone CH;COCH;
ammonia NH; propane C;Hg diethyl ether (ether) CH;CH,—0—CH,CH;

*Called hydrochloric acid if dissolved in water:



52

A model of ethylene glycol.

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

An aspirin molecule, CoHgO,, contains nine carbon atoms, eight hydrogen atoms, and
four oxygen atoms.

Many of the molecules found in nature are organic compounds. Organic compounds
contain C—C or C—H bonds or both. Eleven of the compounds listed in Table 2-2 are
organic compounds (acetic acid and the last ten entries). All of the other compounds in
the table are inorganic compounds.

Some groups of atoms behave chemically as single entities. For instance, an oxygen
atom that is bonded to a hydrogen atom and also to a carbon atom that is bonded to three
other atoms forms the reactive combination of atoms known as the alcohol group or mol-
ecule. In formulas of compounds containing two or more of the same group, the group
formula is enclosed in parentheses. Thus, ethylene glycol contains two alcobol groups and
its formula is C,H,(OH), (see structure in the margin). When you count the number of
atoms in this molecule from its formula, you must multiply the numbers of hydrogen and
oxygen atoms in the OH group by 2. There are two carbon atoms, six hydrogen atoms
and fwo oxygen atoms in a molecule of ethylene glycol.

Compounds were first recognized as distinct substances because of their different
physical properties and because they could be separated from one another by physical
methods. Once the concept of atoms and molecules was established, the reason for these
differences in properties could be understood: Two compounds differ from each other
because their molecules are different. Conversely, if two molecules contain the same
number of the same kinds of atoms, arranged the same way, then both are molecules of
the same compound. Thus, the atomic theory explains the Law of Definite Proportions
(see Section 1-5).

This law, also known as the Law of Constant Composition, can now be extended to
include its interpretation in terms of atoms. It is so important for performing the calcu-
lation in this chapter that we restate it here:

Different pure samples of a compound always contain the same elements in the same
proportion by mass; this corresponds to atoms of these elements combined in fixed
numerical ratios.

So we see that for a substance composed of molecules, the chemical formula gives
the number of atoms of each type in the molecule. But this formula does not express the
order in which the atoms in the molecules are bonded together. The structural formula
shows the order in which atoms are connected. The lines connecting atomic symbols rep-
resent chemical bonds between atoms. The bonds are actually forces that tend to hold
atoms at certain distances and angles from one another. For instance, the structural for-
mula of propane shows that the three C atoms are linked in a chain, with three H atoms
bonded to each of the end C atoms and two H atoms bonded to the center C. Ball-and-
stick molecular models and space-filling molecular models help us to see the shapes and
relative sizes of molecules. These four representations are shown in Figure 2-6. The ball-
and-stick and space-filling models show (1) the bonding sequence, that is the order in which
the atoms are connected to each other, and (2) the geometrical arrangements of the atoms
in the molecule. As we shall see later, both are extremely important because they deter-
mine the properties of compounds.



Chemical Formula Structural Formula

2-3 Ions and Ionic Compounds

Ball-and-Stick Model

Space-Filling Model

H,O, water H-O—H ) |
H,0,, hydrogen @~ H—O—O—H
peroxide ‘) b
CCly, carbon (‘:
tetrachloride cl _(‘: Cl
Cl
C;Hg, propane I‘_I III H x
G w
H H H
C,H;0H, P‘I P‘I <
ethanol H—(‘j—(‘]—O—H
H H

EXE] 10NSs AND TONIC COMPOUNDS

So far we have discussed only compounds that exist as discrete molecules. Some com-
pounds, such as sodium chloride, NaCl, consist of collections of large numbers of ions.
An ion is an atom or group of atoms that carries an electric charge. Ions that possess a

positive charge, such as the sodium ion, Na*
tive charge, such as the chloride ion, Cl~,

, are called cations. Those carrying a nega-
are called anions. The charge on an ion must
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Figure 2-6 Formulas and models
for some molecules. Structural
formulas show the order in which
atoms are connected but do not
represent true molecular shapes.
Ball-and-stick models use balls of
different colors to represent atoms
and sticks to represent bonds; they
show the three-dimensional shapes
of molecules. Space-filling models
show the (approximate) relative sizes
of atoms and the shapes of
molecules.

The words “cation” (kat’-i-on)
and “anion” (an’-i-on) and their
relationship to cathode and anode
will be described in Chapter 21.
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Figure 2-7 The arrangement of
ions in NaCl. (a) A crystal of sodium
chloride consists of an extended
array that contains equal numbers

of sodium ions (small spheres) and
chloride ions (large spheres). Within
the crystal, (b) each chloride ion is
surrounded by six sodium ions, and
(c) each sodium ion is surrounded by
six chloride ions.

The general term “formula unit”
applies to molecular or ionic
compounds, whereas the more specific
term “molecule” applies only to
elements and compounds that exist

as discrete molecules.

In this text, we use the standard
convention of representing multiple
charges with the number before the
sign, e.g., Ca?™, not Ca™2 and SO,*~,
not SO, Z,

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

Nat*
Cl_h
=
(b)
Na*
(©

be included as a superscript on the right side of the chemical symbol(s) when we write
the formula for the individual ion.

As discussed in detail in Chapter 5, an atom consists of a very small, very dense, pos-
itively charged nucleus surrounded by a diffuse distribution of negatively charged particles
called electrons. The number of positive charges in the nucleus defines the identity of the
element to which the atom corresponds. Electrically neutral atoms contain the same num-
ber of electrons outside the nucleus as positive charges (protons) within the nucleus. Ions
are formed when neutral atoms lose or gain electrons. An Na™ ion is formed when a
sodium atom loses one electron, and a Cl~ ion is formed when a chlorine atom gains one
electron.

The compound NaCl consists of an extended array of Na* and CI~ ions (Figure 2-7).
Within the crystal (though not on the surface) each Na* ion is surrounded at equal dis-
tances by six Cl~ ions, and each Cl~ ion is similarly surrounded by six Na* ions. Any
compound, whether ionic or molecular, is electrically neutral; that is, it has no net charge.
In NaCl this means that the Na* and Cl~ ions are present in a 1:1 ratio, and this is in-
dicated by the formula NaCl.

Because there are no “molecules” of ionic substances, we should not refer to “a
molecule of sodium chloride, NaCl,” for example. Instead, we refer to a formula unit
of NaCl, which consists of one Na™ ion and one CI~ ion. Likewise, one formula unit
of CaCl, consists of one Ca?* ion and two Cl~ ions. As you will see in the next section,
we speak of the formula unit of all ionic compounds as the smallest, whole-number
ratios of ions that yield neutral representations. It is also acceptable to refer to a formula
unit of a molecular compound. One formula unit of propane, C;Hyg, is the same as one
molecule of C;Hg; it contains three C atoms and eight H atoms bonded together into
a group.

For the present, we shall tell you which substances are ionic and which are molecular
when it is important to know. Later you will learn to make the distinction yourself.

Polyatomic ions are groups of atoms that bear an electric charge. Examples include
the ammonium ion, NH,"; the sulfate ion, SO,?>~; and the nitrate ion, NO; ™. Table 2-3
shows the formulas, ionic charges, and names of some common ions. When writing the
formula of a polyatomic compound, we show groups in parentheses when they appear
more than once. For example, (NH,),SO, represents a compound that has two NH,*
ions for each SO,*~ ion.
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Common Cations (positive ions)

Common Anions (negative ions)

Formula Charge Name Formula Charge Name
Na* 1+ sodium F- 1- fluoride
K* 1+ potassium Cl- 1- chloride
NH,* 1+ ammonium Br~ 1- bromide
Ag* 1+ silver OH~ 1- hydroxide
CH;COO~ = acetate
Mg?+ 2+ magnesium NO;~ 1- nitrate
Ca2* 2+ calcium
Zn?* 2+ zinc 02~ A= oxide
Cu* 1+ copper(l) S2- A= sulfide
Cu* 2+ copper(Il) SO2~ D= sulfate
FeZ* 2+ iron(IT) SO42~ A= sulfite
CO;%~ 2= carbonate
Fe3* 3+ iron(IIT)
ABT 3+ aluminum PO}~ 3— phosphate

EX] NAMES AND FORMULAS OF SOME IONIC COMPOUNDS

During your study of chemistry you will have many occasions to refer to compounds by
name. In this section, we shall see how a few compounds should be named. More com-
prehensive rules for naming compounds are presented at the appropriate places later in

the text.

Table 2-2 includes examples of names for a few common molecular compounds. You
should learn that short list before proceeding much farther in this textbook. We shall

name many more molecular compounds as we encounter them in later chapters.

Tonic compounds (clockwise, from top): salt
(sodium chloride, NaCl), calcite (calcium
carbonate, CaCOs), cobalt(I) chloride
hexahydrate, (CoCl, - 6H,0), fluorite
(calcium fluoride, CaF,).

As we shall see, some metals can form
more than one kind of ion with a
positive charge. For such metals, we
specify which ion we mean with a
Roman numeral —e.g., iron(II) or
iron(III). Because zinc forms no stable
ions other than Zn?*, we do not need
to use Roman numerals in its name.
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See the Saunders Interactive

General Chemistry CD-ROM,
Screen 3.13, Naming lonic
Compounds.
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The names of some common ions appear in Table 2-3. You will need to know the
names and formulas of these frequently encountered ions. They can be used to write the
formulas and names of many ionic compounds. We write the formula of an ionic com-
pound by adjusting the relative numbers of positive and negative ions so their total charges
cancel (i.e., add to zero). The name of an ionic compound is formed by giving the names
of the ions, with the positive ion named first.

/Problem-Solving Tip: Where to Start in Learning to Name
Compounds

You may not be sure of the best point to start learning the naming of compounds. It has
been found that before rules for naming can make much sense or before we can expand
our knowledge to more complex compounds, we need to know the names and formulas
in Tables 2-2 and 2-3. If you are unsure of your ability to recall a name or a formula in
Tables 2-2 and 2-3 when given the other, prepare flash cards, lists, and so on that you
can use to learn these tables.

EXAMPLE 2-1  Formulas for Ionic Compounds

Write the formulas for the following ionic compounds: (a) sodium fluoride, (b) calcium fluor-
ide, (c) iron(Il) sulfate, (d) zinc phosphate.

Plan

In each case, we identify the chemical formulas of the ions from Table 2-3. These ions must
be present in the simplest whole-number ratio that gives the compound 7o net charge. Recall
that the formulas and names of ionic compounds are written by giving the positively charged
ion first.

Solution

(a) The formula for the sodium ion is Na*, and the formula for the fluoride ion is F~ (Table
2-3). Because the charges on these two ions are equal in magnitude, the ions must be present
in equal numbers, or in a 1:1 ratio. Thus, the formula for sodium fluoride is NaF.

(b) The formula for the calcium ion is Ca?* and the formula for the fluoride ion is F~. Now
each positive ion (Ca?™) provides twice as much charge as each negative ion (F~). So there
must be twice as many F~ ions as Ca?™ ions to equalize the charge. This means that the ratio
of calcium to fluoride ions is 1:2. So the formula for calcium fluoride is CakF,.

(c) The iron(Il) ion is Fe?™, and the sulfate ion is SO,?~. As in part (a), the equal magnitudes
of positive and negative charges tell us that the ions must be present in equal numbers, or in
a 1:1 ratio. The formula for iron(Il) sulfate is FeSO,.

(d) The zinc ion is Zn?*, and the phosphate ion is PO,3~. Now it will take three Zn?* ions to
account for as much charge (6+ total) as would be present in fwo PO,3~ ions (6— total). So
the formula for zinc phosphate is Zn;(PO,),.

You should now work Exercises 14 and 21.

EXAMPLE 2-2  Names for Ionic Compounds
Name the following ionic compounds: (a) (NH,),S, (b) Cu(NOy),, (c) ZnCl,, (d) Fe,(COy);.

Plan

In naming ionic compounds, it is helpful to inspect the formula for atoms or groups of atoms
that we recognize as representing familiar ions.
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Solution

(a) The presence of the polyatomic grouping NH, in the formula suggests to us the presence
of the ammonium ion, NH,". There are two of these, each accounting for 1+ in charge. To
balance this, the single S must account for 2— in charge, or S?~, which we recognize as the
sulfide ion. Thus, the name of the compound is ammonium sulfide.

(b) The NO; grouping in the formula tells us that the nitrate ion, NO; ™, is present. Two of
these nitrate ions account for 2 X 1— = 2— in negative charge. To balance this, copper must
account for 2+ charge and be the copper(Il) ion. The name of the compound is copper(II)
nitrate.

(c) The positive ion present is zinc ion, Zn?*, and the negative ion is chloride, Cl~. The name
of the compound is zinc chloride.

(d) Each CO; grouping in the formula must represent the carbonate ion, CO;2~. The pres-
ence of three such ions accounts for a total of 6— in negative charge, so there must be a total
of 6+ present in positive charge to balance this. It takes wo iron ions to provide this 6+, so
each ion must have a charge of 3+ and be Fe3*, the iron(IIl) ion, or ferric ion. The name of
the compound is iron(IIl) carbonate.

You should now work Exercises 13 and 20.

A more extensive discussion on naming compounds appears in Chapter 4.

EX] ATromiC WEIGHTS

As the chemists of the eighteenth and nineteenth centuries painstakingly sought infor-
mation about the compositions of compounds and tried to systematize their knowledge,
it became apparent that each element has a characteristic mass relative to every other
element. Although these early scientists did not have the experimental means to measure
the mass of each kind of atom, they succeeded in defining a relative scale of atomic masses.

An early observation was that carbon and hydrogen have relative atomic masses, also
traditionally called atomic weights (AW), of approximately 12 and 1, respectively.
Thousands of experiments on the compositions of compounds have resulted in the es-
tablishment of a scale of relative atomic weights based on the atomic mass unit (amu),
which is defined as exactly {5 of the mass of an atom of a particular kind of carbon atom, called
carbon-12.

On this scale, the atomic weight of hydrogen (H) is 1.00794 amu, that of sodium (Na)
is 22.989768 amu, and that of magnesium (Mg) is 24.3050 amu. This tells us that Na
atoms have nearly 23 times the mass of H atoms, and Mg atoms are about 24 times heav-
ier than H atoms.

When you need values of atomic weights, consult the periodic table or the alphabeti-
cal listing of elements, both found on facing pages inside the front cover.

EX] THE MOLE

Even the smallest bit of matter that can be handled reliably contains an enormous num-
ber of atoms. So we must deal with large numbers of atoms in any real situation, and some
unit for conveniently describing a large number of atoms is desirable. The idea of using
a unit to describe a particular number (amount) of objects has been around for a long
time. You are already familiar with the dozen (12 items) and the gross (144 items).
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We use the information that the
carbonate ion has a 2— charge to find
the charge on the iron ions. The total
charges must add up to zero.

The term “atomic weight” is widely
accepted because of its traditional use,
although it is properly a mass rather
than a weight. “Atomic mass” is often
used.
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“Mole” is derived from the Latin word
moles, which means “a mass.”
“Molecule” is the diminutive form of
this word and means “a small mass.”

The atomic weight of iron (Fe) is
55.847 amu. Suppose that one dozen
large eggs weighs 24 oz.
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The SI unit for amount is the mole, abbreviated mol. It is defined as the amount of
substance that contains as many entities (atoms, molecules, or other particles) as there are
atoms in exactly 0.012 kg of pure carbon-12 atoms. Many experiments have refined the
number, and the currently accepted value is

1 mole = 6.0221367 X 1023 particles

This number, often rounded off to 6.022 X 1023, is called Avogadro’s number in honor
of Amedeo Avogadro (1776-1856), whose contributions to chemistry are discussed in
Section 12-8.

According to its definition, the mole unit refers to a fixed number of items, the iden-
tities of which must be specified. Just as we speak of a dozen eggs or a pair of aces, we
refer to a mole of atoms or a mole of molecules (or a mole of ions, electrons, or other
particles). We could even think about a mole of eggs, although the size of the required
carton staggers the imagination! Helium exists as discrete He atoms, so one mole of he-
lium consists of 6.022 X 1023 He atoms. Hydrogen commonly exists as diatomic (two-
atom) molecules, so one mole of hydrogen is 6.022 X 1023 H, molecules and 2(6.022 X
1023) H atoms.

Every kind of atom, molecule, or ion has a definite characteristic mass. It follows that
one mole of a given pure substance also has a definite mass, regardless of the source of
the sample. This idea is of central importance in many calculations throughout the study
of chemistry and the related sciences.

Because the mole is defined as the number of atoms in 0.012 kg (or 12 g) of carbon-
12, and the atomic mass unit is defined as {5 of the mass of a carbon-12 atom, the fol-
lowing convenient relationship is true:

The mass of one mole of atoms of a pure element in grams is numerically equal to
the atomic weight of that element in atomic mass units. This is also called the molar
mass of the element; its units are grams/mole, also written as g/mol or g-mol~L.

For instance, if you obtain a pure sample of the metallic element titanium (13i), whose
atomic weight is 47.88 amu, and measure out 47.88 g of it, you will have one mole, or
6.022 X 10?3 titanium atoms.

The symbol for an element can be used to (1) identify the element, (2) represent one
atom of the element, or (3) represent one mole of atoms of the element. The last inter-
pretation will be extremely useful in calculations in the next chapter.

A quantity of a substance may be expressed in a variety of ways. For example, consider
a dozen eggs and 55.847 grams (or one mole) of iron (Figure 2-8). We can express the
amount of eggs or iron present in any of several units. We can then construct unit fac-
tors to relate an amount of the substance expressed in one kind of unit to the same amount
expressed in another unit.

Unit Factors for Eggs Unit Factors for Iron
12 eggs 6.022 X 102 Fe atoms
1 doz eggs 1 mol Fe atoms
12 eggs 6.022 X 102 Fe atoms
24 oz eggs 55.847 g Fe

and so on and so on
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12 large eggs
or
1 dozen eggs
or
24 ounces of eggs

6.022 X 1023 Fe atoms
or

1 mole of Fe atoms
or

55.847 grams of iron

Figure 2-8 Three ways of representing amounts.

As Table 2-4 suggests, the concept of a mole as applied to atoms is especially useful.
It provides a convenient basis for comparing the masses of equal numbers of atoms of
different elements.

Figure 2-9 shows what one mole of atoms of each of some common elements looks
like. Each of the examples in Figure 2-9 represents 6.022 X 1023 atoms of the element.

The relationship between the mass of a sample of an element and the number of moles
of atoms in the sample is illustrated in Example 2-3.

In this textbook we usually work problems involving atomic weights (masses) or for-
mula weights (masses) rounded to only one decimal place. We round the answer further
if initial data do not support the number of significant figures obtained using the rounded
atomic weights. Similarly, if the initial data indicate that more significant figures are jus-
tified, we will rework such problems using atomic weights and formula weights contain-
ing values beyond the tenths place.

1AV EE S Mass of One Mole of Atoms of Some Common
Elements

A Sample with a

Element Mass of Contains

carbon 120gC 6.02 X 10?3 C atoms or 1 mol of C atoms
titanium 479 g Ti 6.02 X 10?3 Ti atoms or 1 mol of Ti atoms
gold 197.0 g Au 6.02 X 10?3 Au atoms or 1 mol of Au atoms
hydrogen 1.0 g H, 6.02 X 10%* H atoms or 1 mol of H atoms

(3.01 x 1023 H, molecules or } mol
of H, molecules)

sulfur 32.1 g Sq 6.02 X 1023 S atoms or 1 mol of S atoms
(0.753 x 1023 Sg molecules or § mol
of Sg molecules)
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Figure 2-9 One mole of atoms of
some common elements. Back row
(left to right): bromine, aluminum,
mercury, copper. Front row (left to
right): sulfur, zinc, iron.

To the required four significant
figures, 1 mol Fe atoms = 55.85 g Fe.

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

EXAMPLE 2-3  Moles of Atoms
How many moles of atoms does 136.9 g of iron metal contain?

Plan
The atomic weight of iron is 55.85 amu. This tells us that the molar mass of iron is
55.85 g/mol, or that one mole of iron atoms is 55.85 g of iron. We can express this as either
of two unit factors:
1 mol Fe atoms 55.85 g Fe
55.85 g Fe o 1 mol Fe atoms
Because one mole of iron has a mass of 55.85 g, we expect that 136.9 g will be a fairly small

number of moles (greater than 1, but less than 10).

Solution

> mol Fe atoms = 136.9 g Fe x LM FCAOMS _ 5 4oy ol Fe atoms
55.85 g Fe

You should now work Exercises 34 and 40.

Once the number of moles of atoms of an element is known, the number of atoms in
the sample can be calculated, as Example 2-4 illustrates.

EXAMPLE 2-4  Numbers of Atoms
How many atoms are contained in 2.451 mol of iron?

Plan

One mole of atoms of an element contains Avogadro’s number of atoms, or 6.022 X 1023 atoms.
This lets us generate the two unit factors
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6.022 X 1023 atoms

1 mol atoms

1 mol atoms
6.022 X 1023 atoms

and

Solution

6.022 X 10?3 Fe atoms
2 Fe atoms = 2.451 mol Fe atoms X =
1 mol Fe atoms

1.476 X 102* Fe atoms

We expected the number of atoms in more than two moles of atoms to be a very
large number. Written in nonscientific notation, the answer to this example is:
1,476,000,000,000,000,000,000,000.

You should now work Exercise 42.

If we know the atomic weight of an element on the carbon-12 scale, we can use the
mole concept and Avogadro’s number to calculate the #verage mass of one atom of that
element in grams (or any other mass unit we choose).

Try to name this number with its
many zeroes.

H_
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Avogadro’s Number

If you think that the value of Avogadro’s number, 6 X 1023,
is too large to be useful to anyone but chemists, look up into
the sky on a clear night. You may be able to see about 3000
stars with the naked eye, but the total number of stars swirling
around you in the known universe is approximately equal to
Avogadro’s number. Just think, the known universe contains
approximately one mole of stars! You don’t have to leave earth
to encounter such large numbers. The water in the Pacific
Ocean has a volume of about 6 X 102> mL and a mass of
about 6 X 1023 g.

Avogadro’s number is almost incomprehensibly large. For
example, if one mole of dollars given away at the rate of a
million per second beginning when the earth first formed
some 4.5 billion years ago, would any remain today? Surpris-
ingly, about three fourths of the original mole of dollars
would be left today; it would take about 14,500,000,000 more
years to give away the remaining money at $1 million per
second.

Computers can be used to provide another illustration
of the magnitude of Avogadro’s number. If a computer can
count up to one billion in one second, it would take that
computer about 20 million years to count up to 6 X 1023. In
contrast, recorded human history goes back only a few thou-
sand years.

The impressively large size of Avogadro’s number can give
us very important insights into the very small sizes of indi-
vidual molecules. Suppose one drop of water evaporates in
one hour. There are about 20 drops in one milliliter of wa-
ter, which weighs one gram. So one drop of water is about
0.05 g of water. How many H,O molecules evaporate per
second?

2 H,0 molecules  0.05 g H,O 1 mol H,0
1s ~ 1h 18gH,0
6 X 1023 H,O molecules lh 1 min
1 mol H,O 60 min 60 s

= 5 X 1017 H,O molecules/s

5 X 1017 H,O molecules evaporating per second is five hun-
dred million billion H,O molecules evaporating per second
—a number that is beyond our comprehension! This calcu-
lation helps us to recognize that water molecules are incred-
ibly small. There are approximately 1.7 X 102! water mole-
cules in a single drop of water.

By gaining some appreciation of the vastness of Avogadro’s
number, we gain a greater appreciation of the extremely tiny
volumes occupied by individual atoms, molecules, and ions.

Ronald DeLorenzo
Middle Georgia College
Original concept by Larry Novdell
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To gain some appreciation of how little
this is, write 9.274 X 10723 gram as a
decimal fraction, and try to name the
fraction.

Imagine the number of trees required
to make this much paper!

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

EXAMPLE 2-5 Masses of Atoms
Calculate the average mass of one iron atom in grams.

Plan

We expect that the mass of a single atom in grams would be a very small number. We know
that one mole of Fe atoms has a mass of 55.85 g and contains 6.022 X 1023 Fe atoms. We use
this information to generate unit factors to carry out the desired conversion.

Solution

2 gFe 5585 gFe 1 mol Fe atoms

= X = 9.274 X 10~% g Fe/Fe atom
Fe atom 1 mol Fe atoms  6.022 X 10?3 Fe atoms

Thus, we see that the average mass of one Fe atom is only 9.274 X 10723 g, that is,
0.00000000000000000000009274 g.

Example 2-5 demonstrates how small atoms are and why it is necessary to use large
numbers of atoms in practical work. The next example will help you to realize how large
Avogadro’s number is.

EXAMPLE 2-6 Avogadro’s Number
A stack of 500 sheets of typing paper is 1.9 inches thick. Calculate the thickness, in inches and

in miles, of a stack of typing paper that contains one mole (Avogadro’s number) of sheets.
Plan

We construct unit factors from the data given, from conversion factors in Table 1-7, and from
Avogadro’s number.

Solution
6.022 X 10?3 sheet 1.9 in.
2 in = 1 mol sheets X et 9in. 2.3 X 10%! in.
1 mol sheets 500 sheets
1ft 1 mi

2 mi=23X10in. X = 3.6 X 1016 mi

X
12 in. 5280 ft

By comparison, the sun is about 93 million miles from the earth. This stack of paper would
make 390 million stacks that reach from the earth to the sun.

/Problem-SoIving Tip: When Do We Round?

Even though the number 1.9 has two significant figures, we carry the other numbers in
Example 2-6 to more significant figures. Then we round at the end to the appropriate
number of significant figures. The numbers in the distance conversions are exact num-
bers.
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FORMULA WEIGHTS, MOLECULAR WEIGHTS,
AND MOLES

The formula weight (FW) of a substance is the sum of the atomic weights (AW)
of the elements in the formula, each taken the number of times the element occurs.
Hence a formula weight gives the mass of one formula unit in atomic mass units.

Formula weights, like the atomic weights on which they are based, are relative masses.
The formula weight for sodium hydroxide, NaOH, (rounded off to the nearest 0.1 amu)
is found as follows.

Number of Atoms of Stated Kind X Mass of One Atom = Mass Due to Element

1 X Na= 1 X 23.0 amu = 23.0 amu of Na
1XH = 1 X 1.0 amu 1.0 amu of H
1X0O = 1 X 16.0 amu = 16.0 amu of O

Formula weight of NaOH = 40.0 amu

The term “formula weight” is correctly used for either ionic or molecular substances.
When we refer specifically to molecular (nonionic) substances, that is, substances that ex-
ist as discrete molecules, we often substitute the term molecular weight (MW).

EXAMPLE 2-7  Formula Weights

Calculate the formula weight (molecular weight) of acetic acid (vinegar), CH;COOH, using
rounded values for atomic weights given in the International Table of Atomic Weights inside
the front cover of the text.

Plan
We add the atomic weights of the elements in the formula, each multiplied by the number of
times the element occurs.

Solution

Number of Atoms of Stated Kind X Mass of One Atom = Mass Due to Element

2XC = 2 X 12.0 amu = 24.0 amu of C
4xXH= X 1.0 amu = 4.0amuof H
2 X0 = 2 X 16.0 amu = 32.0 amu of O

Formula weight (molecular weight) of acetic acid (vinegar) = 60.0 amu

You should now work Exercise 26.

A space-filling model of an acetic
acid (vinegar) molecule,
CH;COOH.
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LRIV B One Mole of Some Common Molecular Substances

Molecular A Sample with a
Substance Weight Mass of Contains

[6.02 X 10?2 H, molecules or
1 mol of H, molecules
(contains 2 X 6.02 X 1023 H
atoms or 2 mol of H atoms)

hydrogen 2.0 20gH,

[6.02 x 102> O, molecules or
1 mol of O, molecules
(contains 2 X 6.02 X 1023 O
atoms or 2 mol of O atoms)

oxygen 32.0 320g 0,

{6.02 X 1023 CH, molecules or

1 mol of CH, molecules

(contains 6.02 X 10?3 C atoms
and 4 X 6.02 X 10?3 H atoms)

methane 16.0 16.0 g CH,

6.02 x 10?3 CH;COOH
acetic acid 60.0 60.0 g CH;COOH molecules or 1 mol of
(vinegar) CH;COOH molecules

The amount of substance that contains the mass in grams numerically equal to its
formula weight in amu contains 6.022 X 1023 formula units, or one mole of the sub-
stance. This is sometimes called the molar mass of the substance. Molar mass is
numerically equal to the formula weight of the substance (the atomic weight for atoms
of elements) and has the units grams/mole.

One mole of sodium hydroxide is 40.0 g of NaOH, and one mole of acetic acid is 60.0 g
of CH;COOH. One mole of any molecular substance contains 6.02 X 10?3 molecules of
the substance, as Table 2-5 illustrates.

Because no simple NaCl molecules exist at ordinary temperatures, it is inappropriate
to refer to the “molecular weight” of NaCl or any ionic compound. One mole of an ionic
compound contains 6.02 X 1023 formula units of the substance. Recall that one formula
unit of sodium chloride consists of one sodium ion, Na*, and one chloride ion, Cl~. One
mole, or 58.4 g, of NaCl contains 6.02 X 1023 Na™ ions and 6.02 X 1023 CI~ ions (Table
2-6).

The mole concept, together with Avogadro’s number, provides important connections
among the extensive properties mass of substance, number of moles of substance, and
number of molecules or ions. These are summarized as follows.

Mass A Moles A

FW A _gA Avogadro’s Formula units of A
(molar mass A)  mol A number mol A

Moles A Formula units of A
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LRIV R One Mole of Some Ionic Compounds

Formula A Sample with a
Compound Weight Mass of 1 Mol Contains
[6.02 x 103 Na* ions or
V.
sodium 58.4 58.4 ¢ NaCl 1 mol oZiNa_ ions
chloride 6.02 X 10%° Cl ions or
1 mol of Cl~ ions
[6.02 X 1023 Ca2* ions or
24
calcium 111.0 111.0 g CaCl, 1 mol of Ca?* ions
chloride 2(6.02 X 10%3) Cl ions or
2 mol of Cl~ ions
[2(6.02 x 1023) A3+ ions or
34
aluminum 342.1 3421 g Alz(SO4)3 2 mol Ofél 1()r215_ .
sulfate 3(6.02 X 10%3) SO4. ions or
3 mol of SO,>~ ions

The following examples show the relations between numbers of molecules, atoms, or
formula units and their masses.

EXAMPLE 2-8 Masses of Molecules
What is the mass in grams of 10.0 million SO, molecules?

Plan
One mole of SO, contains 6.02 X 1023 SO, molecules and has a mass of 64.1 grams.

Solution

64.1 g SO,

? ¢SO
=8> 6.02 X 10?3 SO, molecules

10.0 X 10° SO, molecules X

= 1.06 X 10-15 g SO,

Ten million SO, molecules have a mass of only 0.00000000000000106 g. Commonly used
analytical balances are capable of weighing to =0.0001 g.

You should now work Exercise 44.

EXAMPLE 2-9  Moles

How many (a) moles of O,, (b) O, molecules, and (c) O atoms are contained in 40.0 g of
oxygen gas (dioxygen) at 25°C?

Plan

We construct the needed unit factors from the following equalities: (a) the mass of one mole
of O, is 32.0 g (molar mass O, = 32.0 g/mol); (b) one mole of O, contains 6.02 X 10?3 O,
molecules; (c) one O, molecule contains two O atoms.

When fewer than four significant
figures are needed in calculations,

Avogadro’s number may be rounded

off to 6.02 X 1023,
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In Example 2-10, we relate (a) grams
to moles, (b) moles to formula units,
and (c) formula units to H atoms.

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

Solution
One mole of O, contains 6.02 X 1023 O, molecules, and its mass is 32.0 g.

1 mol O,
(a) 2 mol 02 =40.0 g 02 X m = 1.25 mol 02
6.02 X 10%* O, molecules
(b) 2 O, molecules = 40.0 g O, X

3205 O,
= 7.52 X 1023 molecules

Or; we can use the number of moles of O, calculated in part (a) to find the number of O, mol-
ecules.

6.02 X 10%* O, molecules

2 O, molecules = 1.25 mol O, X = 7.52 X 10%* O, molecules

1 mol O,
6.02 X 10%* O, molecules 2 O atoms
: 0 =400¢g O, X X
© £ O atoms =40.0g O, 32.0 g O, 1 O, molecule

= 1.50 X 10%* O atoms

You should now work Exercise 30.

EXAMPLE 2-10  Numbers of Atoms
Calculate the number of hydrogen atoms in 39.6 g of ammonium sulfate, (NH,),SO,.

Plan
One mole of (NH,),SO, is 6.02 X 10?3 formula units and has a mass of 132.1 g.

g of N mol of N formula units of I atoms
(NH,),804 (NH,),504 (NH,),504
Solution
1 mol (NH,),SO,
132.1 g (NH,),S0,
6.02 x 10?3 formula units (NH,),SO, 8 H atoms
1 mol (NH,),S0, " T formula units (NH,),S0,

2 Hatoms = 39.6 g (NH,),SO,4 X

1.44 X 10** H atoms

You should now work Exercise 38.

EX] PERCENT COMPOSITION AND FORMULAS
OF COMPOUNDS

If the formula of a compound is known, its chemical composition can be expressed as the
mass percent of each element in the compound (percent composition). For example, one
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carbon dioxide molecule, CO,, contains one C atom and two O atoms. Percentage is the
part divided by the whole times 100 percent (or simply parts per 100), so we can repre-
sent the percent composition of carbon dioxide as follows:

o = massofC o AWOfC o —12.0amu oo soae
mass of CO, MW of CO, 44.0 amu
X .
9 o= masofO .o 2XAWofO . o  20160amw) o0 _ esuerg

mass of CO, MW of CO, 44.0 amu

One mole of CO, (44.0 g) contains one mole of C atoms (12.0 g) and two moles of O As a check, we see that the percentages
atoms (32.0 g). We could therefore have used these masses in the preceding calculation. — add to 100%.
These numbers are the same as the ones used—only the units are different. In Example
2-11 we shall base our calculation on one mole rather than one molecule.

EXAMPLE 2-11  Percent Composition
Calculate the percent composition by mass of HNO;.

Plan
We first calculate the mass of one mole as in Example 2-7. Then we express the mass of each
element as a percent of the total.

Solution
The molar mass of HNOj is calculated first.

Number of Mol of Atoms X Mass of One Mol of Atoms = Mass Due to Element
1 XH= 1 X10g =10gof H
1 XN = 1 X140 g =140gof N
3X0= 3 X 16.0 g =48.0gof O

Mass of 1 mol of HNO; =63.0 g

Now, its percent composition is

fH 1.0
% H = _ Mass ot L X 100% = & X 100% = 1.6% H When chemists use the % notation,
mass of HNO 63.0g ) N )
3 they mean percent by mass unless they
f N 14.0 specify otherwise.
% N=—3SOR o 100% = ——5 X 100% = 22.2% N peery ome
mass of HNO, 63.0g
f 48.0
% 0=—"35000 500, = 08 100% = 76.2% O
mass of HNO; 63.0

Total = 100.0%

You should now work Exercise 46.

Nitric acid is 1.6% H, 22.2% N, and 76.2% O by mass. All samples of pure HNO;
have this composition, according to the Law of Definite Proportions.
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CHEMISTRY IN USE

The Development of Science

Names of the Elements

If you were to discover a new element, how would you name
it? Throughout history, scientists have answered this ques-
tion in different ways. Most have chosen to honor a person
or place or to describe the new substance.

Until the Middle Ages only nine elements were known:
gold, silver, tin, mercury, copper, lead, iron, sulfur, and car-
bon. The metals’ chemical symbols are taken from descrip-
tive Latin names: aurum (“yellow”), argentum (“shining”),
stannum (“dripping” or “easily melted”), hydrargyrum (“sil-
very water”), cuprum (“Cyprus,” where many copper mines
were located), plumbum (exact meaning unknown—possibly
“heavy”), and ferrum (also unknown). Mercury is named after
the planet, one reminder that the ancients associated metals
with gods and celestial bodies. In turn, both the planet, which
moves rapidly across the sky, and the element, which is the
only metal that is liquid at room temperature and thus flows
rapidly, are named for the fleet god of messengers in Roman
mythology. In English, mercury is nicknamed “quicksilver.”

Prior to the reforms of Antoine Lavoisier (1743-1794),
chemistry was a largely nonquantitative, unsystematic science
in which experimenters had little contact with each other. In
1787, Lavoisier published his Methode de Nomenclature
Chimique, which proposed, among other changes, that all new
elements be named descriptively. For the next 125 years, most
elements were given names that corresponded to their prop-
erties. Greek roots were one popular source, as evidenced by
hydrogen (hydros-gen, “water-producing”), oxygen (oksys-gen,
“acid-producing”), nitrogen (nitron-gen, “soda-producing”),
bromine (bromos, “stink”), and argon (a-er-gon, “no reaction”).
The discoverers of argon, Sir William Ramsay (1852-1916)
and Baron Rayleigh (1842-1919), originally proposed the
name aeron (from aer or air), but critics thought it was too
close to the biblical name Aaron! Latin roots, such as radius
(“ray”), were also used (radium and radon are both naturally
radioactive elements that emit “rays”). Color was often the
determining property, especially after the invention of the
spectroscope in 1859, because different elements (or the light
that they emit) have prominent characteristic colors. Cesium,
indium, iodine, rubidium, and thallium were all named in this
manner. Their respective Greek and Latin roots denote blue-
gray, indigo, violet, red, and green (thallus means “tree
sprout”). Because of the great variety of colors of its com-
pounds, iridium takes its name from the Latin 77is, meaning

“rainbow.” Alternatively, an element name might suggest a
mineral or the ore that contained it. One example is Wolfram
or tungsten (W), which was isolated from wolframite. Two
other “inconsistent” elemental symbols, K and Na, arose
from occurrence as well. Kalium was first obtained from the
saltwort plant, Salsola kali, and natrium from niter. Their
English names, potassium and sodium, are derived from the
ores potash and soda.

Other elements, contrary to Lavoisier’s suggestion, were
named after planets, mythological figures, places, or super-
stitions. “Celestial elements” include helium (“sun”), tel-
lurium (“earth”), selenium (“moon” —the element was dis-
covered in close proximity to tellurium), cerium (the asteroid
Ceres, which was discovered only two years before the ele-
ment), and uranium (the planet Uranus, discovered a few
years earlier). The first two transuranium elements (those be-
yond uranium) to be produced were named neptunium and
plutonium for the next two planets, Neptune and Pluto. The
names promethium (Prometheus, who stole fire from
heaven), vanadium (Scandinavian goddess Vanadis), titanium
(Titans, the first sons of the earth), tantalum (Tantalos,
father of the Greek goddess Niobe), and thorium (Thor,
Scandinavian god of war) all arise from Greek or Norse
mythology.

“Geographical elements,” shown on the map, sometimes
honored the discoverer’s native country or workplace. The
Latin names for Russia (ruthenium), France (gallium), Paris
(futetium), and Germany (germanium) were among those
used. Marie Sklodowska Curie named one of the elements
that she discovered polonium, after her native Poland. Often
the locale of discovery lends its name to the element; the
record holder is certainly the Swedish village Ytterby, the
site of ores from which the four elements terbium, erbium,
ytterbium, and yttrium were isolated. Elements honoring
important scientists include curium, einsteinium, nobelium,
fermium, and lawrencium.

Most of the elements now known were given titles peace-
fully, but a few were not. Niobium, isolated in 1803 by
Ekeberg from an ore that also contained tantalum, and named
after Niobe (daughter of Tantalos), was later found to be
identical to an 1802 discovery of C. Hatchett, columbium.
(Interestingly, Hatchett first found the element in an ore
sample that had been sent to England more than a century
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Many chemical elements were named

after places.

earlier by John Winthrop, the first governor of Connecticut.)
Although “niobium” became the accepted designation in
Europe, the Americans, not surprisingly, chose “columbium.”
It was not until 1949 —when the International Union of Pure
and Applied Chemistry IUPAC) ended more than a century
of controversy by ruling in favor of mythology— that ele-
ment 41 received a unique name.

In 1978, the IUPAC recommended that elements beyond
103 be known temporarily by systematic names based on nu-
merical roots; element 104 is unnilquadium (uz for 1, nil for
0, quad for 4, plus the -ium ending), followed by unnilpen-
tium, unnilhexium, and so on. Arguments over the names of
elements 104 and 105 prompted the IUPAC to begin hear-
ing claims of priority to numbers 104 to 109. The IUPAC’s
final recommendations for these element names were an-

nounced in 1997. The names and symbols recommended by
that report are: element 104, rutherfordium, Rf; element 105,
dubnium, Db; element 106, seaborgium, Sg; element 107,
bohrium, Bh; element 108, hassium, Hs; and element 109,
meitnerium, Mt. Some of these (Rf and Bh) are derived from
the names of scientists prominent in the development of
atomic theory; others (Sg, Hs, and Mt) are named for scien-
tists who were involved in the discovery of heavy elements.
Dubnium is named in honor of the Dubna laboratory in the
former Soviet Union, where important contributions to the
creation of heavy elements have originated.

Lisa Saunders Boffa
Senior Chemist
Exxon Corporation
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A ball-and-stick model of a molecule
of water, H,O.

>

J

A ball-and-stick model of a molecule
of hydrogen peroxide, H,O,.

Remember that percent means parts per

hundred.
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\/ Problem-Solving Tip: The Whole Is Equal to the Sum of Its Parts

Percentages must add to 100%. Roundoff errors may not cancel, however, and totals
such as 99.9% or 100.1% may be obtained in calculations. As an alternative method of

calculation, if we know all of the percentages except one, we can subtract their sum from
100% to obtain the other value.

EXJ DERIVATION OF FORMULAS FROM ELEMENTAL
COMPOSITION

The simplest, or empirical, formula for a compound is the smallest whole-number ra-
tio of atoms present. For molecular compounds the molecular formula indicates the ac-
tual numbers of atoms present in a molecule of the compound. It may be the same as the
simplest formula or else some whole-number multiple of it. For example, the simplest and
molecular formulas for water are both H,O; however, for hydrogen peroxide, they are
HO and H,0,, respectively.

Each year thousands of new compounds are made in laboratories or discovered in na-
ture. One of the first steps in characterizing a new compound is the determination of its
percent composition. A gqualitative analysis is performed to determine which elements are
present in the compound. Then a guantitative analysis is performed to determine the
amount of each element.

Once the percent composition of a compound (or its elemental composition by mass)
is known, the simplest formula can be determined.

EXAMPLE 2-12  Simplest Formulas

Compounds containing sulfur and oxygen are serious air pollutants; they represent the major
cause of acid rain. Analysis of a sample of a pure compound reveals that it contains 50.1% sul-
fur and 49.9% oxygen by mass. What is the simplest formula of the compound?

Plan

One mole of atoms of any element is 6.02 X 1023 atoms, so the ratio of moles of atoms in any
sample of a compound is the same as the ratio of atoms in that compound. This calculation is
carried out in two steps.

Step 1: Let’s consider 100.0 g of compound, which contains 50.1 g of S and 49.9 g of O. We
calculate the number of moles of atoms of each.

Step 2: We then obtain a whole-number ratio between these numbers that gives the ratio of
atoms in the sample and hence in the simplest formula for the compound.

Solution

1 mol S
Step 1: 2 mol S atoms = 50.1 g S X n;o?at;ms = 1.56 mol S atoms
-1 g

1 mol
2 mol O atoms =49.9 g O X 1 mol O atoms = 3.12 mol O atoms
16.0g O
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Step 2: Now we know that 100.0 g of the compound contains 1.56 mol of S atoms and 3.12
mol of O atoms. We obtain a whole-number ratio between these numbers that gives the ratio
of atoms in the simplest formula.

1'—56 =1.00S
1.56

N
3.12

You should now work Exercise 52.

The solution for Example 2-12 can be set up in tabular form.

Relative Relative Number Smallest Whole-
Mass of of Atoms Divide by Number Ratio
Element Element (divide mass by AW) Smaller Number of Atoms
S 50.1 —;gi =1.56 —1;6 =1.00 S
) ) SO,
0 49.9 Y9 _ 31 ﬂ—z.ooo\\/
16.0 1.56

This tabular format provides a convenient way to solve simplest-formula problems, as the
next example illustrates.

EXAMPLE 2-13  Simplest Formula

A 20.882-gram sample of an ionic compound is found to contain 6.072 grams of Na, 8.474
grams of S, and 6.336 grams of O. What is its simplest formula?
Plan

We reason as in Example 2-12, calculating the number of moles of each element and the ra-
tio among them. Here we use the tabular format that was introduced earlier.
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A simple and useful way to obtain
whole-number ratios among several
numbers follows: (a) Divide each
number by the smallest, and then,
(b) if necessary, multiply all of the
resulting numbers by the smallest
whole number that will eliminate
fractions.

The “Relative Mass” column is
proportional to the mass of each
element in grams. With this
interpretation, the next column could
be headed “Relative Number of Moles
of Atoms.” Then the last column
would represent the smallest whole-
number ratios of moles of atoms. But
because a mole is always the same
number of items (atoms), that ratio is
the same as the smallest whole-number
ratio of atoms.

Solution
Relative Relative Number Convert Fractions Smallest Whole-
Mass of of Atoms Divide by to Whole Numbers Number Ratio
Element Element (divide mass by AW) Smallest Number (multiply by integer) of Atoms
Na 6.072 6072 0.264 0264 _ 1.00 1.00 X 2 =2 Na
23.0 0.264
8. 0.26
S 8.474 8474 _ 0.264 0264 _ 1.00 1.00X2=28S Na,S5,04
32.1 0.264 w
0] 6.336 ﬂzo.”é 0396 _ 1.50 1.50x2=30
16.0 0.264
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The ratio of atoms in the simplest formula mzust be a whole-number ratio (by definition). To con-
vert the ratio 1:1:1.5 to a whole-number ratio, each number in the ratio was multiplied by 2,
which gave the simplest formula Na,S,0;.

You should now work Exercise 53.

/ Problem-Solving Tip: Know Common Fractions in Decimal Form

As Example 2-13 illustrates, sometimes we must convert a fraction to a whole number
by multiplication by the correct integer. But we must first recognize which fraction is
represented by a nonzero part of a number. The decimal equivalents of the following
fractions may be useful.

Decimal Equivalent To Convert to Integer,
(to 2 places) Fraction Multiply by
0.50 3 2
0.33 5 3
0.67 3 3
0.25 3 4
0.75 G 4
0.20 5 5

The fractions %, %, #
tiplied by 5.

When we use the procedure given in this section, we often obtain numbers such as
0.99 and 1.52. Because the results obtained by analysis of samples usually contain some

error (as well as roundoff errors), we would interpret 0.99 as 1.0 and 1.52 as 1.5.

are equal to 0.40, 0.60, and 0.80, respectively; these should be mul-

Millions of compounds are composed of carbon, hydrogen, and oxygen. Analyses for
C and H can be performed in a C-H combustion system (Figure 2-10). An accurately

CO, absorber

Figure 2-10 A combustion train used for carbon-hydrogen analysis. The absorbent for
water is magnesium perchlorate, Mg(ClO,),. Carbon dioxide is absorbed by finely divided
sodium hydroxide supported on glass wool. Only a few milligrams of sample is needed for
analysis.
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known mass of a compound is burned in a furnace in a stream of oxygen. The carbon and
hydrogen in the sample are converted to carbon dioxide and water vapor, respectively.
The resulting increases in masses of the CO, and H,O absorbers can then be related to
the masses and percentages of carbon and hydrogen in the original sample.

EXAMPLE 2-14  Percent Composition

Hydrocarbons are organic compounds composed entirely of hydrogen and carbon. A 0.1647-
gram sample of a pure hydrocarbon was burned in a C-H combustion train to produce 0.4931
gram of CO, and 0.2691 gram of H,O. Determine the masses of C and H in the sample and
the percentages of these elements in this hydrocarbon.

Plan

Step 1: We use the observed mass of CO,, 0.4931 grams, to determine the mass of carbon in
the original sample. There is one mole of carbon atoms, 12.01 grams, in each mole of CO,,
44.01 grams; we use this information to construct the unit factor
1201 g C
44.01 g CO,
Step 2: Likewise, we can use the observed mass of H,O, 0.2691 grams, to calculate the amount
of hydrogen in the original sample. We use the fact that there are two moles of hydrogen
atoms, 2.016 grams, in each mole of H,0, 18.02 grams, to construct the unit factor
2016 g H
18.02 g H,O
Step 3: Then we calculate the percentages by mass of each element in turn, using the rela-
tionship

g element
% element = —— X 100%
g sample
Solution
Step 1: 2 g C=04931 g CO, X 1201g C 0.1346 g C
tep 1 =0. —— = 0.
R 8727 4401 g CO, J
Step 2: 2 g H=10.2691 g H,0 X 2016g 1 0.03010 g H
tep 2: I =0. ——= 0.
b8 &2 1802 g 1,0 g
Step 3: % C=—OB8C 00— 81.72% C
0.1647 g sample
0.03010 g H
%H = ———F———— X 100% = 18.28% H
0.1647 g sample
Total = 100.00%

You should now work Exercise 58.

When the compound to be analyzed contains oxygen, the calculation of the amount
or percentage of oxygen in the sample is somewhat different. Part of the oxygen that goes
to form CO, and H,O comes from the sample and part comes from the oxygen stream
supplied. For that reason, we cannot directly determine the amount of oxygen already in
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Hydrocarbons are obtained from coal
and coal tar and from oil and gas wells.
The main use of hydrocarbons is as
fuels. The simplest hydrocarbons are

methane CH,
ethane C,H,
propane C;Hg
butane CH;,

We could calculate the mass of H

by subtracting mass of C from mass
of sample. It is good experimental
practice, however, when possible,

to base both on experimental
measurements, as we have done here.
This would help to check for errors in
the analysis or calculation.

J

J
J J

Can you show that the hydrocarbon
in Example 2-14 is propane, C;Hg?
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Glucose, a simple sugar, is the main
component of intravenous feeding
liquids. Its common name is dex-
trose. It is also one of the products

of carbohydrate metabolism.
We say that the mass of O in the

sample is calculated by difference.
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the sample. The approach is to analyze as we did in Example 2-14 for all elements except
oxygen. Then we subtract the sum of their masses from the mass of the original sample
to obtain the mass of oxygen. The next example illustrates such a calculation.

EXAMPLE 2-15  Percent Composition

A 0.1014-g sample of purified glucose was burned in a C-H combustion train to produce
0.1486 g of CO, and 0.0609 g of H,0. An elemental analysis showed that glucose contains
only carbon, hydrogen, and oxygen. Determine the masses of C, H, and O in the sample and
the percentages of these elements in glucose.

Plan

Steps 1 and 2: We first calculate the masses of carbon and hydrogen as we did in Example
2-14.

Step 3: The rest of the sample must be oxygen because glucose has been shown to contain only
C, H, and O. So we subtract the masses of C and H from the total mass of sample.

Step 4: Then we calculate the percentage by mass for each element.

Solution

Step 1: 3 o C = 0.1486 ¢ CO, x —= L 8C (04055 ¢ C
tep 1: =0. ———— =i
P8 827 4401 g CO, &

Step 2: 3 g 11 = 0.0609 ¢ O x — 208 00681 ¢ 1
t I = 0. —_— = .
=8 &2 718,02 g ,0 £

Step 3: 2 g O =0.1014 g sample — [0.04055 g C + 0.00681 g H] = 0.0540 g O

Step 4: Now we can calculate the percentages by mass for each element:

0.04055 g C
% C=——7"—"""—X100% = 39.99% C
0.1014 g
0.00681 g H
% H=——""""—X100%= 672%H
0.1014 g
0.0540 g O
% O =—F———"—X100% = 53.2% O

0.1014 g

Total = 99.9%

You should now work Exercise 60.

EXT) DETERMINATION OF MOLECULAR FORMULAS

Percent composition data yield only simplest formulas. To determine the molecular for-
mula for a molecular compound, both its simplest formula and its molecular weight must
be known. Some methods for experimental determination of molecular weights are in-
troduced in Chapters 12 and 14.
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For many compounds the molecular formula is a multiple of the simplest formula.
Consider butane, C;H . The simplest formula for butane is C,H;, but the molecular for-
mula contains twice as many atoms; that is, 2 X (C,H;) = C,H,,,. Benzene, C.H,, is an-
other example. The simplest formula for benzene is CH, but the molecular formula con-
tains six times as many atoms; that is, 6 X (CH) = C.H,.

The molecular formula for a compound is either the same as, or an integer multiple of,
the simplest formula.

Molecular formula = # X simplest formula
So we can write

Molecular weight = 7 X simplest formula weight

molecular weight

B simplest formula weight

The molecular formula is then obtained by multiplying the simplest formula by the inte-
ger, 7.

EXAMPLE 2-16 Molecular Formula

In Example 2-15, we found the elemental composition of glucose. Other experiments show
that its molecular weight is approximately 180 amu. Determine the simplest formula and the
molecular formula of glucose.

Plan

Step 1: We first use the masses of C, H, and O found in Example 2-15 to determine the sim-
plest formula.

Step 2: We can use the simplest formula to calculate the simplest formula weight. Because the
molecular weight of glucose is known (approximately 180 amu), we can determine the molec-
ular formula by dividing the molecular weight by the simplest formula weight.

molecular weight

simplest formula weight

The molecular weight is z times the simplest formula weight, so the molecular formula of glu-
cose is # times the simplest formula.
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As an alternative, we could have used
the percentages by mass from Example
2-15. Using the earliest available
numbers helps to minimize the effects
of rounding-off errors.

Solution
Step 1:
Mass of Moles of Element Divide by Smallest Whole-Number
Element Element (divide mass by AW) Smallest Ratio of Atoms
C 0.04055 g 004055 _ 0.003376 mol 0.003376 _ 1.00 C
12.01 0.003376
H 0.00681 g 0.00681 _ 0.00676 mol 000676 _ 2.00H CH,0O
1.008 0.003376
O 0.0540 g 00540 _ 0.00338 mol 000338 _ 1.00 O

16.00 0.003376
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Many sugars are rich sources in our
diet. The most familiar is ordinary
table sugar, which is sucrose,
C;,H,,0,,. An enzyme in our saliva
readily splits sucrose into two simple
sugars, glucose and fructose. The
simplest formula for both glucose
and fructose is C,H;,0O,. They have
different structures and different
properties, however, so they are
different compounds.
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Step 2: The simplest formula is CH,O, which has a formula weight of 30.03 amu. Because the
molecular weight of glucose is approximately 180 amu, we can determine the molecular for-
mula by dividing the molecular weight by the simplest formula weight.
180
n= - = 6,00
30.03 amu
The molecular weight is six times the simplest formula weight, 6 X (CH,0) = C4H,,04, so
the molecular formula of glucose is C;H{,0Oy.

You should now work Exercises 63 and 64.

As we shall see when we discuss the composition of compounds in some detail, two
(and sometimes more) elements may form more than one compound. The Law of
Multiple Proportions summarizes many experiments on such compounds. It is usually
stated: When two elements, A and B, form more than one compound, the ratio of the
masses of element B that combine with a given mass of element A in each of the com-
pounds can be expressed by small whole numbers. Water, H,O, and hydrogen peroxide,
H,0,, provide an example. The ratio of masses of oxygen that combine with a given mass
of hydrogen in H,O and H,O, is 1:2. Many similar examples, such as CO and CO, (1:2
ratio) and SO, and SOj (2:3 ratio), are known. The Law of Multiple Proportions had
been recognized from studies of elemental composition before the time of Dalton. It pro-
vided additional support for his atomic theory.

EXAMPLE 2-17 Law of Multiple Proportions

What is the ratio of the masses of oxygen that are combined with one gram of nitrogen in the
compounds N,0; and NO?

Plan
First we calculate the mass of O that combines with one gram of N in each compound. Then
(@)
we determine the ratio of the values of 2— for the two compounds.
g
Solution
In N.O 2 g0 480g0O — 171 ¢ O/« N
BME TN T 80gN T EYTE
2 g0 160g0O
In NO: = =1.14gO/gN
g N 140 g N
(g0 .
—— (in N,0O3)
gN
1.71 g O/g N .
The ratio is LAgON _ 15 _ 3
1.14gO0/gN 10
80O .
—— (in NO)
[N

We see that the ratio is three mass units of O (in N,0;) to two mass units of O (in NO).

You should now work Exercises 67 and 686.




2-11 Some Other Interpretations of Chemical Formulas

EXE] sOME OTHER INTERPRETATIONS OF CHEMICAL
FORMULAS

Once we master the mole concept and the meaning of chemical formulas, we can use them
in many other ways. The examples in this section illustrate a few additional kinds of in-
formation we can get from a chemical formula and the mole concept.

EXAMPLE 2-18  Composition of Compounds
What mass of chromium is contained in 35.8 g of (NH,),Cr,0?

Plan
Let us first solve the problem in several steps.

Step 1: The formula tells us that each mole of (NH,),Cr,05 contains two moles of Cr atoms,
so we first find the number of moles of (NH,),Cr,O, using the unit factor
1 mol (NH,),Cr,0-
252.0 g (NH,),Cr,0,

Step 2: Then we convert the number of moles of (NH,),Cr,0- into the number of moles of
Cr atoms it contains, using the unit factor

2 mol Cr atoms
1 mol (NH,),Cr,0-

Step 3: We then use the atomic weight of Cr to convert the number of moles of chromium
atoms to mass of chromium.

Mass (NH,),Cr,0; —— mol (NH,),Cr,0;, —— mol Cr —— Mass Cr

Solution

1 mol (NH,),Cr,0,
252.0 g (NH,),Cr,0,

Step 1: 2 mol (NH,),Cr,0, = 35.8 g (NH,),Cr,0, X

= 0.142 mol (NH,),Cr,0,

2 mol Cr atoms
1 mol (NH,),Cr,0,

Step 2: _2mol Cr atoms = 0.142 mol (NH,),Cr,0, X

= 0.284 mol Cr atoms

520gCr

Step 3: 2 g Cr=0.284 mol Cr atoms X ————————
1 mol Cr atoms

= 148 g Cr

If you understand the reasoning in these conversions, you should be able to solve this prob-
lem in a single setup:

1 mol (NH,),Cr,0O, 2 mol Cr atoms 520¢gCr

? gCr=358 Cr,0, x X X
£ 8 0= 8 g N 07 X S 5 g (NH,Cr0, T mol (NH,,Cr,0, 1 mol Cr

You should now work Exercise 72.

= 148gCr
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EXAMPLE 2-19  Composition of Compounds
What mass of potassium chlorate, KCIO;, would contain 40.0 grams of oxygen?

Plan

The formula KCIO; tells us that each mole of KCIO; contains three moles of oxygen atoms.
Each mole of oxygen atoms weighs 16.0 grams. So we can set up the solution to convert:

Mass O — mol O —— mol KCIO; —— Mass KCIO;
Solution

1 mol O atoms 1 mol KCIO; 122.6 g KCIO;

? g KCIO; =40.0 g O X X X
=5 3 & 16.0 g O atoms 3 mol O atoms 1 mol KCIO;

= 102 g KCIO;

You should now work Exercise 74.

/Problem-SoIving Tip: How Do We Know When . .. ?

How do we know when to represent oxygen as O and when as O,? A compound that
contains oxygen does not contain O, molecules. So we solve problems such as Example
2-19 in terms of moles of O atoms. Thus, we must use the formula weight for O, which
is 16.0 g O atoms/1 mol O atoms. Similar reasoning applies to compounds containing
other elements that are polyatomic molecules in pure elemental form, such as H,, Cl,, or P,.

EXAMPLE 2-20  Composition of Compounds

(a) What mass of sulfur dioxide, SO,, would contain the same mass of oxygen as is contained
in 33.7 g of arsenic pentoxide, As,Oj;?

(b) What mass of calcium chloride, CaCl,, would contain the same number of chloride ions
as are contained in 48.6 g of sodium chloride, NaCl?

Plan

(a) We could find explicitly the number of grams of O in 33.7 g of As,Os, and then find the
mass of SO, that contains that same number of grams of O. But this method includes some
unnecessary calculation. We need only convert to moles of O (because this is the same amount
of O regardless of its environment) and then to moles of SO, to obtain mass of SO,.

Mass As,O; —— mol As,O; —— mol O atoms —— mol SO, —— Mass SO,

(b) Because one mole always consists of the same number (Avogadro’s number) of items, we
can reason in terms of 7zoles of Cl™ ions and solve as in part (a).

Mass NaCl —— mol NaCl —— mol CI~ ions —— mol CaCl, — Mass CaCl,

Solution
1 mol As,Oq 5 mol O atoms
229.8 g As,Oq % 1 mol As,O;
1 mol SO, 64.1 g SO,
x 2 mol O atoms % 1 mol SO,

@) 2 g S0, =33.7 g As,O5 X

= 23550,
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1 mol NaCl 1 mol CI~
584 g NaCl 1 mol NaCl

1 mol CaCl, 111.0 g CaCl,
X
2 mol CI™ 1 mol CaCl,

(b) 2 g CaCl, = 48.6 NaCl X

= 46.2 g CaCl,

You should now work Exercise 76.

The physical appearance of one mole of each of some compounds is illustrated in Figure
2-11. Two different forms of oxalic acid are shown. The formula unit (molecule) of ox-
alic acid is (COOH), (FW = 90.0 amu; molar mass = 90.0 g/mol). When oxalic acid is
obtained by crystallization from a water solution, however, two molecules of water are
present for each molecule of oxalic acid, even though it appears dry. The formula of this
hydrate is (COOH), - 2H,O (FW = 126.1 amu; molar mass = 126.1 g/mol). The dot
shows that the crystals contain two H,O molecules per (COOH), molecule. The water
can be driven out of the crystals by heating to leave anhydrous oxalic acid, (COOH),.
Anhydrous means “without water.” Copper(Il) sulfate, an ionic compound, shows similar
behavior. Anhydrous copper(ll) sulfate (CuSO,; FW = 159.6 amu; molar mass = 159.6
g/mol) is almost white. Hydrated copper(Il) sulfate (CuSO, - SH,O; FW = 249.7 amu;
molar mass = 249.7 g/mol) is deep blue. The following example illustrates how we might
find and use the formula of a hydrate.

EXAMPLE 2-21  Composition of Compounds

A reaction requires pure anhydrous calcium sulfate, CaSO,. Only an unidentified hydrate of
calcium sulfate, CaSO, - ¥H,0, is available.

(a) We heat 67.5 g of unknown hydrate until all the water has been driven off. The resulting
mass of pure CaSOy, is 53.4 g. What is the formula of the hydrate, and what is its formula
weight?

(b) Suppose we wish to obtain enough of this hydrate to supply 95.5 grams of CaSO,. How
many grams should we weigh out?

Plan

(a) To determine the formula of the hydrate, we must find the value of x in the formula
CaSO, - ¥H,0. The mass of water removed from the sample is equal to the difference in the
two masses given. The value of «x is the number of moles of H,O per mole of CaSOy, in the
hydrate.
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Figure 2-11 One mole of some
compounds. The colorless liquid is water,
H,0 (1 mol = 18.0 g = 18.0 mL). The
white solid (fromt left) is anbydrous oxalic
acid, (COOH), (1 mol = 90.0 g). The
second white solid (front right) is
bydrated oxalic acid, (COOH), - 2H,0O

(1 mol = 126.0 g). The blue solid is
hydrated copper(Il) sulfate, CuSO, - 5H,0O
(1 mol = 249.7 g). The red solid is
mercury(Il) oxide (1 mol = 216.6 g).

Heating blue CuSO,- 5H,0 forms
anhydrous CuSOy, which is gray.
Some blue CuSO, - 5H,0 is visible
in the cooler center portion of the
crucible.
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Impurities are not necessarily bad.
For example, inclusion of 0.02% KI,
potassium iodide, in ordinary table
salt has nearly eliminated goiter in the
United States. Goiter is a disorder

of the thyroid gland caused by a
deficiency of iodine. Mineral water

tastes better than purer, distilled water.
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(b) The formula weights of CaSOy,, 136.2 g/mol, and of CaSO, - xH,0, (136.2 + x18.0) g/mol,
allow us to write the conversion factor required for the calculation.

Solution
(a) 2 g water driven off = 67.5 g CaSO, - xH,0 — 53.4 g CaSO, = 14.1 g H,0O
2 mol H,0 14.1 g H,0 1 mol H,O  136.2 g CaSO,  2.00 mol H,O
= = X X =
mol CaSO,; 534 g CaSO, 18.0 g H,O 1 mol CaSOy, mol CaSO,

Thus, the formula of the hydrate is CaSO, - 2H,0. Its formula weight is
FW =1 X (formula weight CaSO,) + 2 X (formula weight H,O)
=136.2 g/mol + 2(18.0 g/mol) = 172.2 g/mol

(b) The formula weights of CaSO, (136.2 g/mol) and of CaSO, - 2H,0 (172.2 g/mol) allow
us to write the unit factor

172.2 g CaSO, - 2H,0
136.2 g CaSO,

We use this factor to perform the required conversion:

172.2 g CaSO, - 2H,0
136.2 g CaSO,

2 g CaSO, - 2H,0 = 95.5 g CaSO, desired X
= 121 g CaSO, - 2H,0

You should now work Exercise 78.

EXE] PURITY OF SAMPLES

Most substances obtained from laboratory reagent shelves are not 100% pure. The per-
cent purity is the mass percentage of a specified substance in an impure sample. When
impure samples are used for precise work, account must be taken of impurities. The photo
in the margin shows the label from reagent-grade sodium hydroxide, NaOH, which is
98.2% pure by mass. From this information we know that total impurities represent 1.8%
of the mass of this material. We can write several unit factors:

98.2 g NaOH 1.8 g impurities d 1.8 g impurities
100 g sample ’ 100 g sample ’ " 98.2 ¢ NaOH

The inverse of each of these gives us a total of six unit factors.

EXAMPLE 2-22  Percent Purity
Calculate the masses of NaOH and impurities in 45.2 g of 98.2% pure NaOH.

Plan

98.2 g NaOH
The percentage of NaOH in the sample gives the unit factor g2

100 g sample

. The remainder
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1.8 gi iti
of the sample is 100% — 98.2% = 1.8% impurities; this gives the unit factor —= g TpRTRe
100 g sample

Solution

98.2 g NaOH

? g NaOH = 45.2 le X
g &SP 100 g sample

= 444 ¢ NaOH

s . 452 le x 1.8 g impurities N .
: ties = 45. —_— = 0. ti
_? g impurities g sample 100 g sample g impurities

You should now work Exercises 82 and 83.

/ Problem-Solving Tip: Utility of the Unit Factor Method

Observe the beauty of the unit factor approach to problem solving! Such questions as
“do we multiply by 0.982 or divide by 0.982?” never arise. The units always point to-
ward the correct answer because we use unit factors constructed so that units #/ways can-
cel out untl we arrive at the desired unit.

Many important relationships have been introduced in this chapter. Some of the most

important transformations you have seen in Chapters 1 and 2 are summarized in Figure
2-12.

PURE A
Vol A
]
. Mass A
MIXTURE Density A =
CONTAINING A %A _ Fartsa (bymass) Yora
(by mass) 100 parts mixture (by mass) \
Mass mixture < > Mass A
A
Density _ Mass mixture FWA= gA
mixture Vol mixture mol A
\ A
Vol mixture Moles A
]
Avogadro’s _ F units A
number  mol A
A
F units A

= Hyd-auich Frecodwie = Db

Heawy Vetain (ak kg

Copp 1oy

Prdasgarsr [
[

By FEX

PlleRih Caleiin iy, b g
Pronchale MO, €1
Bty B i
o i =3
Mgty (gl iy A ]
bl (M) 2
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FRFERPF

A label from a bottle of sodium hy-

droxide, NaOH.

Figure 2-12 Some important

relationships from Chapters 1
and 2. The relationships that

provide unit factors are enclosed

in green boxes.
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Key Terms

Allotropic modifications (allotropes) Different forms of the
same element in the same physical state.

Anhydrous Without water.

Anion An ion with a negative charge.

Atom The smallest particle of an element that maintains its
chemical identity through all chemical and physical changes.

Atomic mass unit (amu) One twelfth of the mass of an atom of
the carbon-12 isotope; a unit used for stating atomic and for-
mula weights.

Atomic number The number of protons in the nucleus of an
atom.

Atomic weight Weighted average of the masses of the con-
stituent isotopes of an element; the relative mass of atoms of
different elements.

Avogadro’s number 6.022 X 1023 units of a specified item. See
Mole.

Cation An ion with a positive charge.

Chemical formula Combination of symbols that indicates the
chemical composition of a substance.

Composition stoichiometry Describes the quantitative (mass)
relationships among elements in compounds.

Empirical formula See Simplest formula.

Formula Combination of symbols that indicates the chemical
composition of a substance.

Formula unit The smallest repeating unit of a substance—for
non-ionic substances, the molecule.

Formula weight The mass, in atomic mass units, of one formula
unit of a substance. Numerically equal to the mass, in grams,
of one mole of the substance (see Molar mass). This number is
obtained by adding the atomic weights of the atoms specified
in the formula.

Hydrate A crystalline sample that contains water, H,O, and an-
other compound in a fixed mole ratio. Examples include
CuSO, - 5H,0 and (COOH), - 2H,0.

Ion An atom or group of atoms that carries an electric charge.
A positive ion is a cation; a negative ion is an anion.

Tonic compound A compound that is composed of cations and
anions. An example is sodium chloride, NaCl.

Law of Constant Composition See Law of Definite Proportions.

Law of Definite Proportions Different samples of a pure com-
pound always contain the same elements in the same propor-

Exercises

tions by mass; this corresponds to atoms of these elements in
fixed numerical ratios. Also known as the Law of Constant
Composition.

Law of Multiple Proportions When two elements, A and B,
form more than one compound, the ratio of the masses of el-
ement B that combine with a given mass of element A in each
of the compounds can be expressed by small whole numbers.

Molar mass The mass of substance in one mole of the substance;
numerically equal to the formula weight of the substance. See
Formula weight; see Molecular weight.

Mole 6.022 X 1023 (Avogadro’s number of) formula units (or
molecules, for a molecular substance) of the substance under
discussion. The mass of one mole, in grams, is numerically equal
to the formula (molecular) weight of the substance.

Molecular formula A formula that indicates the actual number
of atoms present in a molecule of a molecular substance.
Compare with Simplest formula.

Molecular weight The mass, in atomic mass units, of one
molecule of a nonionic (molecular) substance. Numerically
equal to the mass, in grams, of one mole of such a substance.
This number is obtained by adding the atomic weights of the
atoms specified in the formula.

Molecule The smallest particle of an element or compound that
can have a stable independent existence.

Percent composition The mass percentage of each element in
a compound.

Percent purity The mass percentage of a specified compound
or element in an impure sample.

Polyatomic Consisting of more than one atom. Elements such
as Cl,, P,, and Sg exist as polyatomic molecules. Examples of
polyatomic ions are the ammonium ion, NH,*, and the sulfate
ion, SO,%~.

Simplest formula The smallest whole-number ratio of atoms
present in a compound; also called empirical formula. Compare
with Molecular formula.

Stoichiometry Description of the quantitative relationships
among elements in compounds (composition stoichiometry)
and among substances as they undergo chemical changes (re-
action stoichiometry).

Structural formula A representation that shows how atoms are
connected in a compound.

Basic Ideas

1. (a) What is the origin of the word “stoichiometry”?
(b) Distinguish between composition stoichiometry and
reaction stoichiometry.

2. List the basic ideas of Dalton’s atomic theory.

3. Give examples of molecules that contain (a) two atoms; (b)
three atoms; (c) four atoms; (d) eight atoms.

4. Give the formulas of two diatomic molecules, a triatomic
molecule, and two more complex molecules. Label each
formula as being either the formula of an element or of a
compound.



. Which of the formulas you selected for Exercise 4 repre-

sent allotropes? If none, give two examples that are al-
lotropes. Select a different element for each example.

. Which of the compounds in Table 2-2 are inorganic com-

pounds?

. When can we correctly use the terms “formula weight”

and “molecular weight” interchangeably?

. What structural feature distinguishes organic compounds

from inorganic compounds?

Names and Formulas

9.

10.

11.

12.

13.

14.

15.

16.

17.

18.

19.

20.

Write formulas for the following compounds: (a) nitric
acid; (b) methyl alcohol; (c) sulfur dioxide; (d) acetic acid;
(e) butane.

Name the following compounds: (a) H,SO,; (b) C3Hg;
(c) NH;; (d) CH;CH,OH.

Name each of the following ions. Classify each as a
monatomic or polyatomic ion. Classify each as a cation or
an anion. (a) Na*; (b) OH™; (c) SO,%7; (d) S27; () Zn?™;
(f) Fe?+.

Write the chemical symbol for each of the following ions.
Classify each as a monatomic or polyatomic ion. Classify
each as a cation or an anion. (a) potassium ion; (b) sulfate
ion; (¢) copper(Il) ion; (d) ammonium ion; (e) carbonate
ion.

Name each of the following compounds: (a) MgCl,;
(b) Cu(NOy),; (c) Li,SOy; (d) Ca(OH),; (e) FeSO,.
Write the chemical formula for each of the following ionic
compounds: (a) potassium acetate; (b) ammonium sulfate;
(¢) zinc phosphate; (d) calcium oxide; (e) aluminum sul-
fide.

Write the chemical formula for the ionic compound
formed between each of the following pairs of ions. Name
each compound. (a) Na™ and $?7; (b) AB* and SO,>;
() Na™ and PO,~; (d) Mg?* and NO;~; (e) Fe3 ™ and
COy%~.

Write the chemical formula for the ionic compound
formed between each of the following pairs of ions. Name
each compound. (a) Cu?* and CO;27; (b) Mg?* and Cl~;
() NH, T and CO;?7; (d) Zn?* and OH™; (e) Fe?™ and
CH;COO".

Define and illustrate the following: (a) ion; (b) cation;
(¢) anion; (d) polyatomic ion; (e) molecule.

(a) There are no molecules in ionic compounds. Why not?
(b) What is the difference between a formula unit of an
ionic compound and a polyatomic molecule?

Convert each of the following into a correct formula rep-
resented with correct notation. (a) AIOH;; (b) Mg,COs;
(¢) Zn(COy),; (d) NH,)?SO,; (e) Mg,(SO,),.

Write the formula of the compound produced by the com-
bination of each of the following pairs of elements. Name
each compound. (a) potassium and chlorine; (b) magne-
sium and chlorine; (c) sulfur and oxygen; (d) calcium and
oxygen; (e) sodium and sulfur; (f) aluminum and sulfur.

21
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. Write the chemical formula of each of the following:
(a) calcium carbonate—major component of coral,
seashells, and limestone—found in antacid preparations;
(b) magnesium sulfate—found in Epsom salts; (c) acetic
acid—the acid in vinegar; (d) sodium hydroxide—com-
mon name is lye; (e) zinc oxide—used to protect from sun-
light’s UV rays when blended in an ointment.

Zinc oxide used as a sunscreen.

Atomic and Formula Weights

22

23

24.

25.

26.

27.

28.

. (a) What is the atomic weight of an element? (b) Why can
atomic weights be referred to as relative numbers?
. (a) What is the atomic mass unit (amu)? (b) The atomic
weight of vanadium is 50.942 amu, and the atomic weight
of ruthenium is 101.07 amu. What can we say about the
relative masses of V and Ru atoms?
What is the mass ratio (four significant figures) of one
atom of Rb to one atom of CI?
A sample of 6.68 g of calcium combines exactly with 6.33
g of fluorine, forming calcium fluoride, CaF,. Find the rel-
ative masses of the atoms of calcium and fluorine. Check
your answer using a table of atomic weights. If the for-
mula were not known, could you still do this calculation?
Determine the formula weight of each of the following
substances: (a) bromine, Br,; (b) water, H,O; (c) saccha-
rin, C;H;NSOj3; (d) potassium dichromate, K,Cr,0O.
Determine the formula weight of each of the following
substances: (a) calcium sulfate, CaSO,; (b) butane, C,H,;
() the sulfa drug sulfanilamide, C/H,SO,(NH,);
(d) uranyl phosphate, (UO,);(PO,),.
Determine the formula weight of each of the following
common acids: (a) hydrochloric acid, HCI; (b) nitric acid,
HNOs; (c) phosphoric acid, H;PO,; (d) sulfuric acid,
H,S0,.



84

CHAPTER 2: Chemical Formulas and Composition Stoichiometry

The Mole Concept

29.

30.

31.

32.

33.

34.

35.

36.

A large neon sign is to be filled with a mixture of gases,
including 8.575 g neon. What number of moles is this?
How many molecules are in 18.0 g of each of the follow-
ing substances? (a) CO; (b) Ny; (¢) Py; (d) P,. (e) Do parts
(c) and (d) contain the same number of atoms of phos-
phorus?

Sulfur molecules exist under various conditions as Sg, S,
S4 Sy, and S. (a) Is the mass of one mole of each of these
molecules the same? (b) Is the number of molecules in one
mole of each of these molecules the same? (c) Is the mass
of sulfur in one mole of each of these molecules the same?
(d) Is the number of atoms of sulfur in one mole of each
of these molecules the same?

How many moles of substance are contained in each of the
following samples? (a) 18.3 g of NH;; (b) 5.32 g of am-
monium bromide; (c) 6.6 g of PCls; (d) 215 g of Sn.
How many moles of substance are contained in each of the
following samples? (a) 36.2 g of diethyl ether; (b) 15.6 g
of calcium carbonate; (c) 16.7 g of acetic acid; (d) 19.3 g
of ethanol.

Complete the following table. Refer to a table of atomic
weights.

Mass of One Mole

Element Atomic Weight of Atoms
(2) Mg
(b) 79.904 amu
(¢ Cl
(d 51.9961 g

Complete the following table. Refer to a table of atomic
weights.

Mass of One Mole

Element Formula of Molecules
(a) Br Br,
b H,
© P,
(d) 20.1797 g
(e) S 256.528 g
) O
Complete the following table.
Moles of Moles of Moles of
Compound Cations Anions
1 mol KClI

2 mol Na,SO,
0.2 mol calcium

nitrate

0.50 mol NH,* 0.25 mol SO42+

37.

38.

39.

40.

41.

42.

43.

44.

45.

What mass, in grams, should be weighed for an experi-
ment that requires 1.54 mol of (NH,),HPO,?

How many hydrogen atoms are contained in 125 grams of
propane, C;Hg?

How many atoms of C, H, and O are in each of the fol-
lowing? (a) 1.24 mol of glucose, C;H;,Og; (b) 3.31 x 1019
glucose (C4H|,0y) molecules; (c) 0.275 g of glucose.
Calculate the mass in grams and kilograms of 1.458 moles
of gold.

An atom of an element has a mass ever-so-slightly greater
than twice the mass of an Ni atom. Identify the element.
Calculate the number of Ni atoms in 1.0 millionth of a
gram of nickel.

Calculate the number of Ni atoms in 1.0 trillionth of a
gram of nickel.

What is the mass of 10.0 million methane, CH,, mole-
cules?

A sample of ethane, C,H,, has the same mass as 10.0
million molecules of methane, CH,. How many C,Hj
molecules does the sample contain?

Percent Composition

46.

47.

48.

49.
*50.

Calculate the percent composition of each of the follow-
ing compounds: (a) nicotine, C;,H4N,; (b) vitamin E,
C,9H;(O5; (c) vanillin, CgHgOj;.

Calculate the percent composition of each of the follow-
ing compounds: (a) menthol, C,,H;qOH; (b) carborun-
dum, SiG; (c) aspirin, CoHgO,.

Calculate the percent by mass of silver found in a partic-
ular mineral that is determined to be silver carbonate.
What percent by mass of iron(II) phosphate is iron?
Copper is obtained from ores containing the following
minerals: azurite, Cu;(COj3),(OH),; chalcocite, Cu,S;
chalcopyrite, CuFeS,; covelite, CuS; cuprite, Cu,0O; and
malachite, Cu,CO;(OH),. Which mineral has the highest
copper content as a percent by mass?

Determination of Simplest and Molecular Formulas

51.

52.

53.

Determine the simplest formula for each of the following
compounds: (a) copper(II) tartrate: 30.03% Cu; 22.70% C;
1.91% H; 45.37% O. (b) nitrosyl fluoroborate: 11.99% N;
13.70% O; 9.25% B; 65.06% F.

The hormone norepinephrine is released in the human
body during stress and increases the body’s metabolic rate.
Like many biochemical compounds, norepinephrine is
composed of carbon, hydrogen, oxygen, and nitrogen. The
percent composition of this hormone is 56.8% C, 6.56%
H, 28.4% O, and 8.28% N. What is the simplest formula
of norepinephrine?

(a) A sample of a compound is found to contain 5.60 g N,
14.2 g Cl, and 0.800 g H. What is the simplest formula of
this compound? (b) A sample of another compound con-
taining the same elements is found to be 26.2% N, 66.4%



54.

55.

56.

57.

58.

59.

60.

*61.

62.

63.

64.

Cl, and 7.5% H. What is the simplest formula of this
compound?

A common product found in nearly every kitchen contains
27.37% sodium, 1.20% hydrogen, 14.30% carbon, and
57.14% oxygen. The simplest formula is the same as the
formula of the compound. Find the formula of this
compound.

Bupropion is present in a medication that is an anti-
depressant and is also used to aid in quitting smoking.
The composition of bupropion is 65.13% carbon, 7.57%
hydrogen, 14.79% chlorine, 5.84% nitrogen, and 6.67%
oxygen. The simplest formula is the same as the molecu-
lar formula of this compound. Determine the formula.
Lysine is an essential amino acid. One experiment showed
that each molecule of lysine contains two nitrogen atoms.
Another experiment showed that lysine contains 19.2% N,
9.64% H, 49.3% C, and 21.9% O by mass. What is the
molecular formula for lysine?

A 2.00-g sample of a compound gave 4.86 g of CO, and
2.03 g of H,O on combustion in oxygen. The compound
is known to contain only C, H, and O. What is its sim-
plest formula?

A 0.1647-gram sample of a pure hydrocarbon was burned
in a C-H combustion train to produce 0.5694 gram of CO,
and 0.0826 gram of H,O. Determine the masses of C and
H in the sample and the percentages of these elements in
this hydrocarbon.

Naphthalene is a hydrocarbon that is used for mothballs.
A 0.3204-gram sample of naphthalene was burned in a
C-H combustion train to produce 1.100 grams of carbon
dioxide and 0.1802 grams of water. What masses and
percentages of C and H are present in naphthalene?
Combustion of 0.5707 mg of a hydrocarbon produces
1.790 mg of CO,. What is the simplest formula of the
hydrocarbon?

Complicated chemical reactions occur at hot springs on
the ocean floor. One compound obtained from such a hot
spring consists of Mg, Si, H, and O. From a 0.334-g
sample, the Mg is recovered as 0.115 g of MgO; H is re-
covered as 25.7 mg of H,O; and Si is recovered as 0.172 g
of SiO,. What is the simplest formula of this compound?
A 1.000-gram sample of an alcohol was burned in oxygen
to produce 1.913 g of CO, and 1.174 g of H,O. The al-
cohol contained only C, H, and O. What is the simplest
formula of the alcohol?

An alcohol is 64.81% C, 13.60% H, and 21.59% O by
mass. Another experiment shows that its molecular weight
is approximately 74 amu. What is the molecular formula
of the alcohol?

Skatole is found in coal tar and in human feces. It contains
three elements: C, H, and N. It is 82.40% C and 6.92%
H by mass. Its simplest formula is its molecular formula.
What are (a) the formula and (b) the molecular weight of
skatole?

65.

*66.
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Testosterone, the male sex hormone, contains only C, H,
and O. It is 79.12% C and 9.79% H by mass. Each mol-
ecule contains two O atoms. What are (a) the molecular
weight and (b) the molecular formula for testosterone?
The beta-blocker drug, timolol, is expected to reduce the
need for heart bypass surgery. Its composition by mass is
49.4% C, 7.64% H, 17.7% N, 15.2% O, and 10.1% S.
The mass of 0.0100 mol of timolol is 3.16 g. (a) What is
the simplest formula of timolol? (b) What is the molecu-
lar formula of timolol?

The Law of Multiple Proportions

67.

68.

69.

70.

Show that the compounds water, H,0O, and hydrogen per-
oxide, H,O,, obey the Law of Multiple Proportions.
Nitric oxide, NO, is produced in internal combustion en-
gines. When NO comes in contact with air, it is quickly
converted into nitrogen dioxide, NO,, a very poisonous,
corrosive gas. What mass of O is combined with 3.00 g of
N in (a) NO and (b) NO,? Show that NO and NO, obey
the Law of Multiple Proportions.

Sulfur forms two chlorides. A 30.00-gram sample of one
chloride decomposes to give 5.53 g of S and 24.47 g of Cl.
A 30.00-gram sample of the other chloride decomposes to
give 3.93 g of S and 26.07 g of Cl. Show that these com-
pounds obey the Law of Multiple Proportions.

What mass of oxygen is combined with 3.65 g of sulfur in
(a) sulfur dioxide, SO,, and in (b) sulfur trioxide, SO;?

Interpretation of Chemical Formulas

71.

72.

73.

74.

75.

76.

77.

One prominent ore of copper contains chalcopyrite,
CuFeS,. How many pounds of copper are contained in
2.63 pounds of pure CuFeS,?

Mercury occurs as a sulfide ore called cinnabar, HgS. How
many grams of mercury are contained in 887 g of pure
HgS?

(a) How many grams of copper are contained in 325 g of
CuSO,? (b) How many grams of copper are contained in
325 g of CuSO, - 5SH,0?

What mass of KMnO, would contain 15.0 g of manganese?
What mass of azurite, Cu;(CO;),(OH),, would contain
610 g of copper?

Two minerals that contain copper are chalcopyrite,
CuFeS,, and chalcocite, Cu,S. What mass of chalcocite
would contain the same mass of copper as is contained in
125 pounds of chalcopyrite?

Tungsten is a very dense metal (19.3 g/cm3) with extremely
high melting and boiling points (3370°C and 5900°C).
When a small amount of it is included in steel, the re-
sulting alloy is far harder and stronger than ordinary steel.
Two important ores of tungsten are FeWO, and CaWO,.
How many grams of CaWO, would contain the same mass
of tungsten that is present in 569 g of FeWO,?
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When a mole of CuSOy - 5H,O is heated to 110°C, it loses
four moles of H,O to form CuSO, - H,O. When it is
heated to temperatures above 150°C, the other mole of
H,O0 is lost. (a) How many grams of CuSO, - H,O could
be obtained by heating 695 g of CuSO,, - 5H,0 to 110°C?
(b) How many grams of anhydrous CuSO, could be ob-
tained by heating 695 g of CuSO, - 5H,0 to 180°C?

Percent Purity

79.

80.

81.

82.

83.
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A particular ore of lead, galena, is 10.0% lead sulfide, PbS,
and 90.0% impurities by weight. What mass of lead is con-
tained in 50.0 grams of this ore?

What mass of chromium is present in 150 grams of an ore
of chromium that is 65.0% chromite, FeCr,0,, and 35.0%
impurities by mass? If 90.0% of the chromium can be
recovered from 100.0 grams of the ore, what mass of pure
chromium is obtained?

What masses of (a) Sr and (b) N are contained in 106.7 g
of 88.2% pure Sr(NO;),? Assume that the impurities do
not contain the elements mentioned.

(a) What weight of magnesium carbonate is contained in
315 pounds of an ore that is 27.7% magnesium carbonate
by weight? (b) What weight of impurities is contained in
the sample? (¢) What weight of magnesium is contained
in the sample? (Assume that no magnesium is present in
the impurities.)

Vinegar is 5.0% acetic acid, C,H,0,, by mass. (a) How
many grams of acetic acid are contained in 24.0 g of vine-
gar? (b) How many pounds of acetic acid are contained in
24.0 pounds of vinegar? (c) How many grams of sodium
chloride, NaCl, are contained in 24.0 g of saline solution
that is 5.0% NaCl by mass?

What is the percent by mass of copper sulfate, CuSO,, in
a sample of copper sulfate pentahydrate, CuSO, - 5H,0?
(b) What is the percent by mass of CuSO, in a sample that
is 72.4% CuSO, - 5H,0O by mass?

Mixed Examples

85.

86.

87.

88.

How many moles of chlorine atoms are contained in each
of the following? (a) 35.45 X 1023 Cl atoms; (b) 35.45 X
1023 Cl, molecules; (c) 35.45 g of chlorine; (d) 35.45 mol
of Cl,.

What is the maximum number of moles of CO, that could
be obtained from the carbon in each of the following?
(a) 4.00 mol of Ruy(COs);; (b) 4.00 mol of CaCOy;
(¢) 4.00 mol of Co(CO),.

(a) How many formula units are contained in 154.3 g of
K,Mo00,? (b) How many potassium ions? (c) How many
Mo0O,?~ ions? (d) How many atoms of all kinds?

(a) How many moles of ozone molecules are contained in
64.0 g of ozone, O;? (b) How many moles of oxygen atoms
are contained in 64.0 g of ozone? (c) What mass of O,
would contain the same number of oxygen atoms as 64.0

89.

90.

91.

92.

93.

94.

*95.

*96.

97.

98.

99.

g of ozone? (d) What mass of oxygen gas, O,, would con-
tain the same number of molecules as 64.0 g of ozone?
Cocaine has the following percent composition by mass:
67.30% C, 6.930% H, 21.15% O, and 4.62% N. What is
the simplest formula of cocaine?

A compound with the molecular weight of 56.0 g was
found as a component of photochemical smog. The com-
pound is composed of carbon and oxygen, 42.9% and
57.1%, respectively. What is the formula of this com-
pound?

A carbon-hydrogen-oxygen compound, MW = 90 g, is
analyzed and found to be 40.0% carbon, 6.7% hydrogen,
and 53.3% oxygen. What is the formula of this compound?
Find the number of moles of Ag needed to form each of
the following: (a) 0.235 mol Ag,S; (b) 0.235 mol Ag,0; (¢)
0.235 g Ag,S; (d) 2.35 X 10?0 formula units of Ag,S.

A metal, M, forms an oxide having the simplest formula
M,0;. This oxide contains 52.9% of the metal by mass.
(a) Calculate the atomic weight of the metal. (b) Identify
the metal.

Three samples of magnesium oxide were analyzed to de-
termine the mass ratios O/Mg, giving the following re-
sults:

1.60 g O
243 g Mg’

0.658 g O
1.00 g Mg’

229g0
3.48 g Mg

Which law of chemical combination is illustrated by these
data?

The molecular weight of hemoglobin is about 65,000 g/mol.
Hemoglobin contains 0.35% Fe by mass. How many iron
atoms are in a hemoglobin molecule?

More than 1 billion pounds of adipic acid (MW 146.1 g/mol)
is manufactured in the United States each year. Most of it
is used to make synthetic fabrics. Adipic acid contains only
C, H, and O. Combustion of a 1.6380-g sample of adipic
acid gives 2.960 g of CO, and 1.010 g of H,0O. (a) What
is the simplest formula for adipic acid? (b) What is its mol-
ecular formula?

A filled 25-L container of an unknown, unlabeled liquid
was found in a storeroom and had to be identified to de-
termine a method of disposal. The compound was found
to contain only hydrogen and carbon. A 1.750-g sample
of the compound was burned in a pure oxygen atmosphere;
1.211 g H,0 and 5.916 g CO, were collected. Determine
the simplest formula.

An unknown sample weighing 1.50 g was found to con-
tain only manganese and sulfur. The sample was com-
pletely reacted with oxygen and produced 1.22 g man-
ganese(Il) oxide, MnO, and 1.38 g sulfur trioxide. What
is the simplest formula for this compound?

Copper(Il) sulfate exists as a baby-blue powder when an-
hydrous and as a deep blue crystal when hydrated with five
water molecules, CuSO, - 5H,0. Which of these two
compounds contains more copper per mole of compound?



What is the ratio of percent by mass of copper in the an-
hydrous compound to the percent by mass of copper in
the hydrated compound?

CONCEPTUAL EXERCISES

100.

101.

102.

103.

104.

What mass of NaCl would contain the same to2/ number
of ions as 245 g of MgCl,?

How many atoms of oxygen are in 17.9325 g of sulfuric
acid?

In the “button” and “button hole” analogy of writing for-
mulas for ionic compounds, one may think of positive
charges as buttons and negative charges as button holes.
One prepares formulas by combining the buttons (positive
charges) with an equal number of button holes (negative
charges) so that every button will be associated with a sin-
gle buttonhole and vice versa. Using this analogy, how
many buttons (positive charges) are associated with a single
cation (positive ion) in each of the following ionic com-
pounds? (a) NaCl; (b) Na,SOy; (c) CaSOy; (d) Al(SO,);.
Two deposits of minerals containing silver are found. One
of the deposits contains silver oxide, and the other con-
tains silver sulfide. The deposits can be mined at the same
price per ton of the original silver-containing compound,
but only one deposit can be mined by your company.
Which of the deposits would you recommend and why?
A decision is to be made as to the least expensive source
of zinc. One source of zinc is zinc sulfate, ZnSO,, and an-
other is zinc acetate dihydrate, Zn(CH;COO), - 2H,O0.
These two sources of zinc can be purchased at the same
price per kilogram of compound. Which is the most eco-
nomical source of zinc and by how much?

105.

Exercises 87

Assume that a penny is 75 in. thick and that the moon is
222,000 mi at its closest approach to the earth (perigee).
Show by calculation whether or not a picomole of pennies
stacked on their faces would reach from the earth to the
moon.

BUILDING YOUR KNOWLEDGE

NOTE Beginning with this chapter, exercises under the “Building
Your Knowledge” heading will often require that you use skills, concepts,
or information that you should have mastered in earlier chapters. This
provides you an excellent opportunity to “tie things together” as you study.

106.

107.

108.

109.

110.

A 22-mL (19-g) sample of an unknown liquid is analyzed,
and the percent composition is found to be 53% C, 11%
H, and 36% O. Is this compound likely to be ethanol,
CH;CH,0H? Give two reasons for your answer. (Hint:
See Table 1-8.)

Three allotropes of phosphorus are known, with molecu-
lar weights of 62.0, 31.0, and 124.0 amu, respectively.
Write the molecular formula for each allotrope.

Near room temperature, the density of water is 1.00 g/mL,
and the density of ethanol (grain alcohol) is 0.789 g/mL.
What volume of ethanol contains the same number of mol-
ecules as are present in 175 mL of H,O?

Calculate the volume of 2.00 mol of mercury, a liquid
metal. (Hint: See Table 1-8.)

In Chapter 1 you learned that the specific heat of water is
4.18 J/g - °C. The molar heat capacity is defined as the
specific heat or heat capacity per mole of material.
Calculate the molar heat capacity for water. What value(s)
limited the number of significant figures in your answer?
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OBJECTIVES

After you bave studied this chapter, you should be able to
o Whrite balanced chemical equations to describe chemical reactions

o Interpret balanced chemical equations to calculate the moles of reactants and products
involved in each of the reactions

o Interpret balanced chemical equations to calculate the masses of reactants and products
involved in each of the reactions

o Determine which reactant is the limiting reactant in reactions
o Use the limiting reactant concept in calculations vecording chemical equations

o Compare the amount of substance actually formed in a reaction (actual yield) with the
predicted amount (theoretical yield), and determine the percent yield

o Work with sequential reactions
o Use the terminology of solutions—solute, solvent, concentration
o Calculate concentrations of solutions when they are diluted

o Carry out calculations related to the use of solutions in chemical reactions

n Chapter 2 we studied composition stoichiometry, the quantitative relationships

among elements in compounds. In this chapter as we study reaction stoichiometry—

the quantitative relationships among substances as they participate in chemical reac-
tions—we ask several important questions. How can we describe the reaction of one sub-
stance with another? How much of one substance reacts with a given amount of another
substance? Which reactant determines the amounts of products formed in a chemical re-
action? How can we describe reactions in aqueous solutions?

Whether we are concerned with describing a reaction used in a chemical analysis, one
used industrially in the production of a plastic, or one that occurs during metabolism in
the body, we must describe it accurately. Chemical equations represent a very precise, yet
a very versatile, language that describes chemical changes. We begin our study by exam-
ining chemical equations.

Methane, CH,, is the main component of natural gas.

Steel wool burns in pure oxygen
gus.

4Fe + 30, —> 2Fe,04
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* See the Saunders Interactive
| General Chemistry CD-ROM,

Screens 4.1-4.4, Equations.

Sometimes it is not possible to
represent a chemical change with a
single chemical equation. For example,
when too little O, is present, both
CO, and CO are found as products,
and a second chemical equation must
be used to describe the process. In the
present case (excess oxygen), only one
equation is required.

The arrow may be read “yields.”
The capital Greek letter delta (A) is
sometimes used in place of the word
“heat.”

Figure 3-1 'Two representations of
the reaction of methane with oxygen
to form carbon dioxide and water.
Chemical bonds are broken and new
ones are formed in each
representation. Part (a) illustrates the
reaction using models, and (b) uses
chemical formulas.

CHAPTER 3: Chemical Equations and Reaction Stoichiometry

EX] CHEMICAL EQUATIONS

Chemical reactions always involve changing one or more substances into one or more dif-
ferent substances. In other words, chemical reactions rearrange atoms or ions to form
other substances.

Chemical equations are used to describe chemical reactions, and they show (1) rhe
substances that react, called reactants; (2) the substances formed, called products; and (3) the
relative amounts of the substances involved. We write the reactants to the Jeft of an arrow and
the products to the right of the arrow. As a typical example, let’s consider the combustion
(burning) of natural gas, a reaction used to heat buildings and cook food. Natural gas is
a mixture of several substances, but the principal component is methane, CHy. The equa-
tion that describes the reaction of methane with excess oxygen is

CH, + 20, —> CO, + 2H,0
—_— —_—

reactants pI'OdlICtS

What does this equation tell us? In the simplest terms, it tells us that methane reacts with
oxygen to produce carbon dioxide, CO,, and water. More specifically, it says that for every
CH, molecule that reacts, two molecules of O, also react, and that one CO, molecule
and two H,O molecules are formed. That is,

heat
— CO, +

1 molecule

CcH, +

1 molecule

2 molecules

2H,0

2 molecules

This description of the reaction of CHy with O, is based on experimental observations. By
this we mean experiments have shown that when one CH, molecule reacts with two O,
molecules, one CO, molecule and two H,O molecules are formed. Chemical equations
are based on experimental observations. Special conditions required for some reactions are
indicated by notation over the arrow. Figure 3-1 is a pictorial representation of the
rearrangement of atoms described by this equation.

As we pointed out in Section 1-1, there is no detectable change in the quantity of matter
during an ordinary chemical reaction. This guiding principle, the Law of Conservation of
Matter, provides the basis for “balancing” chemical equations and for calculations based
on those equations. Because matter is neither created nor destroyed during a chemical re-
action,

a balanced chemical equation must always include the same number of each kind of
atom on both sides of the equation.

+ — +

(b) CHy + 20, - CO, + 2H,0
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Chemists usually write equations with the smallest possible whole-number coefficients.

Before we attempt to balance an equation, all substances must be represented by for-
mulas that describe them as they exist. For instance, we must write H, to represent di-
atomic hydrogen molecules—not H, which represents hydrogen atoms. Once the correct
formulas are written, the subscripts in the formulas may not be changed. Different sub-
scripts in formulas specify different compounds, so changing the formulas would mean
that the equation would no longer describe the same reaction.

Dimethyl ether, C,H,O, burns in an excess of oxygen to give carbon dioxide and wa-
ter. Let’s balance the equation for this reaction. In unbalanced form, the equation is

C,H,0 + 0, —> CO, + H,0

Carbon appears in only one compound on each side, and the same is true for hydrogen.
We begin by balancing these elements:

C,H,0 + 0, —> 2CO, + 3H,0

Now we have an odd number of atoms of O on each side. The single O in C,HO bal-
ances one of the atoms of O on the right. We balance the other six by placing a coeffi-
cient of 3 before O, on the left.

C,H,0 + 30, —> 2CO, + 3H,0

When we think we have finished the balancing, we should #/ways do a complete check for
each element, as shown in red in the margin.

Let’s generate the balanced equation for the reaction of aluminum metal with hydro-
chloric acid to produce aluminum chloride and hydrogen. The unbalanced “equation” is

Al + HCl — AICL, + H,

As it now stands, the “equation” does not satisfy the Law of Conservation of Matter
because there are two H atoms in the H, molecule and three Cl atoms in one formula
unit of AICI; (right side), but only one H atom and one CI atom in the HCI molecule

(left side).
Let us first balance chlorine by putting a coefficient of 3 in front of HCL

Al + 3HCI — AICI, + H,

Now there are 3H on the left and 2H on the right. The least common multiple of 3 and
2 is 6; to balance H, we multiply the 3HCI by 2 and the H, by 3.

Al + 6HCl — AICI, + 3H,

Now Cl is again unbalanced (6Cl on the left, 3 on the right), but we can fix this by putting
a coefficient of 2 in front of AICl; on the right.

Al + 6HCl —> 2AICI, + 3H,

Now all elements except Al are balanced (1 on the left, 2 on the right); we complete the
balancing by putting a coefficient of 2 in front of Al on the left.

2A1 +  6HCI 20ICI,  +  3H,

aluminum  hydrochloric acid aluminum chloride

—
hydrogen

Balancing chemical equations “by inspection” is a trial-and-error approach. It requires
a great deal of practice, but it is very important! Remember that we use the smallest whole-
number coefficients. Some chemical equations are difficult to balance by inspection or
“trial and error.” In Chapter 11 we will learn methods for balancing complex equations.

In Reactants In Products
2C, 6H, 30 1C, 2H, 30
C, H are not balanced

In Reactants In Products
2C, 6H, 30 2C, 6H, 70
Now O is not balanced

In Reactants In Products
2C, 6H, 70 2C, 6H, 70

Now the equation is balanced

In Reactants In Products
1Al, 1H, 1Cl 1Al, 2H, 3Cl
H, CI are not balanced

In Reactants In Products
1Al, 3H, 3Cl 1Al, 2H, 3Cl
Now H is not balanced

In Reactants In Products
1Al, 6H, 6Cl 1Al, 6H, 3Cl
Now ClI is not balanced

In Reactants In Products
1Al, 6H, 6Cl 2Al, 6H, 6Cl
Now Al is not balanced

In Reactants In Products
2Al, 6H, 6Cl 2Al, 6H, 6Cl

Now the equation is balanced
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* See the Saunders Interactive
General Chemistry CD-ROM,

Screens 5.1-5.3, Stoichiometry.

A balanced chemical equation may be
interpreted on a molecular basis.

We usually cannot work with
individual molecules; a mole of a
substance is an amount we might
use in a laboratory experiment.
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\/ Problem-Solving Tip: Balancing Chemical Equations

There is no one best place to start when balancing a chemical equation, but the follow-
ing suggestions might be helpful:

(1) Look for elements that appear in only one place on each side of the equation (in
only one reactant and in only one product), and balance those elements first.
(2) If free, uncombined elements appear on either side, balance them last.
Notice how these suggestions worked in the procedures illustrated in this section. Above

all, remember that we should never change subscripts in formulas, because doing so would
describe different substances. We only adjust the coefficients to balance the equation.

EX] CALCULATIONS BASED ON CHEMICAL EQUATIONS

We are now ready to use chemical equations to calculate the relative amounts of substances
involved in chemical reactions. Let us again consider the combustion of methane in ex-
cess oxygen. The balanced chemical equation for that reaction is

CH, + 20, — CO, + 2H,0
On a quantitative basis, at the molecular level, the equation says

CH, + 20, —>» CO, + 2H,0
1 molecule 2 molecules 1 molecule 2 molecules
of methane of oxygen of carbon dioxide of water

EXAMPLE 3-1 Number of Molecules
How many O, molecules react with 47 CH, molecules according to the preceding equation?

Plan
The balanced equation tells us that one CH, molecule reacts with two O, molecules. We can
construct two unit factors from this fact:

1 CH, molecule 2 O, molecules

2 O, molecules 1 CH, molecule
These expressions are unit factors for this reaction because the numerator and denom-
inator are chemically equivalent. In other words, the numerator and the denominator

represent the same amount of reaction. To convert CH, molecules to O, molecules, we
multiply by the second of the two factors.

Solution

2 O, molecules

2 = " T CH, molecule
2 O, molecules = 47 CH,, molecules 1 CH,, molecule

94 O, molecules

You should now work Exercise §.

A chemical equation also indicates the relative amounts of each reactant and product
in a given chemical reaction. We showed earlier that formulas can represent moles of sub-
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stances. Suppose Avogadro’s number of CH, molecules, rather than just one CH, mole-
cule, undergo this reaction. Then the equation can be written

CH, + 20, s Co, + 21,0
6.02 X 1023 molecules  2(6.02 X 10?3 molecules) 6.02 X 1023 molecules  2(6.02 X 1023molecules)
=1 mol =2 mol =1 mol =2 mol

"This interpretation tells us that one mole of methane reacts with two moles of oxygen to
produce one mole of carbon dioxide and fwo moles of water.

/Problem-SoIving Tip: Ave you Using a Balanced Equation?

Never start a calculation involving a chemical reaction without first checking that the
equation is balanced.

EXAMPLE 3-2  Number of Moles Formed

How many moles of water could be produced by the reaction of 3.5 mol of methane with ex-
cess oxygen (i.e., more than a sufficient amount of oxygen is present)?

Plan
The equation for the combustion of methane

CH, + 20, —> CO, + 2H,0

1 mol 2 mol 1 mol 2 mol

shows that 1 mol of methane reacts with 2 mol of oxygen to produce 2 mol of water. From
this information we construct two unit factors:

1 mol CH, 2 mol H,0
Tmoio M ThoicH,
We use the second factor in this calculation.
Solution
2 mol H,O
2 mol H,0 = 3.5 mol CH, X - Tem = 7.0 mol H,0

You should now work Exercises 10 and 14.

We know the mass of 1 mol of each of these substances, so we can also write

CH4 + 20, — CO, + 2H,0
1 mol 2 mol 1 mol 2 mol
16.0g 2(32.0g) 440g 2(18.0¢g
16.0 g 640 g 40¢g 360 ¢g

80.0 g reactants 80.0 g products

The equation now tells us that 16.0 grams of CH, reacts with 64.0 grams of O, to form
44.0 grams of CO, and 36.0 grams of H,O. The Law of Conservation of Matter is sat-
isfied. Chemical equations describe reaction ratios, that is, the mole ratios of reactants
and products as well as the relative masses of reactants and products.
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A balanced chemical equation may
be interpreted in terms of mzoles of
reactants and products.

Please don’t try to memorize

unit factors for chemical reactions;
rather, learn the general method for
constructing them from balanced
chemical equations.

A balanced equation may be
interpreted on a muass basis.
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\/ Problem-Solving Tip: Use the Mole Ratio in Calculations with
Balanced Chemical Equations

The most important way of interpretating the balanced chemical equation is in terms of
moles. We use the coefficients to get the mole ratio of any two substances we want to
relate. Then we apply it as

moles of moles of mole ratio
desired = | substance | X from balanced
substance given chemical equation

It is important to include the substance formulas as part of the units; this can help
us decide how to set up the unit factors. Notice that in Example 3-2, we want to cancel
the term mol CH,, so we know that mol CH, must be in the denominator of the mole
ratio by which we multiply; we want mol O, as the answer, so mol O, must appear

. . . . mo .
in the numerator of the mole ratio. In other words, do not just write —l; write
m

mol of something

- , giving the formulas of the two substances involved.
mol of something else

EXAMPLE 3-3 Mass of a Reactant Required
What mass of oxygen is required to react completely with 1.20 mol of CH,?

Plan

The balanced equation
CH, + 20, — CO, + 2H,0
1 mol 2 mol 1 mol 2 mol
160g 2320 440g 20180 g)

gives the relationships among moles and grams of reactants and products.

mol CH;y — mol O, — g0,

Solution

2 mol O, 320g 0O,
X
1 mol CH, 1 mol O,

2 g0, =1.20mol CH, X = 768 g O,

EXAMPLE 3-4 Mass of a Reactant Required
What mass of oxygen is required to react completely with 24.0 g of CH,?
Plan
Recall the balanced equation in Example 3-3.
CH, + 20, — CO, + 2H,0

1 mol 2 mol 1 mol 2 mol
160 g  2(32.0) g 440g 2(18.0) g
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This shows that 1 mol of CH, reacts with 2 mol of O,. These two quantities are chemically
equivalent, so we can construct unit factors.

Solution

CH, + 20, —> CO, + 2H,0

1 mol 2 mol 1 mol 2 mol
1 mol CH,
2 mol CH, =24.0 g CH, X m = 1.50 mol CH,
? mol O, = 1.50 rrlLol CH, X ZLIOZ = 3.00 mol O
- 1 mol CH, ﬁ—z
! 3200,
2 g0, =3.00mol O, Xm: 96.0 g O,

All these steps could be combined into one setup in which we convert

gof CHy, — molof CH;y — molof O, — gof O,

1 mol CH,
X
16.0 g CH,

2 mol O,
X
1 mol CH,

320g0,
1 mol O,

2.g0,=24.0g CH, X = 96.0g O,

The same answer, 96.0 g of O,, is obtained by both methods.

You should now work Exercise 18.

The question posed in Example 3-4 may be reversed, as in Example 3-5.

EXAMPLE 3-5 Mass of a Reactant Required
What mass of CHy, in grams, is required to react with 96.0 grams of O,?

Plan
We recall that one mole of CH, reacts with two moles of O,.

Solution

1 mol O,
X
320g 0,

1 mol CH,
2 mol O,

16.0 g CH,
X
1 mol CH,

2 gCH, =96.0 g O, X = 240 g CH,

You should now work Exercise 22.

This is the amount of CH, in Example 3-4 that reacted with 96.0 grams of O,.

EXAMPLE 3-6 Mass of a Product Formed

Most combustion reactions occur in excess O,, that is, more than enough O, to burn the sub-
stance completely. Calculate the mass of CO,, in grams, that can be produced by burning 6.00
mol of CH, in excess O,.

95

Here we solve the problem in three
steps and so we convert

1. g CH; — mol CH,

2. mol CH,; — mol O,

3. mol O, - g O,

These unit factors are the reciprocals
of those used in Example 3-4.

It is important to recognize that the
reaction must stop when the 6.0 mol
of CH, has been used up. Some O,

will remain unreacted.
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Plan
The balanced equation tells us that one mole of CH, produces one mole of CO,.
CH, + 20, — CO, + 2H,0

1 mol 2 mol 1 mol 2 mol
160g  232.0¢) 440g 20180 ¢g)

Solution

1 mol CO, 44.0 g CO,
X
1 mol CH, 1 mol CO,

2 g CO, = 6.00 mol CH, X = 2.64 X 10? g CO,

You should now work Exercise 20.

Reaction stoichiometry usually involves interpreting a balanced chemical equation to
relate a given bit of information to the desired bit of information.

EXAMPLE 3-7 Mass of a Reactant Required

Phosphorus, P,, burns with excess oxygen to form tetraphosphorus decoxide, P,O,,. In this
reaction, what mass of P, reacts with 1.50 moles of O,?

Plan
The balanced equation tells us that one mole of P, reacts with five moles of O,.

P, + 50, —> P,Oy,

1mol 5 mol 1 mol
mol O, —— molP;, —— mass P,

Solution

ImolP, 124.0gP,
X
5 mol O, mol P,

2 gP,=150mol O, X = 372gP,

You should now work Exercise 24.

The possibilities for this kind of problem solving are limitless. Before you continue, you
should work Exercises 8-25 at the end of the chapter.

EX] THE LIMITING REACTANT CONCEPT

In the problems we have worked thus far, the presence of an excess of one reactant was
stated or implied. The calculations were based on the substance that was used up first,
called the limiting reactant. Before we study the concept of the limiting reactant in stoi-
chiometry, let’s develop the basic idea by considering a simple but analogous nonchemical
example.

Suppose you have four slices of ham and six slices of bread and you wish to make as
many ham sandwiches as possible using only one slice of ham and two slices of bread per
sandwich. Obviously, you can make only three sandwiches, at which point you run out of
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bread. (In a chemical reaction this would correspond to one of the reactants being used
up—so the reaction would stop.) The bread is therefore the “limiting reactant,” and the
extra slice of ham is the “excess reactant.” The amount of product, ham sandwiches, is
determined by the amount of the limiting reactant, bread in this case. The limiting reac-
tant is not necessarily the reactant present in the smallest amount. We have four slices of
ham, the smallest amount, and six slices of bread, but the “reaction ratio” is two slices of
bread to one piece of ham, and so bread is the limiting reactant.

EXAMPLE 3-8 Limiting Reactant
What mass of CO, could be formed by the reaction of 16.0 g of CH, with 48.0 g of O,?
Plan
The balanced equation tells us that one mole of CH, reacts with two moles of O,.
CH, + 20, — CO, + 2H,0

1 mol 2 mol 1 mol 2 mol
16.0g 23209 44.0g 2(18.0 g

We are given masses of both CH, and O,, so we calculate the number of moles of each reac-
4 25

tant, and then determine the number of moles of each reactant required to react with the other.

From these calculations we identify the limiting reactant. Then we base the calculation on it.

Solution
1 mol CH,
2 mol CH4 =16.0 g CH4 X m = 1.00 mol CH4
1 mol O,
_? mol OZ =48.0 g OZ X 320—g02 = 1.50 mol OZ

Now we return to the balanced equation. First we calculate the number of moles of O, that
would be required to react with 1.00 mole of CH,.
2 mol O,

? 1 =1. ICH, X —————
2 mol O, 00 mol CH, I mol CH,

= 2.00 mol O,

We see that 2.00 moles of O, is required, but we have 1.50 moles of O,, so O, is the limiting
reactant. Alternatively, we can calculate the number of moles of CH, that would react with
1.50 moles of O,.

1 mol CH,

imol CH4 = 1.50 mol OZ X m

= 0.750 mol CH,

This tells us that only 0.750 mole of CH, would be required to react with 1.50 moles of O,.
But we have 1.00 mole of CH,, so we see again that O, is the limiting reactant. The reaction
must stop when the limiting reactant, O,, is used up, so we base the calculation on O,.

gof O, — molof O, —— mol of CO, —— g of CO,

1 mol O, 1molCO, 44.0gCO,
X X
32.0 O, 2 mol O, 1 mol CO,

2 gCO,=48.0g 0, X = 33.0 g CO,

You should now work Exercise 26.
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Thus, 33.0 grams of CO, is the most CO, that can be produced from 16.0 grams of
CH, and 48.0 grams of O,. If we had based our calculation on CH, rather than O,, our
answer would be too big (44.0 grams) and wrong because more O, than we have would
be required.

Another approach to problems like Example 3-8 is to calculate the number of moles
of each reactant:

1 mol CH,
2 mol CH4 =16.0 g CH4 X m = 1.00 mol CH4
1 mol O,
_? mol OZ =48.0 g 02 X m = 1.50 mol Oz

Then we return to the balanced equation. We first calculate the required ratio of reactants
as indicated by the balanced chemical equation. We then calculate the available ratio of
reactants and compare the two:

Required Ratio Available Ratio
1 mol CH,  0.500 mol CH, 1.00 mol CH,  0.667 mol CH,
2mol O,  1.00 mol O, 1.50 mol O,  1.00 mol O,

We see that each mole of O, requires exactly 0.500 mol of CH, to be completely used
up. We have 0.667 mol of CH, for each mole of O,, so there is more than enough CH,
to react with the O, present. That means that there is imsufficient O, to react with all of
the available CH,. The reaction must stop when the O, is gone; O, is the limiting reac-
tant, and we must base the calculation on it. (If the available ratio of CH, to O, had been
smaller than the required ratio, we would have concluded that there is not enough CH,
to react with all of the O,, and CH, would have been the limiting reactant.)

/ Problem-Solving Tip: Choosing the Limiting Reactant

Students often wonder how to know which ratio to calculate to help find the limiting
reactant.

(1) The ratio must involve the two reactants with amounts given in the problem.

(2) It doesn’t matter which way you calculate the ratio, as long as you calculate both
required ratio and available ratio in the same order. For example, we could
mol O,

mol CH,
illustrated. If you can’t decide how to solve a limiting reactant problem, as a last

resort, do the entire calculation twice—once based on each reactant amount
given. The smaller answer is the right one.

calculate the required and available ratio of in the approach we just

EXAMPLE 3-9  Limiting Reactant

What is the maximum mass of Ni(OH), that could be prepared by mixing two solutions that
contain 25.9 g of NiCl, and 10.0 g of NaOH, respectively?

NiCl, + 2NaOH —— Ni(OH), + 2NaCl
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Plan
Interpreting the balanced equation as usual, we have

NiCl, + 2NaOH — Ni(OH), + 2NaCl

1 mol
129.6 g

2 mol
2(58.4 ¢)

1 mol
92.7¢g

2 mol
2(40.0 g)

We determine the number of moles of NiCl, and NaOH present. Then we find the number
of moles of each reactant required to react with the other reactant. These calculations iden-
tify the limiting reactant. We base the calculation on it.

Solution
1 mol NiCl,
_2 mol NiCl, = 25.9 g NiCl, X m = 0.200 mol NiCl,
1 mol NaOH
_2 mol NaOH = 10.0 g NaOH X W = 0.250 mol NaOH

We return to the balanced equation and calculate the number of moles of NaOH required to
react with 0.200 mol of NiCl,.
2 mol NaOH

m = 0.400 mol NaOH

_2 mol NaOH = 0.200 mol NiCl, X

But we have only 0.250 mol of NaOH, so NaOH is the limiting reactant.

gof NaOH —— mol of NaOH —— mol Ni(OH), —— g of Ni(OH),

1 mol NaOH 1 mol Ni(OH),

92.7 g Ni(OH),
X
40.0 g NaOH 2 mol NaOH

1 mol Ni(OH),

2 g Ni(OH), = 10.0 g NaOH x

11.6 g Ni(OH),

You should now work Exercises 30 and 34.

/ Problem-Solving Tip: How Can We Recognize a Limiting Reactant
Problem?

When we are given the amounts of rwo (or more) reactants, we should suspect that we
are dealing with a limiting reactant problem. It is very unlikely that exactly the stoichio-
metric amounts of both reactants are present in a reaction mixture.

E¥] PERCENT YIELDS FROM CHEMICAL REACTIONS

The theoretical yield from a chemical reaction is the yield calculated by assuming that
the reaction goes to completion. In practice we often do not obtain as much product from
a reaction mixture as is theoretically possible. This is true for several reasons. (1) Many
reactions do not go to completion; that is, the reactants are not completely converted to
products. (2) In some cases, a particular set of reactants undergoes two or more reactions
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Even though the reaction occurs in
aqueous solution, this calculation is
similar to earlier examples because

we are given the amounts of pure
reactants.

A precipitate of solid Ni(OH), forms
when colorless NaOH solution is
added to green NiCl, solution.

In the examples we have worked to
this point, the amounts of products
that we calculated were theoretical
yields.
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simultaneously, forming undesired products as well as desired products. Reactions other
than the desired one are called “side reactions.” (3) In some cases, separation of the de-
sired product from the reaction mixture is so difficult that not all of the product formed
is successfully isolated. The actual yield is the amount of a specified pure product actu-
ally obtained from a given reaction.

The term percent yield is used to indicate how much of a desired product is obtained
from a reaction.

tual yield of product
actua yle (o) pro uc )(]_()0%

t yield =
percent yie theoretical yield of product

Consider the preparation of nitrobenzene, C;H;NO,, by the reaction of a limited
amount of benzene, C,H,, with excess nitric acid, HNO;. The balanced equation for the
reaction may be written as

C.H, + HNO, — CH,NO, + H,0
1 mol 1 mol 1 mol 1 mol
78.1¢g 63.0¢g 123.1¢g 18.0 g

EXAMPLE 3-10 Percent Yield

A 15.6-gram sample of C H, is mixed with excess HNO;. We isolate 18.0 grams of C;H;NO,.
What is the percent yield of C;H;NO, in this reaction?

Plan

First we interpret the balanced chemical equation to calculate the theoretical yield of C;H;NO,.
Then we use the actual (isolated) yield and the previous definition to calculate the percent
yield.

Solution
We calculate the theoretical yield of C.H;NO,.

1 mol CHy 1 mol CH,NO, 123.1 g CH,NO,
X X

78.1 g CcHy 1 mol CHj 1 mol C,H,NO,

=24.6 g C;H;NO, « theoretical yield

2 g CH,NO, = 15.6 g C(H, X

This tells us that if #// the C;Hy were converted to C;H;INO, and isolated, we should obtain
24.6 grams of C,H;NO, (100% yield). We isolate only 18.0 grams of C;H;NO,, however.

actual yield of product 18.0 g
. X X 100% =
theoretical yield of product 246 ¢

X 100%

percent yield =

= 73.2 percent yield

You should now work Exercise 38.

The amount of nitrobenzene obtained in this experiment is 73.2% of the amount that
would be expected if the reaction had gone to completion, if there were no side reactions,
and if we could have recovered all of the product as pure substance.
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EX] SEQUENTIAL REACTIONS

Often more than one reaction is required to change starting materials into the desired
product. This is true for many reactions that we carry out in the laboratory and for many
industrial processes. These are called sequential reactions. The amount of desired prod-
uct from each reaction is taken as the starting material for the next reaction.

EXAMPLE 3-11 Sequential Reactions

At high temperatures, carbon reacts with water to produce a mixture of carbon monoxide, CO,
and hydrogen, H,.

heat
C+H,0—— CO+H,

Carbon monoxide is separated from H, and then used to separate nickel from cobalt by
forming a gaseous compound, nickel tetracarbonyl, Ni(CO),.

Ni + 4CO — Ni(CO),

What mass of Ni(CO), could be obtained from the CO produced by the reaction of 75.0 g of
carbon? Assume 100% yield.

Plan

We interpret both chemical equations in the usual way, and solve the problem in two steps.

They tell us that one mole of C produces one mole of CO and that four moles of CO is

required to produce one mole of Ni(CO),.

1. We determine the number of moles of CO formed in the first reaction.

2. From the number of moles of CO produced in the first reaction, we calculate the number
of grams of Ni(CO), formed in the second reaction.

Solution
1. cC +H0— CO + H,
1 mol 1 mol 1 mol 1 mol
120¢g
. c 1molC 1 mol CO L CO
> =75. X X = 6.
~mo P08 CX T 0eC Tmolg 03 mo
2. Ni + 4CO — Ni(CO),
1mol 4 mol 1 mol
171 g

1 mol Ni(CO), 171 g Ni(CO),
X
4mol CO 1 mol Ni(CO),

2 g Ni(CO), = 6.25 mol CO X = 267 g Ni(CO),

Alternatively, we can set up a series of unit factors based on the conversions in the reaction
sequence and solve the problem in one setup.

gC — molC —— molCO —— mol Ni(CO), —— g Ni(CO),

ImolC 1mol CO 1molNi(CO), 171 gNi(CO),
X X X
120¢gC 1 mol C 4 mol CO 1 mol Ni(CO),

2 g Ni(CO), = 75.0 g C X

You should now work Exercise 46.

= 267 g Ni(CO),
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Two large uses for H;PO, are
in fertilizers and cola drinks.
Approximately 100 Ib of
H;PO,- based fertilizer are used
per year per person in America.

The unit factors that account for less
than 100% reaction and less than
100% recovery are included in
parentheses.

CHAPTER 3: Chemical Equations and Reaction Stoichiometry

EXAMPLE 3-12  Sequential Reactions

Phosphoric acid, H;POy, is a very important compound used to make fertilizers. It is also pres-
ent in cola drinks.
H;PO, can be prepared in a two-step process.

Rxn 1: P, + 50, — P,Oy,
Rxn 2: P,O,, + 6H,0 — 4H;PO,
We allow 272 grams of phosphorus to react with excess oxygen, which forms tetraphosphorus

decoxide, P,O,, in 89.5% yield. In the second step reaction, a 96.8% yield of H;PO, is ob-
tained. What mass of H;PO, is obtained?

Plan
1. We interpret the first equation as usual and calculate the amount of P,O, obtained.

P, + 50, — P,0y
1 mol 5 mol 1 mol
124g 53209 284 ¢

gP, — molP;, — mol P,O,;, —> gP,0y
2. Then we interpret the second equation and calculate the amount of H;PO, obtained from
the P,O,, from the first step.
pP,0,, + 6H,0 — 4H;PO,

1 mol 6 mol 4 mol
284 ¢ 6(18.0 g) 4(98.0 g)

gP,0,y, — mol P,0,;, — mol H;PO, — g H;PO,
Solution

1 mol P, " 1 mol P,O;, 284 g P,O,, theoretical

124¢gP, 1 mol P, 1 mol P,O, theoretical
89.5 g P,O,, actual

( 100 g P,O,, theoretical

1. igP4010 =272 g P, X

) = 558 g P,Oy

1 mol P,O;; 4 mol H;PO,
284 ¢ PO, 1 mol P,Oy,

98.0 g H;PO, theoretical 96.8 g H;PO, actual
% 1 mol H;PO, theoretical % ( 100 g H;PO, theoretical

2. 2 g H;PO, = 558 g P,O,, X

) = 746 g H,PO,

You should now work Exercises 48 and 50.

Chemists have determined the structures of many naturally occurring compounds. One
way of proving the structure of such a compound is by synthesizing it from available start-
ing materials. Professor Grieco, now at Indiana University, was assisted by Majetich and
Ohfune in the synthesis of helenalin, a powerful anticancer drug, in a 40-step process.
This 40-step synthesis gave a remarkable average yield of about 90% for each step, which
still resulted in an overall yield of only about 1.5%.
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EX3d CONCENTRATIONS OF SOLUTIONS

Many chemical reactions are more conveniently carried out with the reactants mixed in
solution rather than as pure substances. A solution is a homogeneous mixture, at the mo-
lecular level, of two or more substances. Simple solutions usually consist of one substance,
the solute, dissolved in another substance, the solvent. The solutions used in the labo-
ratory are usually liquids, and the solvent is often water. These are called aqueous solu-
tions. For example, solutions of hydrochloric acid can be prepared by dissolving hydro-
gen chloride (HCI, a gas at room temperature and atmospheric pressure) in water.
Solutions of sodium hydroxide are prepared by dissolving solid NaOH in water.

We often use solutions to supply the reactants for chemical reactions. Solutions allow
the most intimate mixing of the reacting substances at the molecular level, much more
than would be possible in solid form. (A practical example is drain cleaner, shown in the
photo.) We sometimes adjust the concentrations of solutions to speed up or slow down
the rate of a reaction. In this section we study methods for expressing the quantities of
the various components present in a given amount of solution.

Concentrations of solutions are expressed in terms of either the amount of solute pres-
ent in a given mass or volume of solution, or the amount of solute dissolved in a given
mass or volume of solvent.

Percent by Mass

Concentrations of solutions may be expressed in terms of percent by mass of solute,
which gives the mass of solute per 100 mass units of solution. The gram is the usual mass
unit.

mass of solute
percent solute = ——— — X 100%

mass of solution

f sol
mass of solute % 100%

ercent =
P mass of solute + mass of solvent

Thus, a solution that is 10.0% calcium gluconate, Ca(C;H;;0-),, by mass contains 10.0
grams of calcium gluconate in 100.0 grams of so/ution. This could be described as 10.0
grams of calcium gluconate in 90.0 grams of water. The density of a 10.0% solution of
calcium gluconate is 1.07 g/mL, so 100 mL of a 10.0% solution of calcium gluconate has
a mass of 107 grams. Observe that 100 grams of a solution usually does nor occupy 100 mL.
Unless otherwise specified, percent means percent by muass, and water is the solvent.

EXAMPLE 3-13  Percent of Solute

Calculate the mass of nickel(Il) sulfate, NiSO,, contained in 200. g of a 6.00% solution of
NiSO,.

Plan

The percentage information tells us that the solution contains 6.00 grams of NiSO, per
100. grams of solution. The desired information is the mass of NiSO, in 200. grams of solu-
tion. A unit factor is constructed by placing 6.00 grams NiSO, over 100. grams of solution.
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In some solutions, such as a nearly
equal mixture of ethyl alcohol and
water, the distinction between solute

and solvent is arbitrary.

The sodium hydroxide and alu-
minum in some drain cleaners do
not react while they are stored in
solid form. When water is added,
the NaOH dissolves and begins to
act on trapped grease. At the same
time, NaOH and Al react to produce
H, gas; the resulting turbulence
helps to dislodge the blockage. Do
you see why the container should be
kept tightly closed?

A 10.0% solution of Ca(C¢H,;0,),
is sometimes administered intra-
venously in emergency treatment
for black widow spider bites.



104

CHAPTER 3: Chemical Equations and Reaction Stoichiometry

Multiplication of the mass of the solution, 200. grams, by this unit factor gives the mass of
NiSO, in the solution.

Solution

6.00 g NiSO,

? g NiSO, = 200. In X
B g som 100. g soln

12.0 g NiSO,

EXAMPLE 3-14 Mass of Solution
A 6.00% NiSO, solution contains 40.0 g of NiSO,. Calculate the mass of the solution.
Plan
Placing 100. g of solution over 6.00 g of NiSO, gives the desired unit factor.
Solution
100. g soln

2 g soln = 40.0 g NiSO, X —— 51 _ 667 g ol
g som & VT4 76,00 g NiSO, S

EXAMPLE 3-15 Mass of Solute
Calculate the mass of NiSO, present in 200. mL of a 6.00% solution of NiSO,. The density
of the solution is 1.06 g/mL at 25°C.

Plan

The volume of a solution multiplied by its density gives the mass of solution (see Section
1-11). The mass of solution is then multiplied by the mass fraction due to NiSO, (6.00 g
NiSO,/100. g soln) to give the mass of NiSO, in 200. mL of solution.

Solution

1.06 g soln 6.00 g NiSO,
X =
1.00 mL soln 100. g soln

2 g NiSO, = 200. mL soln X 12.7 g NiSO,

212 g soln

You should now work Exercise 55.

EXAMPLE 3-16 Percent Solute and Density
What volume of a solution that is 15.0% iron(III) nitrate contains 30.0 g of Fe(NO;);? The
density of the solution is 1.16 g/mL at 25°C.

Plan

Two unit factors relate mass of Fe(NOs); and mass of solution, 15.0 g Fe(NO;);/100 g and
100 g/15.0 g Fe(NOs);. The second factor converts grams of Fe(NOs); to grams of solution.

Solution

2 L soln = 30.0 g Fe(NOy), x —- g%l 100 mbsoln _ -
2 ml soln = 50.0 g ke 3/3 15.0 g Fe(NO3), 1.16 g soln - -

200 g soln
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Note that the answer is not 200. mL but considerably less because 1.00 mL of solution has a
mass of 1.16 grams; however, 172 mL of the solution has a mass of 200 g.

You should now work Exercise 58.

Molarity

Molarity (M), or molar concentration, is a common unit for expressing the concentrations
of solutions. Molarity is defined as the number of moles of solute per liter of solution:

number of moles of solute

molarity = - .
v number of liters of solution

To prepare one liter of a one molar solution, one mole of solute is placed in a one-
liter volumetric flask, enough solvent is added to dissolve the solute, and solvent is then
added until the volume of the solution is exactly one liter. Students sometimes make the
mistake of assuming that a one molar solution contains one mole of solute in a liter of
solvent. This is not the case; one liter of solvent p/us one mole of solute usually has a to-
tal volume of more than one liter. A 0.100 M solution contains 0.100 mol of solute per
liter of solution, and a 0.0100 M solution contains 0.0100 mol of solute per liter of solu-
tion (Figure 3-2).
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% See the Saunders Interactive
General Chemistry CD-ROM,
Screen 5.11, Preparing Solutions, Direct
Addition.

The definition of molarity specifies the
amount of solute per unit volume of
solution, whereas percent specifies

the amount of solute per unit mass of
solution. Molarity therefore depends

on temperature and pressure, whereas
percent by mass does not.

(a) (b) (©

Figure 3-2 Preparation of 0.0100 M solution of KMnO,, potassium permanganate. A
250.-mL sample of 0.0100 M KMnO, solution contains 0.395 g of KMnO, (1 mol = 158 g).
(a) 0.395 g of KMnO, (0.00250 mol) is weighed out carefully and transferred into a 250.-mL
volumetric flask. (b) The KMnOj, is dissolved in water. (c) Distilled H,O is added to the
volumetric flask until the volume of solution is 250. mL. The flask is then stoppered, and

its contents are mixed thoroughly to give a homogeneous solution.
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We place 3.65 g HCl over 2.00 L of
solution, and then convert g HCI to

mol HCI.
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Water is the solvent in mzost of the solutions that we encounter. Unless otherwise
indicated, we assume that water is the solvent. When the solvent is other than water, we
state this explicitly.

EXAMPLE 3-17 Molarity

Calculate the molarity (M) of a solution that contains 3.65 grams of HCI in 2.00 liters of
solution.

Plan

We are given the number of grams of HCI in 2.00 liters of solution. We apply the definition
of molarity, remembering to convert grams of HCI to moles of HCIL.

Solution

2 mol HCl  3.65 g HCI 1 mol HCI
= X = 0.0500 mol HCI/L soln
L soln 2.00 L soln  36.5 g HCI

The concentration of the HCI solution is 0.0500 molar, and the solution is called 0.0500 M
hydrochloric acid. One liter of the solution contains 0.0500 mol of HCI.

You should now work Exercise 60.

EXAMPLE 3-18 Mass of Solute

Calculate the mass of Ba(OH), required to prepare 2.50 L of a 0.0600 M solution of barium
hydroxide.
Plan

The volume of the solution, 2.50 L, is multiplied by the concentration, 0.0600 mol Ba(OH),/L,
to give the number of moles of Ba(OH),. The number of moles of Ba(OH), is then multiplied
by the mass of Ba(OH), in one mole, 171.3 g Ba(OH),/mol Ba(OH),, to give the mass of
Ba(OH), in the solution.

Solution

0.0600 mol Ba(OH), 171.3 g Ba(OH),

? = 2. X X
2 g Ba(OH), = 2.50 L soln 1 L soln 1 mol Ba(OH),

= 25.7 g Ba(OH),

You should now work Exercise 62.

The solutions of acids and bases that are sold commercially are too concentrated for
most laboratory uses. We often dilute these solutions before we use them. We must know
the molar concentration of a stock solution before it is diluted. This can be calculated
from the specific gravity and the percentage data given on the label of the bottle.

EXAMPLE 3-19  Molarity

A sample of commercial sulfuric acid is 96.4% H,SO, by mass, and its specific gravity is 1.84.
Calculate the molarity of this sulfuric acid solution.
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Plan

The density of a solution, grams per milliliter, is numerically equal to its specific gravity, so
the density of the solution is 1.84 g/mL. The solution is 96.4% H,SO, by mass; therefore 100. g
of solution contains 96.4 g of pure H,SO,. From this information, we can find the molarity of
the solution. First, we calculate the mass of one liter of solution.

Solution
2 gsoln  1.84gsoln 1000 mL soln

= X =1.84 X 103 In/L sol
mL soln L soln 84 § SOt sofn

L soln
The solution is 96.4% H,SO, by mass, so the mass of H,SO, in one liter is

2 g H,50, 184X 103 g soln
Lsoln L soln

96.4 ¢ H,50,
100.0 g soln

=1.77 X 10’ g H,SO,/L soln

The molarity is the number of moles of H,SO, per liter of solution.

2 mol H,SO, 177 X 10® g H,SO, 1 mol H,SO,
= X
L soln 98.1 g H,SO,

L soln = 18.0 mol H,SO,/L soln

Thus, the solution is an 18.0 M H,SO, solution. This problem can also be solved by using a
series of three unit factors.

_2 mol H,SO,
L soln

1000 mL soln
L soln

1.84 g soln

mL soln

96.4 ¢ H,S0,
100 g soln

1 mol H,SO,
98.1 g H,S0,

18.1 mol H,SO,/L soln = 18.1 M H,SO,

You should now work Exercise 68.

/Problem-SoIving Tip: Write Complete Units

A common pitfall is to write units that are not complete enough to be helpful. For in-

84 g

stance, writing the density in Example 3-19 as just doesn’t help us figure

1000 mL soln

Lsoln ’

1.84 g soln

mL soln ’

out the required conversions. It is much safer to write
96.4 g H,SO,

100 g soln
guide us through the problem.

, and so on. In Example 3-19, we have written complete units to help

DILUTION OF SOLUTIONS

Recall that the definition of molarity is the number of moles of solute divided by the
volume of the solution in liters:

number of moles of solute

molarity = - ;
v number of liters of solution

Multiplying both sides of the equation by the volume, we obtain

volume (in L) X molarity = number of moles of solute
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ANALYSIS
Assay (H,50;) W/W....Min. 95.0%Viax. 98.0%

MAXIMUM LIMITS OF IMPURITIES

Appearance........ Passes A.C.S. Test
Color (APHA).................... 10 Max.
Residue after Ignition............ 4 ppm
Chloride (CI).........c.......... 0.2 ppm
Nitrate (NO3)................... 0.5 ppm
Ammonium (NH)................. 1ppm
Substances Reducing KMnO, (limit about
2ppm as S0,)......... Passes A.C.S. Test
Arsenic (AS).....cccoeeunenne. 0.004 ppm
Heavy Metals (as Ph).......... 0.8 ppm
Iron (Fe)...ccvenvnininnennnnen. 0.2 ppm
Mercury (Hg)......coenveneenennen. 5 ppb
Specific Gravity................... ~1.84
Normality...........coveveiiieinans ~36

Suitable for Mercury Determinations

A label that shows the analysis of
sulfuric acid.

The small difference is due to
rounding.

* See the Saunders Interactive
General Chemistry CD-ROM,
Screen 5.12, Preparing Solutions,
Dilution.
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A can of frozen orange juice contains a

certain mass (or moles) of vitamin C.
After the frozen contents of the can
are diluted by addition of water, the
amount of vitamin C in the resulting
total amount of solution will be
unchanged. The concentration, or
amount per a selected volume, will be
less in the final solution, however.

We could use any volume unit as long
as we use the same unit on both sides
of the equation. This relationship also
applies when the concentration is

changed by evaporating some solvent.

CHAPTER 3: Chemical Equations and Reaction Stoichiometry

Multiplication of the volume of a solution, in liters, by its molar concentration gives
the amount of solute in the solution.

When we dilute a solution by mixing it with more solvent, the amount of solute pres-
ent does not change. But the volume and the concentration of the solution do change.
Because the same number of moles of solute is divided by a larger number of liters of
solution, the molarity decreases. Using a subscript 1 to represent the original concen-
trated solution and a subscript 2 to represent the dilute solution, we obtain

volume; X molarity; = number of moles of solute = volume, X molarity,

or

VM, =V,M, (for dilution only)

This expression can be used to calculate any one of four quantities when the other
three are known (Figure 3-3). We frequently need a certain volume of dilute solution of
a given molarity for use in the laboratory, and we know the concentration of the initial
solution available. Then we can calculate the amount of initial solution that must be used
to make the dilute solution.

Dilution of a concentrated solution, especially of a strong acid or
base, frequently liberates a great deal of heat. This can vaporize
drops of water as they hit the concentrated solution and can cause dangerous spattering.
As a safety precaution, concentrated solutions of acids or bases are always poured slowly into
water; allowing the heat to be absorbed by the larger quantity of water. Calculations are
usually simpler to visualize, however, by assuming that the water is added to the con-
centrated solution.

CAUTION!

EXAMPLE 3-20  Dilution

How many milliliters of 18.0 M H,SO, are required to prepare 1.00 L of a 0.900 M solution
of H,SO,?

Plan

The volume (1.00 L) and molarity (0.900 M) of the final solution, as well as the molarity (18.0
M) of the original solution, are given. Therefore, the relationship V;M; = V,M, can be used,
with subscript 1 for the initial acid solution and subscript 2 for the dilute solution. We solve

VM, = VoM, for 1V}

Solution

V,M,  1.00 L X 0.900 M
= - o = 00500L=

v, 50.0 mL
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The dilute solution contains 1.00 L X 0.900 M = 0.900 mol of H,SOy, so 0.900 mol of H,SO,
must also be present in the original concentrated solution. Indeed, 0.0500 L X 18.0 M = 0.900
mol of H,S0,.

You should now work Exercises 70 and 72.

Figure 3-3 Dilution of a solution. (a) A 100.-mL volumetric flask is filled to the
calibration line with a 0.100 M potassium chromate, K,CrO, solution. (b) The 0.100 M
K,CrO, solution is transferred into a 1.00-L volumetric flask. The smaller flask is rinsed
with a small amount of distilled H,O. The rinse solution is added to the solution in the
larger flask. To make sure that all the original K,CrOy, solution is transferred to the larger
flask, the smaller flask is rinsed twice more and each rinse is added to the solution in the
larger flask. (c) Distilled water is added to the 1.00-L flask undil the liquid level coincides
with its calibration line. The flask is stoppered and its contents are mixed thoroughly. The
new solution is 0.0100 M K,CrO,. (100. mL of 0.100 M K,CrO, solution has been diluted
to 1000. mL.) The 100. mL of original solution and the 1000. mL of final solution both
contain the amount of K,CrO, dissolved in the original 100. mL of 0.100 M K,CrO,.
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See the Saunders Interactive

General Chemistry CD-ROM,
Screens 5.13 and 5.15, Stoichiometry
of Reactions in Solution.

500. mL is more conveniently
expressed as 0.500 L in this problem.
By now, you should be able to convert
mL to L (and the reverse) without
writing out the conversion.

A mole of H,SO, is 98.1 g.
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EXJ USING SOLUTIONS IN CHEMICAL REACTIONS

If we plan to carry out a reaction in a solution, we must calculate the amounts of solu-
tions that we need. If we know the molarity of a solution, we can calculate the amount of
solute contained in a specified volume of that solution. This procedure is illustrated in
Example 3-21.

EXAMPLE 3-21  Amount of Solute

Calculate (a) the number of moles of H,SO, and (b) the number of grams of H,SO, in 500. mL
of 0.324 M H,S0, solution.

Plan
Because we have two parallel calculations in this example, we state the plan for each step just
before the calculation is done.

Solution

(a) The volume of a solution in liters multiplied by its molarity gives the number of moles of
solute, H,SO, in this case.

0.324 mol H,S0,

_2 mol H,SO, = 0.500 L soln X L soln

= 0.162 mol H,50,

(b) We may use the results of part (a) to calculate the mass of H,SO, in the solution.
98.1 g H,S0,

> g H,S0, = 0.162 mol F,S0, X ——————* =
81 MOTHM T ol 11,80,

15.9 g H,S0,

The mass of H,SO, in the solution can be calculated without solving explicitly for the num-
ber of moles of H,SO,.
0.324 mol H,SO,  98.1 g H,S0,

? ¢ H,SO, = 0.500 L soln X = 159 ¢ H,SO
=8y somn L soln 1 mol H,SO, & H2ot

One of the most important uses of molarity relates the volume of a solution of known
concentration of one reactant to the mass of the other reactant.

EXAMPLE 3-22  Solution Stoichiometry

Calculate the volume in liters and in milliliters of a 0.324 M solution of sulfuric acid required
to react completely with 2.792 grams of Na,COj; according to the equation
H,SO, + Na,CO; — Na,SO, + CO, + H,0

Plan

The balanced equation tells us that one mole of H,SO, reacts with one mole of Na,CO;, and
we can write

H,SO, + Na,CO; — Na,50, + CO, + H,O
1 mol 1 mol 1 mol 1mol 1 mol
106.0 g
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We convert (1) grams of Na,COj; to moles of Na,COj3, (2) moles of Na,CO; to moles of
H,S0,, and (3) moles of H,SO, to liters of H,SO, solution.

g Na,CO; —— mol Na,CO; —— mol H,S0, —— L H,SO, soln

Solution

1 mol Na,CO; 1 mol H,SO, 1 L H,SO, soln
X X
106.0 g Na,CO3; 1 mol Na,CO; ~ 0.324 mol H,SO,

> L H,S0, = 2.792 g Na,CO; X

= 0.0813 L H,SO, soln or 81.3 mL H,SO, soln

You should now work Exercise 76.

Often we must calculate the volume of solution of known molarity that is required to
react with a specified volume of another solution. We always examine the balanced chem-
ical equation for the reaction to determine the reaction ratio, that is, the relative numbers
of moles of reactants.

EXAMPLE 3-23  Volume of Solution Required

Find the volume in liters and in milliliters of a 0.505 M NaOH solution required to react with
40.0 mL of 0.505 M H,SO, solution according to the reaction

H,SO, + 2NaOH —— Na,SO, + 2H,0
Plan

We shall work this example in several steps, stating the “plan,” or reasoning, just before each
step in the calculation. Then we shall use a single setup to solve the problem.
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The indicator methyl orange
changes from yellow, its color in ba-
sic solutions, to orange, its color in
acidic solutions, when the reaction
in Example 3-22 reaches completion.



112

Solution
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The balanced equation tells us that the reaction ratio is 1 mol of H,SO, to 2 mol of NaOH.

H,S0, + 2NaOH — Na,S0, + 2H,0

1 mol

2 mol 1 mol 2 mol

From the volume and the molarity of the H,SO, solution, we can calculate the number of

moles of H,SO,.

The volume of H,SO, solution is
expressed as 0.0400 L rather than
40.0 mL.

_2 mol H,50, = 0.0400 L. H,SO, soln X

0.505 mol H,SO,

L soln = 0.0202 mol H,SO,

The number of moles of H,SO, is related to the number of moles of NaOH by the reaction

ratio, 1 mol H,S0,/2 mol NaOH:

_2 mol NaOH = 0.0202 mol H,SO, X

2 mol NaOH

SO 8 — 0.0404 mol NaOH
1 mol 1,80, ot e

Now we can calculate the volume of 0.505 M NaOH solution that contains 0.0404 mol of

NaOH:

Again we see that molarity is a unit
factor. In this case,

1.00 L NaOH soln
0.505 mol NaOH

L H,SO, soln

available

2 L. NaOH soln = 0.0400 L HZSO4 soln X

2 L NaOH soln = 0.0404 mol NaOH X

1.00 L NaOH soln

= (0.0800 L NaOH sol
0.505 mol NaOH aOH soln

which we usually call 80.0 mL of NaOH solution.
We have worked through the problem stepwise; let us solve it in a single setup.

L NaOH
soln needed

mol NaOH
soln needed

mol H,SO,

available
2 mol NaOH
X
1 mol H,SO,

1.00 L NaOH soln
x 0.505 mol NaOH

0.505 mol H,SO,
L H,S0, soln

0.0800 L. NaOH soln or 80.0 mL. NaOH soln

You should now work Exercise 78.

Key Terms

Actual yield The amount of a specified pure product actually
obtained from a given reaction. Compare with Theoretical
yield.

Chemical equation Description of a chemical reaction by plac-
ing the formulas of reactants on the left and the formulas of
products on the right of an arrow. A chemical equation must
be balanced; that is, it must have the same number of each kind
of atom on both sides.

Concentration The amount of solute per unit volume or mass
of solvent or of solution.

Dilution The process of reducing the concentration of a solute
in solution, usually simply by adding more solvent.

Limiting reactant A substance that stoichiometrically limits the
amount of product(s) that can be formed.

Molarity (M) The number of moles of solute per liter of solu-
tion.

Percent by mass 100% multiplied by the mass of a solute di-
vided by the mass of the solution in which it is contained.
Percent yield 100% times actual yield divided by theoretical

yield.



Products Substances produced in a chemical reaction.

Reactants Substances consumed in a chemical reaction.

Reaction ratio The relative amounts of reactants and products
involved in a reaction; may be the ratio of moles, or masses.

Reaction stoichiometry Description of the quantitative rela-
tionships among substances as they participate in chemical re-
actions.

Sequential reaction A chemical process in which several reaction
steps are required to convert starting materials into products.

Solute The dispersed (dissolved) phase of a solution.

Exercises
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Solution A homogeneous mixture of two or more substances.

Solvent The dispersing medium of a solution.

Stoichiometry Description of the quantitative relationships
among elements and compounds as they undergo chemical
changes.

Theoretical yield The maximum amount of a specified product
that could be obtained from specified amounts of reactants, as-
suming complete consumption of the limiting reactant accord-
ing to only one reaction and complete recovery of the product.
Compare with Actual yield.

Chemical Equations

1. What is a chemical equation? What information does it
contain?

2. When balancing chemical equations, you make certain that
the same number of atoms of each element are on both
sides of the equation. What scientific (natural) law requires
that there be equal numbers of atoms of each element in
both the products and the reactants?

3. Use words to state explicitly the relationships among num-
bers of molecules of reactants and products in the equa-
tion for the combustion of hexane, C,H ;.

2CH,, + 190, —> 12CO, + 14H,0

Balance each “equation” in Exercises 4-7 by inspection.

4. (a) Al+Cl, — ALCI,
(b) N, + H, — NH;
(0 K+KNO; — K,0 +N,
(d H,0 + KO, — KOH + O,
(C) HZSO4 + NH3 —> (NH4)ZSO4

5. (@ P,+ 0O, — POy
(b) Py + 0O, — POy
(o) K,CO; + ALCly, —> Al(COy); + KClI
(d) KCIO; + C,H,,0,;, — KCI + CO, + H,0
(¢) KOH + H;PO, — KH,PO, + H,0O

6. (a) Fe,0O; + CO — Fe + CO,
(b) Mg;N, + H,O0 — NH; + Mg(OH),
(o) Ca3(POy), + H,SO, —>

Ca(H,PO,), + Ca(HSO,),

(d) (NH,),Cr,0, — N, + H,0 + Cr,0;
() Al + Cr,0; — ALO; + Cr

7. (@ UO, + HF — UF, + H,0
(b) NaCl + H,0 + SiO, — HCI + Na,SiO4
(©) Ca(HCO;y), + Na,CO; — CaCO; + NaHCO;4
(d) NH; + O, — NO + H,0
(e) PCl; + O, — POCI

Calculations Based on Chemical Equations

In Exercises 8-11, (a) write the balanced chemical equation that
represents the reaction described by words, and then perform cal-
culations to answer parts (b) and (c).
8. (a) Nitrogen, N,, combines with hydrogen, H,, to form
ammonia, NH;.
(b) How many hydrogen molecules are required to react
with 600 nitrogen molecules?
(¢) How many ammonia molecules are formed in part (b)?
9. (a) Sulfur, Sg, combines with oxygen at elevated temper-
atures to form sulfur dioxide.
(b) If 250 oxygen molecules are used up in this reaction,
how many sulfur molecules react?
(¢) How many sulfur dioxide molecules are formed in

part (b)?

Lime, CaO, dissolves in muriatic acid, HCI, to form

calcium chloride, CaCl,, and water.

(b) How many moles of HCI are required to dissolve 6.7
mol of CaO?
(¢) How many moles of water are formed in part (b)?

11. (a) Aluminum building materials have a hard, transpar-

ent, protective coating of aluminum oxide, Al,Oj,
formed by reaction with oxygen in the air. The sulfu-
ric acid, H,SO,, in acid rain dissolves this protective
coating and forms aluminum sulfate, Al,(SO,);, and
water.

(b) How many moles of H,SO, are required to react with
6.8 mol of Al,O3?

(c) How many moles of Al,(SO,); are formed in part (b)?

12. Calculate the number of grams of baking soda, NaHCO;,
that contain 14.0 moles of carbon.

13. Limestone, coral, and seashells are composed primarily of
calcium carbonate. The test for the identification of a car-
bonate is to use a few drops of hydrochloric acid. The un-
balanced equation is

10. (a)

CaCO; + HCl — CaCl, + CO, + H,0
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14.

15.

16.

17.

18.

*19.

20.

21.

22.
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(a) Balance the equation.
(b) How many atoms are in 0.250 moles of calcium car-

bonate?
(¢) What number of carbon dioxide molecules is released

on the reaction of 0.250 moles of calcium carbonate?
How many moles of oxygen can be obtained by the de-
composition of 8.0 mol of reactant in each of the follow-
ing reactions?
(a) 2KCIO; — 2KCl + 30,
(b) 2H,0, — 2H,0 + O,
(¢ 2HgO — 2Hg + O,
(d) 2NaNO; — 2NaNO, + O,
(e) KCIO, — KCI + 20,
For the formation of 8.0 mol of water, which reaction uses
the most nitric acid?
(a) 3Cu + 8HNO; — 3Cu(NO;y), + 2NO + 4H,0
(b) ALO; + 6HNO; — 2AINO;); + 3H,0
() 4Zn + 10HNO; —

4Zn(NO;), + NH,NO; + 3H,0

Consider the reaction

not balanced

NH, + O,

NO + H,0

For every 25.00 mol of NHj;, (a) how many moles of O,
are required, (b) how many moles of NO are produced,
and (¢) how many moles of H,O are produced?

What masses of cobalt(II) chloride and of hydrogen fluor-
ide are needed to prepare 15.0 mol of cobalt(Il) fluoride
by the following reaction?

CoCl, + 2HF — CoF, + 2HCI

We allow 24.0 g of methane, CH,, to react as completely

as possible with excess oxygen, O,, to form CO, and wa-

ter. Write the balanced equation for this reaction. What

mass of oxygen reacts?

Calculate the mass of calcium required to react with

3.770 g of carbon during the production of calcium carbide,

CaC,.

Sodium iodide, Nal, is a source of iodine used to produce

iodized salt.

(a) Write the balanced chemical equation for the reaction
of sodium and iodine.

(b) How many grams of sodium iodide are produced by
the reaction of 93.25 grams of iodine?

Consider the reaction

2NO + Br, — 2NOBr

For every 7.50 mol of bromine that reacts, how many
moles of (a) NO react and (b) NOBr are produced?

A sample of magnetic iron oxide, Fe;O,, reacts completely
with hydrogen at red heat. The water vapor formed by the
reaction

h
Fe,0, + 4H, — 5 3Fe + 41,0

23.

24.

25.

is condensed and found to weigh 18.75 g. Calculate the

mass of Fe;O, that reacted.

Iron(III) oxide, Fe, O3, is a result of the reaction of iron

with the oxygen in air.

(a) What is the balanced equation for this reaction?

(b) What number of moles of iron react with 15.25 mol
of oxygen from the air?

(¢) What mass of iron is required to react with 15.25 mol
of oxygen?

Calculate the number of molecules of propane, C;Hg, that

will produce 4.80 grams of water when burned in excess

oxygen, O,.

What mass of pentane, C;H,,, produces 4.52 X 1022 CO,

molecules when burned in excess oxygen, O,?

Limiting Reactant

26.

*27.

*28.

29.

How many grams of NH; can be prepared from 59.85 g
of N, and 12.11 g of H,?

N, + 3H, —> 2NH,

Silver nitrate solution reacts with calcium chloride solu-
tion according to the equation

2AgNO; + CaCl, — Ca(NO;3), + 2AgCl

All of the substances involved in this reaction are soluble
in water except silver chloride, AgCl, which forms a solid
(precipitate) at the bottom of the flask. Suppose we mix
together a solution containing 12.6 g of AgNOj; and one
containing 8.40 g of CaCl,. What mass of AgCl is formed?
“Superphosphate,” a water-soluble fertilizer, is sometimes
marketed as “triple phosphate.” It is a mixture of
Ca(H,PO,), and CaSO, on a 1:2 mole basis. It is formed
by the reaction

Cay(PO,), + 2H,S0, —> Ca(H,PO,), + 2CaSO,

We treat 300 g of Ca;(PO,), with 200 g of H,SO,. How
many grams of superphosphate could be formed?

Gasoline is produced from crude oil, a nonrenewable re-
source. Ethanol is mixed with gasoline to produce a fuel
called gasohol. Calculate the mass of water produced when



30.

31.

32.

33.

34.

35.

66.89 g of ethanol, C,H;OH, is burned in 55.21 g of oxy-
gen.

What mass of potassium can be produced by the reaction
of 125.0 g of Na with 125.0 g of KCI?

Na + KCl "%, NaCl + K

Silicon carbide, an abrasive, is made by the reaction of sil-
icon dioxide with graphite.

heat

SiO, + C —— SiC + CO (balanced?)

We mix 452 g of SiO, and 306 g of C. If the reaction pro-
ceeds as far as possible, which reactant is left over? How
much of this reactant remains?

Octane, CgH g, is a component of gasoline. A spark is used
to ignite 1.563 grams of octane and 6.778 grams of oxy-
gen in a sealed container. What mass of carbon dioxide is
produced?

What mass of Ca(NOs), can be prepared by the reaction
of 18.9 g of HNO; with 7.4 g of Ca(OH),?

2HINO, + Ca(OH), —> Ca(NO;), + 2F,0

What is the maximum amount of Ca;(PO,), that can be
prepared from 7.4 g of Ca(OH), and 9.8 g of H;PO,?

3Ca(OH), + 2H,;PO, —> Cay(PO,), + 6 H,0

A reaction mixture contains 11.0 g of PCl; and 7.00 g of
PbF,. What mass of PbCl, can be obtained from the fol-
lowing reaction?

3PbF, + 2PCl; — 2PF, + 3PbCl,

How much of which reactant is left unchanged?

Percent Yield from Chemical Reactions

36.

37.

38.

The percent yield for the reaction
PCl; + Cl, — PCg

is 83.2%. What mass of PCl; is expected from the reac-
tion of 73.7 g of PCl; with excess chlorine?

The percent yield for the following reaction carried out in
carbon tetrachloride solution is 59.0%.

Br, + Cl;, — 2BrCl

(a) What amount of BrCl is formed from the reaction of
0.0250 mol Br, with 0.0250 mol CI,?

(b) What amount of Br, is left unchanged?

Solid silver nitrate undergoes thermal decomposition to
form silver metal, nitrogen dioxide, and oxygen. Write the
chemical equation for this reaction. A 0.443-g sample
of silver metal is obtained from the decomposition of a
0.784-g sample of AgNO;. What is the percent yield of
the reaction?

39.

40.

41.

42.

43.

44.

45.
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Tin(IV) chloride is produced in 85.0% yield by the reac-
tion of tin with chlorine. How much tin is required to pro-
duce a kilogram of tin(IV) chloride?

Ethylene oxide, C,H,0, a fumigant sometimes used by ex-
terminators, is synthesized in 88.1% yield by reaction of
ethylene bromohydrin, C,H;OBr, with sodium hydroxide:

C,H;OBr + NaOH — C,H,O + NaBr + H,0

How many grams of ethylene bromohydrin are consumed
in the production of 353 g of ethylene oxide, at 88.1%
yield?

If 15.0 g sodium carbonate is obtained from the thermal
decomposition of 75.0 g of sodium hydrogen carbonate,

2NaHCO; —> Na,CO, + H,0 + CO,

what is the percent yield?

What is the percent yield if 112 mg SO, is obtained from
the combustion of 78.1 mg of carbon disulfide according
to the reaction

CS, +30, —> CO, + 250,

From a 60.0-g sample of an iron ore containing Fe;O,,
2.09 g of Fe is obtained by the reaction

Fe;04 + 2C — 3Fe + 2CO,

What is the percent of Fe;O, in the ore?

The reaction of finely divided aluminum and iron(III) ox-

ide, Fe,0;, is called the thermite reaction. It produces a

tremendous amount of heat, making the welding of rail-

road track possible. The reaction of 750. grams of alu-

minum and 750. grams of iron(IIl) oxide produces 247.5

grams of iron.

(a) Calculate the mass of iron that should be released by
this reaction.

(b) What is the percent yield of iron?

Fe,O; + 2Al — 2Fe + AL,O; + heat

Lime, Ca(OH),, can be used to neutralize an acid spill. A
5.06-g sample of Ca(OH), reacts with an excess of hy-
drochloric acid; 6.74 g of calcium chloride is collected.
What is the percent yield of this experiment?

Ca(OH), + 2HCl — CaCl, + 2H,0

Sequential Reactions

46.

Consider the two-step process for the formation of tel-
lurous acid described by the following equations:

TeO, + 20H™ — TeO32* + H,0
TeO42~ + 2HY — H,TeO;

What mass of H, TeO; is formed from 95.2 g of TeO,, as-
suming 100% yield?
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48.

49.

50.

51.

*52.
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Consider the formation of cyanogen, C,N,, and its sub-
sequent decomposition in water given by the equations

2Cu?* + 6CN~ —> 2[Cu(CN),]~ + C,N,
G,N, + H,0 —> HCN + HOCN

How much hydrocyanic acid, HCN, can be produced from
35.00 g of KCN, assuming 100% yield?

What mass of potassium chlorate is required to supply the
proper amount of oxygen needed to burn 44.2 g of
methane, CH,?

2KCIO; — 2KCI + 30,
CH, + 20, — CO, + 2H,0
Hydrogen, obtained by the electrical decomposition of wa-

ter, is combined with chlorine to produce 84.2 g of hy-
drogen chloride. Calculate the mass of water decomposed.

2H,0 — 2H, + O,
H, + Cl, — 2HCI

Ammonium nitrate, known for its use in agriculture, can
be produced from ammonia by the following sequence of
reactions:

NH;(g) + 0,(g8) — NO(g) + H,0(g)
NO(g) + O,(g) — NO,(g)
NO,(g) + H,0(¢) —> HNOj;(aq) + NO(g)
HNOs(aq) + NH;3(g) — NH NOs(aq)

(@)
(b)

©

Balance each equation.

How many moles of nitrogen atoms are required for
every mole of ammonium nitrate (NH,NO;)?

How much ammonia is needed to prepare 100.0 grams
of ammonium nitrate (NH,NO;)?

Calcium sulfate is the essential component of plaster and
sheet rock. Waste calcium sulfate can be converted into
quicklime, CaO, by reaction with carbon at high temper-
atures. The following two reactions represent a sequence
of reactions that might take place:

CaSOy(s) + 4C(s) — CaS(£) + 4CO(g)
CaS(€) + 3CaSO,4(s) — 4CaO(s) + 450,(g)

What weight of sulfur dioxide (in grams) could be obtained
from 1.000 kg of calcium sulfate?

The Grignard reaction is a two-step reaction used to pre-
pare pure hydrocarbons. Consider the preparation of pure
ethane, CH;CHj;, from ethyl chloride, CH;CH,CI.

Step 1: CH;CH,CIl + Mg — CH;CH,MgCI

Step 2: CH;CH,MgCI + H,0 —
CH;CH; + Mg(OH)Cl

*53.

*54.

We allow 27.2 g of CH;CH,CI (64.4 g/mol) to react
with excess magnesium. From the first step reaction,
CH;CH,MgClI (88.7 g/mol) is obtained in 79.5% yield.
In the second step reaction, a 85.7% yield of CH;CHj,
(30.0 g/mol) is obtained. What mass of CH;CH; is ob-
tained?

When sulfuric acid dissolves in water, the following reac-
tions take place:

H,S0, —> H* + HSO,~
HSO,~ —> H* + SO,2~

The first reaction is 100.0% complete, and the second
reaction is 10.0% complete. Calculate the concentrations
of the various ions in a 0.150 M aqueous solution of
H,S0,.

The chief ore of zinc is the sulfide, ZnS. The ore is con-
centrated by flotation and then heated in air, which con-
verts the ZnS to ZnO.

27nS + 30, — 2Zn0 + 280,
The ZnO is then treated with dilute H,SO,
Zn0O + H,S0, — ZnSO, + H,0

to produce an aqueous solution containing the zinc as
ZnS0O,. An electric current is passed through the solution
to produce the metal.

27nS0O, + 2H,0 —— 2Zn + 2H,S0, + O,

What mass of Zn is obtained from an ore containing
225 kg of ZnS? Assume the flotation process to be 90.6%
efficient, the electrolysis step to be 92.2% efficient, and
the other steps to be 100% efficient.

Concentrations of Solutions—Percent by Mass

55.

56.

57.

58.

*59.

()
(b)
©

How many moles of solute are contained in 500 g of
a 2.00% aqueous solution of K,Cr,0O,?

How many grams of solute are contained in the solu-
tion of part (a)?

How many grams of water (the solvent) are contained
in the solution of part (a)?

The density of an 18.0% solution of ammonium sulfate,
(NH,),SOy, is 1.10 g/mL. What mass of (NH,),SO, is re-
quired to prepare 275 mL of this solution?

The density of an 18.0% solution of ammonium chloride,
NH,C], solution is 1.05 g/mL. What mass of NH,CI does
275 mL of this solution contain?

What volume of the solution of (NH,),SO, described in
Exercise 56 contains 90.0 g of (NH,),SO,?

A reaction requires 33.6 g of NH,Cl. What volume of the
solution described in Exercise 57 do you need if you wish
to use a 25.0% excess of NH,CI?
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60.

61.

62.

63.

64.

65.

66.

67.

68.

69.

What is the molarity of a solution that contains 555 g of

phosphoric acid, H;PO,, in 3.00 L of solution?

What is the molarity of a solution that contains 4.50 g of

sodium chloride in 40.0 mL of solution?

How many grams of the cleansing agent Na;PO, (a) are

needed to prepare 250 mL of 0.50 M solution, and (b) are

in 250 mL of 0.50 M solution?

How many kilograms of ethylene glycol, C,H,O,, are

needed to prepare a 9.50 M solution to protect a 14.0-L

car radiator against freezing? What is the mass of C,H,O,

in 14.0 L of 9.50 M solution?

A solution made by dissolving 16.0 g of CaCl, in 64.0 g

of water has a density of 1.180 g/mL at 20°C.

(a) What s the percent by mass of CaCl, in the solution?

(b) What is the molarity of CaCl, in the solution?

A solution contains 0.100 mol/L of each of the following

acids: HCI, H,SO,, H;PO,.

(a) Is the molarity the same for each acid?

(b) Is the number of molecules per liter the same for each
acid?

(c) Is the mass per liter the same for each acid?

What is the molarity of a barium chloride solution pre-

pared by dissolving 1.50 g of BaCl, - 2H,0 in enough

water to make 600 mL of solution?

How many grams of potassium benzoate trihydrate,

KC-;H;0, - 3H,0, are needed to prepare 1 L of a

0.250 M solution of potassium benzoate?

Stock hydrofluoric acid solution is 49.0% HEF and has a

specific gravity of 1.17. What is the molarity of the solu-

tion?

Stock phosphoric acid solution is 85.0% H;PO, and has

a specific gravity of 1.70. What is the molarity of the

solution?

Dilution of Solutions

70.

71.

72.

73.

74.

75.

Commercial concentrated hydrochloric acid is 12.0 M
HCI. What volume of concentrated hydrochloric acid is
required to prepare 4.50 L of 2.25 M HCI solution?
Commercially available concentrated sulfuric acid is 18.0 M
H,S0,. Calculate the volume of concentrated sulfuric acid
required to prepare 4.50 L of 2.25 M H,SO, solution.
Calculate the volume of 0.0600 M Ba(OH), solution that
contains the same number of moles of Ba(OH), as 225 mL
of 0.0900 M Ba(OH), solution.

Calculate the volume of 4.00 M NaOH solution required
to prepare 200 mL of a 0.800 M solution of NaOH.
Calculate the volume of pure water that dilutes 100. mL
of 12 M NaOH to 4.75 M.

In the laboratory preparation room is a reagent bottle that
contains 5.0 L of 12 M NaOH. Write a set of instructions
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for the production of 250 mL of 3.0 M NaOH from the
12 M solution.

Using Solutions in Chemical Reactions

76.

77.

78.

79.

80.

81.

82.

83.

84.

*85.

Calculate the volume of a 0.225 M solution of potassium
hydroxide, KOH, required to react with 0.215 g of acetic
acid, CH;COOH, according to the following reaction.

KOH + CH;COOH — KCH;COO + H,0

Calculate the number of grams of carbon dioxide, CO,,
that can react with 135 mL of a 0.357 M solution of potas-
sium hydroxide, KOH, according to the following reac-
tion.

2KOH + CO, —> K,CO; + H,0

What volume of 0.246 M HNOj solution is required to
react completely with 38.6 mL of 0.0515 M Ba(OH),?

Ba(OH), + 2HNO; ——> Ba(NO;), + 2H,0

What volume of 0.55 M HBr is required to react com-
pletely with 0.80 mol of Ca(OH),?

2HBr + Ca(OH), — CaBr, + 2H,0

An excess of AgNOj; reacts with 185.5 mL of an AICI; so-
lution to give 0.325 g of AgCl. What is the concentration,
in moles per liter, of the AICI; solution?

AICI, + 3AgNO; — 3AgCl + AIINO,),

An impure sample of solid Na,CO; is allowed to react with
0.1755 M HCI.

Na,CO, + 2HCl —> 2NaCl + CO, + H,0

A 0.2337-g sample of sodium carbonate requires 15.55 mL
of HCI solution. What is the purity of the sodium car-
bonate?

Calculate the volume of 12 M HCI that just reacts with
15 g of aluminum.

What volume of 18 M H,SO, do you need to measure in
order to neutralize 2 L of 5.35 M NaOH? The products
are sodium sulfate and water.

What volume of 0.0496 M HCIO, reacts with 35.9 mL of
a 0.505 M KOH solution according to the following re-
action?

KOH + HCIO, —> KCIO, + H,0

What is the molarity of a solution of sodium hydroxide,
NaOH, if 36.9 mL of this solution is required to react with
29.2 mL of 0.101 M hydrochloric acid solution according
to the following reaction?

HCI + NaOH —> NaCl + H,0
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*86. What is the molarity of a solution of sodium hydroxide,

NaOH, if 29.8 mL of this solution is required to react with
25.0 mL of 0.0513 M nitric acid solution according to the
following reaction?

HNO; + NaOH — NaNOj; + H,0

Mixed Exercises
87. What mass of sulfuric acid can be obtained from 1.00 kg

of sulfur by the following series of reactions?

98% yield
_—

Sg + 80, 850,

96% yield
_—

250, + 0, 250,

100% yield
_—

SO, + 1,50, H,S,0,

97% yield
_—

1,5,0, + H,0 2H,S0,

*88. What is the total mass of products formed when 38.8 g of

carbon disulfide is burned in air? What mass of carbon
disulfide must be burned to produce a mixture of carbon
dioxide and sulfur dioxide that has a mass of 54.2 g?

CS, +30, 22, €O, + 250,

*89. Iron(II) chloride, FeCl,, reacts with ammonia, NHj, and

water, H,0O, to produce iron(Il) hydroxide, Fe(OH),, and

ammonium chloride, NH,CI.

(a) Write the balanced equation for this reaction.

(b) We mix 78.5 g FeCl,, 25.0 g NH;, and 25.0 g H,0,
which then react as completely as possible. Which is
the limiting reactant?

(c) How many grams of ammonium chloride, NH,CI, are
formed?

(d) How many grams of each of the two leftover reactants
remain at the completion of the reaction?

*90. An iron ore that contains Fe;O, reacts according to the

reaction

Fe;0, + 2C — 3Fe + 2CO,

We obtain 2.09 g of Fe from the reaction of 55.0 g of the
ore. What is the percent Fe;O, in the ore?

*91. If 86.3% of the iron can be recovered from an ore that is

43.2% magnetic iron oxide, Fe;O,, what mass of iron
could be recovered from 2.00 kg of this ore? The reduc-
tion of magnetic iron oxide is a complex process that can
be represented in simplified form as

Fe;O04 + 4CO —— 3Fe + 4CO,

92. Gaseous chlorine will displace bromide ion from an aque-

ous solution of potassium bromide to form aqueous potas-
sium chloride and aqueous bromine. Write the chemical
equation for this reaction. What mass of bromine is pro-
duced if 0.381 g of chlorine undergoes reaction?

93

. Calculate the volume of 2.50 M phosphoric acid solution
necessary to react with 45.0 mL of 0.150 M Mg(OH),.

2H,PO, + 3Mg(OH), —> Mg;(PO,), + 6H,0

CONCEPTUAL EXERCISES

94

95.

96.

97.

98.

. Using your own words, give a definition of a chemical re-

action.

Magnesium burns with a bright, white flame in air.

(a) Write and balance the equation for the combination
of magnesium and oxygen.

(b) Explain the meaning of the numbers used to balance
the equation.

(c) How is a balanced equation an expression of the Law

of Conservation of Matter?

A properly written and balanced chemical reaction is crit-

ical for the purposes of accurate communication. The ox-

idation of beryllium is proposed to follow the equation

Be + O — BeO

(a) Identify the basic error in the writing of this equation.
(b) Provide the balanced equation.

How would you prepare 1 L of 1.25 X 1076 M NaCl (mo-
lecular weight = 58.44 g/mol) solution by using a balance
that can measure mass only to 0.01 g?

The drawings shown below represent beakers of aqueous
solutions. Each sphere represents a dissolved solute parti-
cle.
(@)
(b)
©
()

Which solution is most concentrated?
Which solution is least concentrated?
Which two solutions have the same concentration?
When solutions E and F are combined, the resulting
solution has the same concentration as solution

500. mL 500. mL 500. mL
Solution A Solution B Solution C
= S
500. mL 250. mL 250. mL
Solution D Solution E Solution F



99. You prepared a NaCl solution by adding 58.44 g of NaCl

to a 1-L volumetric flask and then adding water to dissolve

it. When finished, the final volume in your flask looked

like the illustration.

The solution you prepared is

(a) greater than 1 M because you added more solvent than
necessary.

(b) less than 1 M because you added less solvent than nec-
essary.

(c) greater than 1 M because you added less solvent than
necessary.

(d) less than 1 M because you added more solvent than
necessary.

(e) is 1 M because the amount of solute, not solvent, de-
termines the concentration.

’Q

100. Zinc is more active chemically than is silver; it may be used

101.

to remove ionic silver from solution.
Zn(s) + 2AgNO;(aq) — Zn(NOy),(aq) + 2Ag(s)

The concentration of a silver nitrate solution is deter-
mined to be 1.330 mol/L. Pieces of zinc totaling 100.0 g
are added to 1.000 L of the solution; 90.0 g of silver is
collected.

(a) Calculate the percent yield of silver.

(b) Suggest a reason why the yield is less than 100.0%.
Ammonia is formed in a direct reaction of nitrogen and
hydrogen.

N,(g) + 3H,(g) —> 2NH;(g)

A tiny portion of the starting mixture is represented by the
diagram, where the blue spheres represent N and the white
spheres represent H. Which of the following represents
the product mixture?
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For the reaction of the given sample, which of the fol-

lowing is true?

(@ N, is the limiting reactant.

(b) H, is the limiting reactant.

(c) NHj is the limiting reactant.

(d) No reactant is limiting; they are present in the cor-
rect stoichiometric ratio.

BUILDING YOUR KNOWLEDGE

102. Aceticacid, CH;COOH, reacts with ethanol, CH;CH,OH,

103.

to form ethyl acetate, CH;COOCH,CHj;, (density =
0.902 g/mL) by the following reaction.

CH,COOH + CH,CH,0H —>
CH,COOCH,CH; + H,0

We combine 20.2 mL of acetic acid with 20.1 mL of
ethanol.
(a) Which compound is the limiting reactant?

(b) If 27.5 mL of pure ethyl acetate is produced, what is
the percent yield? [Hint: See Tables 1-1 and 1-8.]
Concentrated hydrochloric acid solution is 37.0% HCI
and has a density of 1.19 g/mL. A dilute solution of HCI
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is prepared by diluting 4.50 mL of this concentrated
HCI solution to 100.00 mL with water. Then 10.0 mL of
this dilute HCI solution reacts with an AgNOj; solution
according to the following reaction.

HCl(aq) + AgNO;(aq) — HNO;(aq) + AgClI(s)

How many milliliters of 0.108 M AgNO; solution is

required to precipitate all of the chloride as AgClI(s)?

In a particular experiment, 272 g of phosphorus, P,

reacted with excess oxygen to form tetraphosphorus

decoxide, P,O,, in 89.5% yield. In the second step

reaction, a 97.8% yield of H;PO, was obtained.

(a) Write the balanced equations for these two reaction
steps.

(b) What mass of H;PO, was obtained?

Magnesium displaces copper from a dilute solution of cop-

per(Il) sulfate; the pure copper will settle out of the solu-

tion.

Mg(s) + CuSOyaq) — MgSO,(aq) + Cu(s)

A copper(II) sulfate solution is mixed by dissolving 25.000 g
of copper(Il) sulfate, and then it is treated with an excess

106.

107.

108.

of magnesium metal. The mass of copper collected is 8.786
g after drying. Calculate the percent yield of copper.
Suppose you are designing an experiment for the prepa-
ration of hydrogen. For the production of equal amounts
of hydrogen, which metal, Zn or Al, is less expensive if Zn
costs about half as much as Al on a mass basis?

Zn + 2HCl — ZnCl, + H,
2A1 + 6HCI — 2AICL; + 3H,

Gaseous chlorine and gaseous fluorine undergo a com-

bination reaction to form the interhalogen compound

CIF.

(a) Write the chemical equation for this reaction.

(b) Calculate the mass of fluorine needed to react with
3.47 g of Cl,.

(¢) How many grams of CIF are formed?

It has been estimated that 93% of all atoms in the entire

universe are hydrogen and that the vast majority of those

remaining are helium. Based on only these two elements

and the above-mentioned values, estimate the mass per-

centage composition of the universe.
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The active metal sodium, Na, reacts

vigorously with water.

2Nas) + 2H,0() —>
H,(g) + 2NaOH(aq)

Heat released by the reaction causes
unreacted sodium to give off a
characteristic yellow glow and
ignites the hydrogen gas that is
formed.

2H,(g) + O,(g) — 2H,0(g)
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OBJECTIVES
After you bave studied this chapter, you should be able to

o Describe the periodic table and some of the relationships that it summarizes
* Recognize and describe nonelectrolytes, strong electrolytes, and weak electrolytes

* Recognize and classify acids (strong, weak), bases (strong, weak, insoluble), and salts
(soluble, insoluble); use the solubility guidelines

o Describe reactions in aqueous solutions by writing formula unit equations, total jonic
equations, and net ionic equations

o Assign oxidation numbers to elements when they are free, in compounds, or in ions

*  Recognize oxidation—reduction reactions and identify which species are oxidized,
reduced, oxidizing agents, and reducing agents

*  Recognize and describe classes of reactions: decomposition reactions, displacement
reactions, and various types of metathbesis reactions

* Name and write formulas for common binary and ternary inovganic compounds



known, so it is useful to group them into classes, or types, so that we can deal system-
atically with these massive amounts of information. We will describe how some
compounds behave in aqueous solution, including how well their solutions conduct elec-
tricity and whether or not the compounds dissolve in water. We introduce several ways
to represent chemical reactions in aqueous solution—formula unit equations, total ionic
equations, and net ionic equations—and the advantages and disadvantages of these methods.
Let us first take a brief look at the periodic table, which helps us to organize many
properties of the elements, including their chemical reactions.

I n this chapter we examine some types of chemical reactions. Millions of reactions are

Xl THE PERIODIC TABLE: METALS, NONMETALS, AND
METALLOIDS

In 1869, the Russian chemist Dmitri Mendeleev (1834-1907) and the German chemist  Pronounced “men-del-/zy-ev.”
Lothar Meyer (1830-1895) independently published arrangements of known elements
that are much like the periodic table in use today. Mendeleev’s classification was based
primarily on chemical properties of the elements, whereas Meyer’s classification was based
largely on physical properties. The tabulations were surprisingly similar. Both emphasized
the periodicity, or regular periodic repetition, of properties with increasing atomic weight.

Mendeleev arranged the known elements in order of increasing atomic weight in succes-
sive sequences so that elements with similar chemical properties fell in the same column.
He noted that both physical and chemical properties of the elements vary in a periodic
fashion with atomic weight. His periodic table of 1872 contained the 62 known elements
(Figure 4-1). Mendeleev placed H, Li, Na, and K in his table as “Gruppe 1.” These were

Silicon (top), germanium (mziddle),
and tin (bottomn), three elements from
Group IVA.

<« Three of the halogens, elements
from Group VIIA (left to right):

chlorine, bromine, iodine.




GRUPPEI GRUPPEIl GRUPPEIII GRUPPEIV GRUPPEV GRUPPE VI GRUPPE VII GRUPPE VIII
REIHEN = = = RH* RH? RH? RH =
R20 RO R20? RO? R20° RO? R207 RO*
1 H=1
2 Li=7 Be =94 B=11 Cc=12 N = 14 0=16 F=19
3 Na = 23 Mg=24 Al=273 Si =28 P =31 S=32 Cl=355
4 K = 39 Ca = 40 — =44 Ti = 48 V=51 Cr=52 Mn = 55 Fe = 56, Co = 59,
Ni = 59, Cu = 63.
5 (Cu = 63) Zn = 65 - =68 —-=72 As =175 Se =78 Br = 80
6 Rb = 85 Sr = 87 7Yt = 88 Zr = 90 Nb=94 Mo=96 -=100 Ru = 104, Rh = 104,
Pd = 106, Ag = 108.
7 (Ag=108) Cd =112 In=113 Sn=118 Sb=122 Te=125 T=127
8 Cs=133 Ba=137 Mi=138 2Ce=140 - - - .
9 ) - - - - - -
10 = Br=178 La=180 Ta=182 W=184 - Os = 195, Ir = 197,
Pt = 198, Au = 199.
11 (Au=199) Hg = 200 Tl = 204 Pb =207 Bi=208 - -
12 _ _ Th =231 _ U = 240 - o

Copper is drawn into wire, which is
then collected into cables for use as
an electric conductor.

Figure 4-1 Mendeleev’s early periodic table (1872). “J” is the German symbol for iodine.

known to combine with E, Cl, Br, and I of “Gruppe VII” to produce compounds that have
similar formulas such as HE, LiCl, NaCl, and KI. All these compounds dissolve in water
to produce solutions that conduct electricity. The “Gruppe II” elements were known to
form compounds such as BeCl,, MgBr,, and CaCl,, as well as compounds with O and S
from “Gruppe VI” such as MgO, CaO, MgS, and CaS. These and other chemical prop-
erties led him to devise a table in which the elements were arranged by increasing atomic
weights and grouped into vertical families.

In most areas of human endeavor progress is slow and faltering. Occasionally, however
an individual develops concepts and techniques that clarify confused situations. Mendeleev
was such an individual. One of the brilliant successes of his periodic table was that it
provided for elements that were unknown at the time. When he encountered “missing”
elements, Mendeleev left blank spaces. Some appreciation of his genius in constructing
the table as he did can be gained by comparing the predicted (1871) and observed prop-
erties of germanium, which was not discovered until 1886. Mendeleev called the
undiscovered element eka-silicon because it fell below silicon in his table. He was familiar
with the properties of germanium’s neighboring elements. They served as the basis for
his predictions of properties of germanium (Table 4-1). Some modern values for proper-
ties of germanium differ significantly from those reported in 1886. But many of the values
on which Mendeleev based his predictions were also inaccurate.

Because Mendeleev’s arrangement of the elements was based on increasing atomic
weights, several elements would have been out of place in his table. Mendeleev put the
controversial elements (Te and I, Co and Ni) in locations consistent with their proper-
ties, however. He thought the apparent reversal of atomic weights was due to inaccurate
values for those weights. Careful redetermination showed that the values were correct.
Explanation of the locations of these “out-of-place” elements had to await the develop-
ment of the concept of atomic number, approximately 50 years after Mendeleev’s work. The
atomic number (Section 5-5) of an element is the number of protons in the nucleus of
its atoms. (It is also the number of electrons in a neutral atom of an element). This quan-
tity is fundamental to the identity of each element because it is related to the electrical
make-up of atoms. Elements are arranged in the periodic table in order of increasing
atomic number. With the development of this concept, the periodic law attained essen-
tially its present form:
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WA RN Predicted and Observed Properties of Germanium

Eka-Silicon Germanium
Property Predicted, 1871 Reported, 1886 Modern Values
Atomic weight 72 72.32 72.61
Atomic volume 13 cm? 13.22 cm? 13.5 cm?
Specific gravity 5.5 5.47 535
Specific heat 0.073 cal/g°C 0.076 cal/g°C 0.074 cal/g°C
Maximum valence* 4 4 4
Color Dark gray Grayish white Grayish white

Reaction with water

Reactions with acids and

alkalis

Will decompose steam
with difficulty

Slight with acids;
more pronounced
with alkalis

Does not decompose water

Not attacked by HCI or
dilute aqueous NaOH;
reacts vigorously

Does not decompose
water

Not dissolved by HCI or
H,SO, or dilute
NaOH; dissolved by

with molten NaOH concentrated NaOH
Formula of oxide EsO, GeO, GeO,
Specific gravity of oxide 4.7 4.703 4.228
Specific gravity of 1.9 at 0°C 1.887 at 18°C 1.8443 at 30°C
tetrachloride
Boiling point of 100°C 86°C 84°C
tetrachloride
Boiling point of 160°C 160°C 186°C

tetraethyl derivative

*“Valence” refers to the combining power of a specific element.

The properties of the elements are periodic functions of their atomic numbers.

The periodic law tells us that if we arrange the elements in order of increasing atomic
number, we periodically encounter elements that have similar chemical and physical prop-
erties. The presently used “long form” of the periodic table (Table 4-2 and inside the
front cover) is such an arrangement. The vertical columns are referred to as groups or
families, and the horizontal rows are called periods. Elements in a group have similar
chemical and physical properties, and those within a period have properties that change
progressively across the table. Several groups of elements have common names that are
used so frequently they should be learned. The Group IA elements, except H, are referred
to as alkali metals, and the Group IIA elements are called the alkaline earth metals.
The Group VIIA elements are called halogens, which means “salt formers,” and the
Group VIIIA elements are called noble (or rare) gases.

The general properties of metals and nonmetals are distinct. Physical and chemical
properties that distinguish metals from nonmetals are summarized in Tables 4-3 and 4-4.
Not all metals and nonmetals possess all these properties, but they share most of them to
varying degrees. The physical properties of metals can be explained on the basis of metallic
bonding in solids (Section 13-17).

Table 4-2, The Periodic Table, shows how we classify the known elements as merals
(shown in blue), nonmetals (tan), and metalloids (green). The elements to the left of those

Alkaline means basic. The character
of basic compounds is described in
Section 10-4.

About 80% of the elements are metals.
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Alkali Metals [ ] Noble
metals . Nonmetals[ ] gases
1A Alkaline Metalloids ] VIIA
1 earth (18)
metals Halogens
i | ma IMIA IVA VA VIA VIIA Ijl
5l @) (13) (14) (15) 16 17) ¢
3 4 . 5 6 7 8 9 10
2 Li Be Transition metals B C N o F Ne
A
VIIIB
11 12 13 14 15 16 17 18
3 1B IVB VB VIB VvIIB, —— ~~  IB 1B .
B || g 3) “) (5) (6) ) ® ) (10) 11) (12) Al o . . Cl bl
4 19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti Vv Cr | Mn | Fe Co Ni Cu| Zn | Ga | Ge | As Se Br Kr
5 37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
Rb Sr Y Zr | Nb [ Mo | Te Ru | Rh | Pd | Ag | Cd | In Sn Sb Te 1 Xe
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
6 Cs | Ba | La Hf | Ta | W | Re | Os | Ir Pt [ Au | Hg| TI | Pb | Bi | Po | At | Rn
87 88 89 104 105 106 107 108 109
7| Fr | Ra | Ac Rf | Db | Sg | Bh | Hs | Mt
58 59 60 61 62 63 64 65 66 67 68 69 70 71
Ce | Pr | Nd| Pm | Sm | Eu | Gd [ Tb | Dy | Ho | Er | Tm | Yb | Lu
90 91 92 93 94 95 96 97 98 99 100 101 102 103
Th | Pa U | Np| Pu | Am | Cm | Bk Cf | Es | Fm | Md | No | Lr

There are other systems for numbering the groups in the periodic table. We number the groups by the standard American system of A and B
groups. An alternative system in which the groups are numbered 1 through 18 is shown in parentbeses.

WL RSE BN Some Physical Properties of Metals and Nonmetals

Metals

Nonmetals

N

[« LY B "GV

. Almost all are solids’

. High electrical conductivity that
decreases with increasing temperature

. High thermal conductivity

. Metallic gray or silver luster*

. Malleable (can be hammered into sheets)
. Ductile (can be drawn into wires)

A vt W

. Poor electrical conductivity (except

carbon in the form of graphite)

. Good heat insulators (except carbon in

the form of diamond)

. No metallic luster

. Solids, liquids, or gases
. Brittle in solid state

. Nonductile

*Except copper and gold.

tExcept mercury; cesium and gallium melt in a protected hand.
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VLR EE S Some Chemical Properties of Metals and Nonmetals

Metals Nonmetals

1. Outer shells contain few electrons— 1. Outer shells contain four or more
usually three or fewer electrons®

2. Form cations (positive ions) by losing 2. Form anions (negative ions) by gaining
electrons electrons’

3. Form ionic compounds with 3. Form ionic compounds with metalst and
nonmetals molecular (covalent) compounds with other

nonmetals

4. Solid state characterized by metallic 4. Covalently bonded molecules; noble

bonding gases are monatomic

*Except bydrogen and helium.
tExcept the noble gases.

touching the heavy stairstep line are metals (except hydrogen), and those to the right are
nonmetals. Such a classification is somewhat arbitrary, and several elements do not fit
neatly into either class. Most elements adjacent to the heavy line are often called metal-
loids (or semimetals), because they are metallic (or nonmetallic) only to a limited degree.

Metallic character increases from top to bottom and decreases from left to right with
respect to position in the periodic table.

Cesium, atomic number 55, is the most active naturally occurring metal. Francium and
radium are radioactive and do not occur in nature in appreciable amounts. Noble gases
seldom bond with other elements. They are unreactive, monatomic gases. The most active
nonmetal is fluorine, atomic number 9.

Nonmetallic character decreases from top to bottom and increases from left to right
in the periodic table.

Metalloids show some properties that are characteristic of both metals and nonmetals.
Many of the metalloids, such as silicon, germanium, and antimony, act as semiconductors,
which are important in solid-state electronic circuits. Semiconductors are insulators at
lower temperatures, but become conductors at higher temperatures (Section 13-17). The
conductivities of metals, by contrast, decrease with increasing temperature.

Aluminum is the least metallic of the metals and is sometimes classified as a metalloid.
It is metallic in appearance, and an excellent conductor of electricity.

In this and later chapters we will study some chemical reactions of elements and their
compounds and relate the reactions to the locations of the elements in the periodic table.
First, we will describe some important properties of solutions and what they tell us about
the nature and behavior of the dissolved substances, the solutes.
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Metallic character

Increase
Increase

General trends in metallic character
of A group elements with position in

the periodic table.

Silicon, a metalloid, is widely used in
the manufacture of electronic chips.

Aluminum is the most abundant metal
in the earth’s crust (7.5% by mass).
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HEMISTRY IN USE m_u ,
C ZA The Development of Science

The Discovery of Phosphorus

Technology and its impact on society have always been
intriguing subjects for artists. This was particularly true dur-
ing the industrial revolution, when chemistry was on the
verge of transforming itself from alchemical “magic” into a
scientific discipline. It is easy to see how the scientist, toil-
ing away in a laboratory full of strange equipment and trying
to make sense of the natural world, held a certain heroic
appeal to artists.

One of the more romantic accounts of chemical activity
during that period is The Alchymist in Search of the Philoso-
phers’ Stone Discovers Phosphorus (1771) by the English painter
Joseph Wright of Derby (1734-1797). In Wright’s depiction,
a stately, bearded alchemist has just isolated a new element
by distillation. As the substance collects in the flask it begins
to glow in the dark, illuminating the laboratory with an eerie
white light and bringing the imaginary scientist to his knees
in wonder. The element phosphorus was in fact named for
this property— phosphorescence—with both words deriving
from the Greek phosphoros, or “giving light.”

The actual discovery of elemental phosphorus was prob-
ably not quite as dramatic as Joseph Wright envisioned. It
was first isolated from urine by the German chemist Hen-
ning Brand in 1669, by a much more laborious process than
the one represented by the tidy distillation apparatus in
Wright’s painting. The first step of the preparation, as
described in a 1726 treatise entitled “Phosphoros Elemen-
talis,” in fact involved steeping 50 or 60 pails of urine in tubs
for two weeks “. . . till it putrify and breed Worms” —hardly
a fitting subject for eighteenth century artwork!

The glowing material was of such novelty that two of
Brand’s scientific contemporaries offered to find a royal buyer
for his process. Expecting a bigger reward at a later date,
Brand gave the two the recipe for phosphorus in exchange
for some small gifts. However, one man instead claimed the
discovery for himself after repeating Brand’s work in his own
laboratory. Through the other, Brand did receive a contract
with the Duke of Hanover for the preparation of phospho-
rus; however, he was dissatisfied with his pay, and it was only
after writing a number of complaint letters (and enlisting his
wife to do the same) that he finally received what he felt was
fair compensation for his discovery.

A number of other eighteenth-century scientific tableaux
were immortalized by Wright. He was particularly fascinated

The Alchymist in Search of the Philosophers’ Stone Discovers
Phosphorus, by Joseph Wright (1771).

by light and shadow effects. This, combined with his inter-
est in technological subjects (the town of Derby played an
important part in the beginnings of the industrial revolution),
led him to use other unusual objects, such as glowing iron
ingots (Iron Forge, 1772) and laboratory candles (Experiment
on a Bird in an Air Pump, 1786), as focal points in paintings
of industrial or scientific scenes.

Lisa S. Boffa
Senior Chemist
Exxon Corporation
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IZ] AQUEOUS SOLUTIONS: AN INTRODUCTION

Approximately three fourths of the earth’s surface is covered with water. The body fluids
of all plants and animals are mainly water. Thus we can see that many important chem-
ical reactions occur in aqueous (water) solutions, or in contact with water. In Chapter 3,
we introduced solutions and methods of expressing concentrations of solutions. It is useful
to know the kinds of substances that are soluble in water, and the forms in which they
exist, before we begin our systematic study of chemical reactions.

1 Electrolytes and Extent of Ionization

Solutes that are water-soluble can be classified as either electrolytes or nonelectrolytes.
Electrolytes are substances whose aqueous solutions conduct electric current. Strong
electrolytes are substances that conduct electricity well in dilute aqueous solution. Weak
electrolytes conduct electricity poorly in dilute aqueous solution. Aqueous solutions of
nonelectrolytes do not conduct electricity. Electric current is carried through aqueous
solution by the movement of ions. The strength of an electrolyte depends on the number
of ions in solution and also on the charges on these ions (Figure 4-2).
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H,0 molecule Sugar molecule Hydrogen ion, Acetic acid molecule,  Acetate ion,  Potassium ion, Chromate ion,
H* CH;COOH CH;COO~ K+ CrOﬁ*

Figure 4-2 An experiment to demonstrate the presence of ions in solution. Two copper
electrodes are dipped into a liquid in a beaker. When the liquid contains significant
concentrations of ions, the ions move between the electrodes to complete the circuit (which
includes a light bulb). (a) Pure water and sugar are nonelectrolytes. (b) A solution of a weak
electrolyte, acetic acid (CH;COOH); it contains low concentrations of ions, and so the bulb
glows dimly. (c) A solution of a strong electrolyte, potassium chromate (K,CrOy,); it contains
a high concentration of ions, and so the bulb glows brightly.
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Recall that ions are charged particles.
The movement of charged particles
conducts electricity.

In Chapter 10, we will see that it is
appropriate to represent H*(aq) as
H;0" to emphasize its interaction
with water.

Acids and bases are further identified
in Subsections 2, 3, and 4. They are
discussed in more detail in Chapter 10.

Positively charged ions are called
cations, and negatively charged ions are
called anions (Section 2-3). The
formula for a salt may include H or
OH, but it 7zust contain another cation
and another anion. For example,
NaHSO, and AI(OH),ClI are salts.

Many properties of aqueous solutions
of acids are due to H*(aq) ions. These
are described in Section 10-4.

CHAPTER 4: Some Types of Chemical Reactions

Dissociation refers to the process in which a solid ionic compound, such as NaCl, sepa-
rates into its ions in solution:

O
NaCl(s) H—2> Na*(aq) + Cl™(aq)

Molecular compounds, for example pure HCI, exist as discrete molecules and do not
contain ions; however, many such compounds form ions in solution. Ionization refers to
the process in which a molecular compound separates or reacts with water to form ions in
solution:

HCl(g) 225 H*(aq) + Cl-(aq)

Three major classes of solutes are strong electrolytes: (1) strong acids, (2) strong
bases, and (3) most soluble salts. These compounds are completely or nearly completely
ionized (or dissociated) in dilute aqueous solutions, and therefore are strong electrolytes.

An acid can be defined as a substance that produces hydrogen ions, H*, in aqueous
solutions. We usually write the formulas of inorganic acids with hydrogen written first.
Organic acids can often be recognized by the presence of the COOH group in the formula.
A base is a substance that produces hydroxide ions, OH™, in aqueous solutions. A salt is
a compound that contains a cation other than H* and an anion other than hydroxide ion,
OH™, or oxide ion, O?~ (see Table 2-3 on page 55). As we will see later in this chapter,
salts are formed when acids react with bases.

2 Strong and Weak Acids

As a matter of convenience we place acids into two classes: strong acids and weak acids.
Strong acids ionize (separate into hydrogen ions and stable anions) completely, or very
nearly completely, in dilute aqueous solution. The seven common strong acids and their
anions are listed in Table 4-5. Please learn this short list; you can then assume that other
acids you encounter are weak.

LIRS B Common Strong Acids and Their Anions

Common Strong Acids Anions of These Strong Acids

Formula Name Formula Name
HCI hydrochloric acid Cl- chloride ion
HBr hydrobromic acid Br~ bromide ion
HI hydroiodic acid I- iodide ion
HNO;, nitric acid NO;~ nitrate ion
HCIO, perchloric acid ClO,~ perchlorate ion
HCIO; chloric acid ClO;~ chlorate ion
Lo HSO,~ hydrogen sulfate ion
H,SO, sulfuric acid { 50,2 sulfate ion
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Because strong acids ionize completely or very nearly completely in dilute solutions,
their solutions contain predominantly ions rather than acid molecules. Consider the ioniza-
tion of hydrochloric acid. Pure hydrogen chloride, HCI, is a molecular compound that is
a gas at room temperature and atmospheric pressure. When it dissolves in water, it reacts
nearly 100% to produce a solution that contains hydrogen ions and chloride ions:

HCl(g) iO) Ht(aq) + Cl ™ (aq)

(to completion)

Similar equations can be written for all strong acids.

Weak acids ionize only slightly (usually less than 5%) in dilute aqueous solution. Some
common weak acids are listed in Appendix F. Several of them and their anions are given
in Table 4-6.

The equation for the ionization of acetic acid, CH;COOH, in water is typical of weak
acids:

CH,COOH(aq) = H*(aq) + CH,;COO(aq)

(reversible)

The double arrow = generally signifies that the reaction occurs in both directions and
that the forward reaction does not go to completion. All of us are familiar with solutions
of acetic acid. Vinegar is 5% acetic acid by mass. Our use of oil and vinegar as a salad
dressing suggests that acetic acid is a weak acid; we could not safely drink a 5% solution
of any strong acid. To be specific, acetic acid is 0.5% ionized (and 99.5% nonionized) in
5% solution.

A multitude of organic acids occur in living systems. Organic acids contain the carboxy-
late grouping of atoms, —COOH. Most common organic acids are weak. They can ionize

slightly by breaking the O—H bond, as shown on the following page for acetic acid:

Some Common Weak Acids and Their Anions

Common Weak Acids Anions of These Weak Acids

Formula Name Formula Name
HF* hydrofluoric acid F- fluoride ion
CH;COOH acetic acid CH;CO0O~ acetate ion
HCN hydrocyanic acid CN~- cyanide ion
HNO,' nitrous acid NO,~ nitrite ion
L HCO;~ hydrogen carbonate ion
t 3 ydrog
H,CO, carbonic acid {CO32‘ carbonate ion
. HSO;~ hydrogen sulfite ion
t 3 ydrog
H,SO; sulfurous acid {S 02" sulfite ion
H,PO,~ dihydrogen phosphate ion
H;PO, phosphoric acid HPO,*~ hydrogen phosphate ion
PO~ phosphate ion
. H(COO0),~ hydrogen oxalate ion
(COOH), LS {(COO)ZZ‘ oxalate ion

*HF is a weak acid, whereas HCI, HBr;, and HI are strong acids.

tFree acid molecules exist only in dilute aqueous solution or not at all. Many salts of these acids are common, stable
compounds, however:
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To give a more complete description of
reactions, we indicate the physical
states of reactants and products: (g) for
gases, (€) for liquids, and (s) for solids.
The notation (aq) following ions
indicates that they are hydrated in
aqueous solution; that is, they interact
with water molecules in solution. The
complete ionization of a strong
electrolyte is indicated by a single
arrow (—).

Acetic acid is the most familiar organic
acid.

Our stomachs have linings that are
much more resistant to attack by acids
than are our other tissues.

The carboxylate group —COOH is

The names given here correspond to
the aqueous solutions.

Citrus fruits contain citric acid, so
their juices are acidic. This is shown
here by the color changes on the
indicator paper. Acids taste sour.
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Other organic acids have other groups
in the position of the H;C— group in
acetic acid.

Inorganic acids may be strong or weak.

Many common food and household
products are acidic (orange juice,
vinegar, soft drink, citrus fruits) or
basic (cleaning preparations, baking

soda).

Na* and NO;~ ions do not combine
because NaNOs; is a soluble ionic
compound.

Solutions of bases have a set of
common properties due to the OH™
ion. These are described in Section
10-4.
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0
Vs Vs
H,C—C (@) = H:C—C__ (aq) + H*(aq)
0—H O~

Organic acids are discussed in Chapter 27. Some naturally occurring organic weak acids
are tartaric acid (grapes), lactic acid (sour milk), and formic acid (ants). Carbonic acid,
H,CO;3, and hydrocyanic acid, HCN(aq), are two common acids that contain carbon but
that are considered to be inorganic acids. Inorganic acids are often called mineral acids
because they are obtained primarily from nonliving sources.

EXAMPLE 4-1 Strong and Weak Acids

In the following lists of common acids, which are strong and which are weak? (a) H;PO,,
H(I, H,CO;, HNO;3; (b) HCIO,, H,SO,, HCIO, HF.

Plan

We recall that Table 4-5 lists the common strong acids. Other common acids are assumed
to be weak.

Solution

(a) HCI and HNOs; are strong acids; H;PO, and H,CO; are weak acids.
(b) HCIO, and H,SO, are strong acids; HCIO and HF are weak acids.

You should now work Exercises 17 and 19.

3 Reversible Reactions

Reactions that can occur in both directions are reversible reactions. We use a double
arrow (=) to indicate that a reaction is reversible. What is the fundamental difference
between reactions that go to completion and those that are reversible? We have seen that
the ionization of HCI in water is nearly complete. Suppose we dissolve some table salt,
NaCl, in water and then add some dilute nitric acid to it. The resulting solution contains
Na* and CI~ ions (from the dissociation of NaCl) as well as H* and NO;~ (from the
ionization of HNOjs). The H* and CI~ ions do nof react significantly to form nonion-
ized HCI molecules; this would be the reverse of the ionization of HCI.

H*(aq) + Cl7(ag) —> no reaction

In contrast, when a sample of sodium acetate, NaCH;COQO, is dissolved in H,O and
mixed with nitric acid, the resulting solution initially contains Na*, CH;COO~, H*, and
NO;~ ions. But most of the H* and CH;COO™ ions combine to produce nonionized
molecules of acetic acid, the reverse of the ionization of the acid. Thus, the ionization of
acetic acid, like that of any other weak electrolyte, is reversible.

H*(aq) + CH;COO~(aq) == CH;COOH(aq)

(reversible)

4 Strong Bases, Insoluble Bases, and Weak Bases

Most common bases are jonic metal hydroxides. Strong bases are soluble in water and
are dissociated completely in dilute aqueous solution. The common strong bases are listed
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LIRS A Common Strong Bases

Group IA Group IIA

LiOH lithium hydroxide
NaOH  sodium hydroxide

KOH potassium hydroxide Ca(OH), calcium hydroxide
RbOH rubidium hydroxide Sr(OH), strontium hydroxide
CsOH cesium hydroxide Ba(OH), barium hydroxide

in Table 4-7. They are the hydroxides of the Group IA metals and the heavier members
of Group ITA. The equation for the dissociation of sodium hydroxide in water is typical.
Similar equations can be written for other strong bases.

HZO — .
NaOH(s) —— Na*(aq) + OH (aq) (to completion)

Other metals form ionic hydroxides, but these are so sparingly soluble in water that
they cannot produce strongly basic solutions. They are called insoluble bases or some-
times sparingly soluble bases. Typical examples include Cu(OH),, Zn(OH),, Fe(OH),,
and Fe(OH);.

Common weak bases are molecular substances that are soluble in water but form only
low concentrations of ions in solution. The most common weak base is ammonia, NH;.

NH;(aq) + H,O(¢) == NH,"(aq) + OH (aq) (reversible)

Closely related N-containing compounds, the amines, such as methylamine, CH;NH,,
and aniline, C;H;NH,, are also weak bases. Nicotine (found in tobacco) and caffeine
(found in coffee, tea, and cola drinks) are naturally occurring amines.

EXAMPLE 4-2  Classifying Bases

From the following lists, choose (i) the strong bases, (ii) the insoluble bases, and (iii) the weak
bases. (a) NaOH, Cu(OH),, Pb(OH),, Ba(OH),; (b) Fe(OH);, KOH, Mg(OH),, Sr(OH),,
NH;.
Plan

(i) We recall that Table 4-7 lists the common strong bases. (if) Other common metal hydroxides
are assumed to be imsoluble bases. (iii) Ammonia and closely related nitrogen-containing
compounds, the amines, are the common weak bases.

Solution

(@ (@) The strong bases are NaOH and Ba(OH),, so
(ii) the insoluble bases are Cu(OH), and Pb(OH),.

(b) @ The strong bases are KOH and Sr(OH),, so
(i1) the insoluble bases are Fe(OH); and Mg(OH),, and
(iii) the weak base is NHj.

You should now work Exercises 20 and 22.
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Strong bases are ionic compounds in
the solid state.

The weak bases are molecular
substances that dissolve in water to
give slightly basic solutions; they are
sometimes called molecular bases.
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There is no sharp dividing line
between “soluble” and “insoluble”
compounds. Compounds whose
solubilities fall near the arbitrary
dividing line are called “moderately
soluble” compounds.

The White Cliffs of Dover,
England, are composed mainly
of calcium carbonate (CaCOy).
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5 Solubility Guidelines for Compounds in Aqueous Solution

Solubility is a complex phenomenon, and it is not possible to give a complete summary
of all of our observations. The following brief summary for solutes in aqueous solutions
will be very useful. These generalizations are often called the solubility guidelines.
Compounds whose solubility in water is less than about 0.02 mol/L are usually classified
as insoluble compounds, whereas those that are more soluble are classified as soluble
compounds. No gaseous or solid substances are infinitely soluble in water. You may wish
to review Tables 2-3 (page 55), 4-5, and 4-6. They list some common ions. Table 4-15 on
page 164 contains a more comprehensive list.

1. The common inorganic acids are soluble in water. Low-molecular-weight organic
acids are also soluble.

2. All common compounds of the Group IA metal ions (Lit, Na*, K+, Rb*, Cs*)
and the ammonium ion, NH,*, are soluble in water.

3. The common nitrates, NO; ~; acetates, CH;COO~; chlorates, CIO;~; and perchlo-
rates, ClO,~, are soluble in water.

4. (a) The common chlorides, Cl~, are soluble in water except AgCl, Hg,Cl,, and
PbClL,.

(b) The common bromides, Br~, and iodides, I~, show approximately the same
solubility behavior as chlorides, but there are some exceptions. As these halide
ions (Cl~, Br™, I") increase in size, the solubilities of their slightly soluble
compounds decrease.

(¢) The common fluorides, F~, are soluble in water except MgF,, CaF,, SrF,, BaF,,
and PbF,.

5. The common sulfates, SO,*>~, are soluble in water except PbSO,, BaSO,, and
HgSO,; CaSO,, SrSO,, and Ag,SO, are moderately soluble.

6. The common metal hydroxides, OH™, are insoluble in water except those of the
Group IA metals and the heavier members of the Group IIA metals, beginning with
Ca(OH),.

7. The common carbonates, CO;?~, phosphates, PO,*~, and arsenates, AsO,*~, are
insoluble in water except those of the Group IA metals and NH,*. MgCOj; is moder-
ately soluble.

8. The common sulfides, S2~, are insoluble in water except those of the Group IA and
Group IIA metals and the ammonium ion.

"Table 4-8 summarizes much of the information about the solubility guidelines.

We have distinguished between strong and weak electrolytes and between soluble and
insoluble compounds. Let us now see how we can describe chemical reactions in aqueous
solutions.

PE] REACTIONS IN AQUEOUS SOLUTIONS

Many important chemical reactions occur in aqueous solutions. In this chapter you should
learn to describe such aqueous reactions and to predict the products of many reactions.

Let us first look at how we write chemical equations that describe reactions in aqueous
solutions. We use three kinds of chemical equations. Table 4-9 shows the kinds of infor-
mation about each substance that we use in writing equations for reactions in aqueous
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Generally Soluble Exceptions
Na*, K*, NH,* compounds No common exceptions
fluorides (F™) Insoluble: MgF,, CaF,, SrF,, BaF,, PbF,
chlorides (CI7) Insoluble: AgCl, Hg,Cl,
Soluble in hot water: PbCl,
bromides (Br™) Insoluble: AgBr, Hg,Br,, PbBr,
Moderately soluble: HgBr,
iodides (I7) Insoluble: many heavy-metal iodides
sulfates (SO,27) Insoluble: BaSO,, PbSO,, HgSO,
Moderately soluble: CaSO,, SrSO,, Ag,SO,
nitrates (NO; ™), nitrites (NO, ™) Moderately soluble: AgNO,
chlorates (ClO; ™), Moderately soluble: KCIO,
perchlorates (ClO, ™)
acetates (CH;COO™) Moderately soluble: AgCH;COO
Generally Insoluble Exceptions
sulfides (S?7) Soluble: those of NH,*, Na™, K*, Mg?*, Ca?*
oxides (O?7), hydroxides (OH ™) Soluble: Li,O* LiOH, Na,O*, NaOH, K,O*, KOH,

BaO*, Ba(OH),
Moderately soluble: CaO*, Ca(OH),, SrO*,
Sr(OH),
carbonates (CO;2™), phosphates Soluble: those of NH,*, Na™, K*
(PO,37), arsenates (AsO,37)

*Dissolves with evolution of heat and formation of hydroxides.

1L\ RS BN Bonding, Solubility, Electrolyte Characteristics, and Predominant Forms of Solutes in Contact with Water

Acids Bases Salts
Strong Weak Strong Insoluble Weak Soluble Insoluble
acids acids bases bases bases salts salts
Examples HCI CH;COOH NaOH Mg(OH), NH; KCl, NaNO;, BaSO,, AgCl,
HNO; HF Ca(OH), Al(OH), CH;NH, NH,Br Ca3(PO,),
Pure compound ionic Molecular  Molecular Tonic Tonic Molecular  Ionic Tonic
or molecular?
Water-soluble or Soluble* Soluble* Soluble Insoluble Solublef Soluble Insoluble
insoluble?
=~ 100% ionized or Yes No Yes (footnotet)  No Yes$ (footnotet)
dissociated in dilute
aqueous solution?
Written in ionic Separate Molecules Separate Complete Molecules  Separate ions Complete
equations as ions ions formulas formulas

*Most common inorganic acids and the low-molecular-weight organic acids (—COOH) are water-soluble.
tThe low-molecular-weight amines are water-soluble.
#The very small concentrations of “insoluble” metal hydroxides and insoluble salts in saturated aqueous solutions are nearly completely dissociated.

SThere are a few exceptions. A few soluble salts are molecular (and not ionic) compounds.
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Because we have not studied periodic
trends in properties of transition
metals, it would be difficult for you
to predict that Cu is more active than
Ag. The fact that this reaction occurs
(see Figure 4-3) shows that it is.

Brackets are not used in net ionic
equations.

This is why it is important to know
how and when to construct net ionic
equations from formula unit equations.

Figure 4-3 (a) Copper wire and

a silver nitrate solution. (b) The
copper wire has been placed in the
solution and some finely divided
silver has deposited on the wire. The
solution is blue because it contains
copper(Il) nitrate.
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solutions. Some typical examples are included. Refer to Table 4-9 often as you study the
following sections.

1. In formula unit equations, we show complete formulas for all compounds. When
metallic copper is added to a solution of (colorless) silver nitrate, the more active
metal —copper—displaces silver ions from the solution. The resulting solution
contains blue copper(Il) nitrate, and metallic silver forms as a finely divided solid
(Figure 4-3):

2AgNO;(aq) + Cu(s) — 2Ag(s) + Cu(NO;),(aq)

Both silver nitrate and copper(Il) nitrate are soluble ionic compounds (for solubility
guidelines see page 134 and Table 4-8).

2. In total ionic equations, formulas are written to show the (predominant) form in
which each substance exists when it is in contact with aqueous solution. We often
use brackets in total ionic equations to show ions that have a common source or
that remain in solution after the reaction is complete. The total ionic equation for
this reaction is

2[Ag*(aq) + NO;y~(aq)] + Cu(s) —> 2Ag(s) + [Cu?T(aq) + 2NO;(aq)]

Examination of the total ionic equation shows that NO;~ ions do not participate
in the reaction. Because they do not change, they are often called “spectator” ions.

3. In net ionic equations, we show only the species that react. The net ionic equa-
tion is obtained by eliminating the spectator ions and the brackets from the total
ionic equation.

2Ag*(aq) + Cu(s) —> 2Ag(s) + Cu’™(aq)

Net ionic equations allow us to focus on the essence of a chemical reaction in aqueous
solutions. On the other hand, if we are dealing with stoichiometric calculations we
frequently must deal with formula weights and therefore with the complere formulas of all
species. In such cases, formula unit equations are more useful. Total ionic equations provide
the bridge between the two.

(b)
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/Problem-SoIving Tip: Writing Ionic Equations

The following chart will help in deciding which formula units are to be written as sepa-
rate ions in the total ionic equation and which ones are to be written as unchanged
formula units. You must answer two questions about a substance to determine whether
it should be written in ionic form or as a formula unit in the total and net ionic equa-
tions.

1. Does it dissolve in water? If not, write the full formula.
2. (a) If it dissolves, does it ionize (a strong acid)?

(b) If it dissolves, does it dissociate (a strong base or a soluble salt)?

If the answer to either part of the second question is yes, the substance is a soluble strong
electrolyte, and its formula is written in ionic form.

Write in ionic form;

Is it mostly o _
Is it soluble Yes cither ionized | Yes | & [H ‘(aq) . (aq)] (.because
HCl is completely ionized)

in water? or dissociated
in H,0? e.g., [2Na™(aq) + SO,>~] (because
Na,SO, is a soluble ionic salt)
No No

Write as full formula; Write as full formula;
e.g., PbSO,4(s) e.g., CH;COOH(aq)

Recall the lists of strong acids (Table 4-5) and strong bases (Table 4-7). These acids
and bases are completely or almost completely ionized or dissociated in dilute aqueous
solutions. Other common acids and bases are either insoluble or only slightly ionized or
dissociated. In addition, the solubility guidelines (page 134 and Table 4-8) allow you to
determine which salts are soluble in water. Most salts that are soluble in water are also
strong electrolytes. Exceptions such as lead acetate, Pb(CH;COQ),, which is soluble but
does not ionize appreciably, will be noted as they are encountered.

The only common substances that should be written as ions in ionic equations are
(1) strong acids, (2) strong bases, and (3) soluble ionic salts.

P} OXIDATION NUMBERS

The many reactions that involve the transfer of electrons from one species to another are
called oxidation-reduction reactions, or simply, redox reactions. We use oxidation
numbers to keep track of electron transfers. The systematic naming of compounds
(Sections 4-11 and 4-12) also makes use of oxidation numbers.

The oxidation number, or oxidation state, of an element in a simple binary ionic
compound is the number of electrons gained or lost by an atom of that element when it
forms the compound. In the case of a single-atom ion, it corresponds to the actual charge
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Oxidation-reduction and displacement
reactions are discussed in Sections 4-5
and 4-8.

Binary means two. Binary compounds
contain two elements.
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Polyatomic elements have two or more
atoms per molecule.
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on the ion. In molecular compounds, oxidation numbers do not have the same signifi-
cance they have in binary ionic compounds. Oxidation numbers, however, are very useful
aids in writing formulas and in balancing equations. In molecular species, the oxidation
numbers are assigned according to an arbitrary set of rules. The element farther to the
right and higher up in the periodic table is assigned a negative oxidation number, and the
element farther to the left and lower down in the periodic table is assigned a positive
oxidation number.

Some rules for assigning oxidation numbers follow. These rules are not comprehen-
sive, but they cover most cases. In applying these rules, keep in mind two important points.
First, oxidation numbers are always assigned on a per atom basis; second, treat the rules
in order of decreasing importance—the first rule that applies takes precedence over any
subsequent rules that seem to apply.

1. The oxidation number of the atoms in any free, uncombined element is zero. This
includes polyatomic elements such as H,, O,, O3, P,, and S.

2. The oxidation number of an element in a simple (monatomic) ion is equal to the
charge on the ion.

3. The sum of the oxidation numbers of all atoms in a compound is zero.

4. In a polyatomic ion, the sum of the oxidation numbers of the constituent atoms is
equal to the charge on the ion.

5. Fluorine has an oxidation number of —1 in its compounds.

6. Hydrogen has an oxidation number of +1 in compounds unless it is combined with
metals, in which case it has an oxidation number of —1. Examples of these excep-
tions are NaH and CaH,.

7. Oxygen usually has an oxidation number of —2 in its compounds. There are some
exceptions:
a. Oxygen has an oxidation number of —1 in hydrogen peroxide, H,0,, and in
peroxides, which contain the O,?~ ion; examples are CaO, and Na,O,.
b. Oxygen has an oxidation number of —3 in superoxides, which contain the O,
ion; examples are KO, and RbO,.

c. When combined with fluorine in OF,, oxygen has an oxidation number of +2.

8. The position of the element in the periodic table helps to assign its oxidation
number:

a. Group IA elements have oxidation numbers of +1 in all of their compounds.
b. Group IIA elements have oxidation numbers of +2 in all of their compounds.

c. Group IITA elements have oxidation numbers of +3 in all of their compounds,
with a few rare exceptions.

d. Group VA elements have oxidation numbers of —3 in binary compounds with
metals, with H, or with NH,". Exceptions are compounds with a Group VA
element combined with an element to its right in the periodic table; in this case,
their oxidation numbers can be found by using rules 3 and 4.

e. Group VIA elements below oxygen have oxidation numbers of —2 in binary
compounds with metals, with H, or with NH,*. When these elements are
combined with oxygen or with a lighter halogen, their oxidation numbers can
be found by using rules 3 and 4.
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LR R (V8 Common Oxidation Numbers (States) for Group A Elements in Compounds and Ions

Element(s) Common Ox. Nos. Examples Other Ox. Nos.
H +1 H,0, CH,, NH,CI —1 in metal hydrides, e.g., NaH, CaH,
Group IA +1 KCI, NaH, RbNO;, K,SO, None
Group ITA +2 CaCl,, MgH,, Ba(NOs),, SrSO, None
Group ITTA +3 AICL;, BF;, AIINO3);, Gal; None in common compounds
Group IVA +2 CO, PbO, SnCl,, Pb(NO3), Many others are also seen for C and Si
+4 Ccl,, Si0,, SiO0427, SnCl,
Group VA —3 in binary compounds Mg;N,, Na;P, Cs;As +3, e.g., NO,™, PCl;
with metals
—3 in NH,*, binary NH;, PH;, AsH;, NH,* +5, e.g., NO;~, PO, AsFs, POy,
compounds with H
(@) -2 H,0, P,Oy,, Fe,0;, CaO, CIO;~ +2 in OF,

—1 in peroxides, e.g., H,0,, Na,0,
—1 in superoxides, e.g., KO,, RbO,

Group VIA —2 in binary compounds H,S, CaS, Fe,S;, Na,Se +4 with O and the lighter halogens,
(other than O) with metals and H e.g., SO,, Se0,, Na,SO;, SO;2,
—2 in binary compounds (NH,),S, (NH,),Se SF,
with NH,* +6 with O and the lighter halogens,
e.g., SO;, TeO;, H,SO,, SO,
SF,
Group VIIA —1 in binary compounds MgF,, K1, ZnCl,, FeBr; Cl, Br, or I with O or with a lighter
with metals and H halogen
—1 in binary compounds NH,CI, NH,Br +1, e.g., BrE, ClIO~, BrO~
with NH,* +3, e.g., ICL;, CIO, ™, BrO,~

+5, e.g., BrF;, ClO;~, BrO;~
+7, e.g., IF,, CIO,~, BrO,~

f. Group VIIA elements have oxidation numbers of —1 in binary compounds with
metals, with H, with NH,*, or with a heavier halogen. When these elements
except fluorine (i.e., Cl, Br, I) are combined with oxygen or with a lighter halogen,
their oxidation numbers can be found by using rules 3 and 4.

Table 4-10 summarizes rules 5 through 8, with many examples.

EXAMPLE 4-3  Oxidation Numbers

Determine the oxidation numbers of nitrogen in the following species: (a) N,Oy, (b) NHj;, Aqueous solutions of some

(c) HNO;, (d) NO;™, (¢) N, compounds that contain chromium.
Left to right: chromium(II) chloride,
Plan CrCl,, is blue; chromium(III)

We first assign oxidation numbers to elements that exhibit a single common oxidation number  chloride, CrCl, is green; potassium
(see Table 4-10). We recall that oxidation numbers are represented per atorm and that the sum  chromate, K,CrO,, is yellowish;

of the oxidation numbers in a compound is zero, and the sum of the oxidation numbers in an  potassium dichromate, K,Cr,0-,
ion equals the charge on the ion. is orangish.
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By convention, oxidation numbers are
represented as +7 and —#, but ionic

charges are represented as #+ and n—.

Je shall circle oxidation numbers
associated with formulas and show
them in red. Both oxidation numbers
and ionic charges can be combined
algebraically.

Usually the element with the positive
oxidation number is written first.

For historic reasons, however, in
compounds containing nitrogen and
hydrogen, such as NH;, and many
compounds containing carbon and
hydrogen, such as CH,, hydrogen is
written last, although it has a positive
oxidation number.
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Solution
(a) The oxidation number of O is —2. The sum of the oxidation numbers for all atoms in a
compound must be zero:

(%) \—7\
T

N,O,
x+4(-2)=0 or x= +4

OXx. no./atom:

total ox. no.:

(b) The oxidation number of H is +1:

/\41‘

NH3
x+3(1)=0 or x= =3

ox. no./atom:

total ox. no.:

(c) The oxidation number of H is +1 and the oxidation number of O is —2.

ox. no./atom: ¢)(x))

HNO;,
total ox. no.: 1+a+3(-2)=0 or x= +5
(d) The sum of the oxidation numbers for all atoms in an ion equals the charge on the ion:

Y=
ox. no./atom: (¥) ()

NO;~
total ox. no.: « +3(=2)=—1 or x= +5
(e) The oxidation number of any free element is zero.

You should now work Exercise 38.

CLASSIFYING CHEMICAL REACTIONS

We now discuss chemical reactions in further detail. We classify them as oxidation—
reduction reactions, combination reactions, decomposition reactions, displacement reac-
tions, and metathesis reactions. The last type can be further described as precipitation
reactions, acid—base (neutralization) reactions, and gas-formation reactions. We will see
that many reactions, especially oxidation—reduction reactions, fit into more than one cate-
gory, and that some reactions do not fit neatly into any of them. As we study different
kinds of chemical reactions, we will learn to predict the products of other similar reac-
tions. In Chapter 6 we will describe typical reactions of hydrogen, oxygen, and their
compounds. These reactions will illustrate periodic relationships with respect to chemical
properties. It should be emphasized that our system is not an attempt to transform nature
so that it fits into small categories but rather an effort to give some order to our many
observations of nature.

X OXIDATION-REDUCTION REACTIONS: AN
INTRODUCTION

The term “oxidation” originally referred to the combination of a substance with oxygen.
This results in an increase in the oxidation number of an element in that substance.
According to the original definition, the following reactions involve oxidation of the
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substance shown on the far left of each equation. Oxidation numbers are shown for one

atom of the indicated kind.
1. The formation of rust, Fe,O;, iron(IlI) oxide: oxidation state of Fe

4Fe(s) + 30,(g) — 2Fe,05(s)

0 — +3

2. Combustion reactions: oxidation state of C

C(s) + O,(g) —> CO,(g) 0 —> +4
2CO(g) + Oy(g) —> 2CO,(g) 42— +4
C;Hy(g) + 50,(g) —> 3CO,(g) + 4H,0(g) ~8/3 — +4

Originally, reduction described the removal of oxygen from a compound. Oxide ores
are reduced to metals (a very real reduction in mass). For example, tungsten for use in
light bulb filaments can be prepared by reduction of tungsten(VI) oxide with hydrogen at
1200°C:

oxidation number of W

WO;(s) + 3H,(g) — W(s) + 3H,0(g) +6 —> 0

Tungsten is reduced, and its oxidation state decreases from +6 to zero. Hydrogen is
oxidized from zero to the +1 oxidation state. The terms “oxidation” and “reduction” are
now applied much more broadly.

Oxidation is an increase in oxidation number and corresponds to the loss, or
apparent loss, of electrons. Reduction is a decrease in oxidation number and corre-
sponds to a gain, or apparent gain, of electrons.

Electrons are neither created nor destroyed in chemical reactions. So oxidation and
reduction always occur simultaneously, and to the same extent, in ordinary chemical reac-
tions. In the four equations cited previously as examples of oxidation, the oxidation numbers
of iron and carbon atoms increase as they are oxidized. In each case oxygen is reduced as
its oxidation number decreases from zero to —2.

Because oxidation and reduction occur simultaneously in all of these reactions, they
are referred to as oxidation—reduction reactions. For brevity, we usually call them redox
reactions. Redox reactions occur in nearly every area of chemistry and biochemistry. We
need to be able to identify oxidizing agents and reducing agents and to balance oxida-
tion-reduction equations. These skills are necessary for the study of electrochemistry in
Chapter 21. Electrochemistry involves electron transfer between physically separated
oxidizing and reducing agents and interconversions between chemical energy and electric
energy. These skills are also fundamental to the study of biology, biochemistry, environ-
mental science, and materials science.

Oxidizing agents are species that (1) oxidize other substances, (2) contain atoms that
are reduced, and (3) gain (or appear to gain) electrons. Reducing agents are species
that (1) reduce other substances, (2) contain atoms that are oxidized, and (3) lose
(or appear to lose) electrons.
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Oxidation number is a formal concept
adopted for our convenience. The
numbers are determined by relying
on rules. These rules can result in a
fractional oxidation number, as shown
here. This does not mean that
electronic charges are split.

The terms “oxidation number” and
“oxidation state” are used
interchangeably.

In biological systems, reduction often
corresponds to the addition of
hydrogen to molecules or polyatomic
ions and oxidation often corresponds to
the removal of hydrogen.
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The following abbreviations are widely
used:

ox. no. = oxidation number
ox. agt. = oxidizing agent
red. agt. = reducing agent

Iron reacting with chlorine to form
iron(III) chloride.

Metallic silver formed by immersing
a spiral of copper wire in a silver
nitrate solution (see Example 4-4a).
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The following equations represent examples of redox reactions. Oxidation numbers are
shown above the formulas, and oxidizing and reducing agents are indicated:

© © B
2Fe(s) + 3Cl,(g) — 2FeCls(s)
red. agt.  ox. agt.
BD © S ©
2FeBr;(aq) + 3Cly,(g) — 2FeCli(aq) + 3Br,(€)
red. agt. ox. agt.

Equations for redox reactions can also be written as total ionic and net ionic equations.
For example, the second equation may also be written as:

2[Fe’*(aq) + 3Br(aq)] + 3Cl,(g) — 2[Fe’**(aq) + 3Cl (aq)] + 3Br,(£)

We distinguish between oxidation numbers and actual charges on ions by denoting oxida-
tion numbers as +# or —n in red circles just above the symbols of the elements, and actual
charges as n+ or n— above and to the right of formulas of ions. The spectator ions, Fe3 ™,
do not participate in electron transfer. Their cancellation allows us to focus on the oxidizing

agent, Cl,(g), and the reducing agent, Br~(aq).
2Br~(aq) + Cl,(g) — 2Cl (aq) + Br,(¥)

A disproportionation reaction is a redox reaction in which the same element is
oxidized and reduced. An example is:

© o @
Cl, + H,0 —> HCI + HCIO

EXAMPLE 4-4 Redox Reactions

Write each of the following formula unit equations as a net ionic equation if the two differ.
Which ones are redox reactions? For the redox reactions, identify the oxidizing agent, the
reducing agent, the species oxidized, and the species reduced.

(a) 2AgNO;(aq) + Cu(s) — Cu(NOjs),(aq) + 2Ag(s)

h
(b) 4KClOs(s) et KClI(s) + 3KCIO4(s)
(c) 3 AgNO;(aq) + K3POyaq) — AgzPO4(s) + 3KNOs(aq)
Plan
To write ionic equations, we must recognize compounds that are (1) soluble in water and (2)

ionized or dissociated in aqueous solutions. To determine which are oxidation-reduction reac-
tions, we should assign an oxidation number to each element.

Solution

(a) According to the solubility guidelines (page 134), both silver nitrate, AgNO3, and copper(II)
nitrate, Cu(NO3),, are water-soluble ionic compounds. The total ionic equation and oxidation
numbers are

&) 2 © &) Ol ©
2[Ag*(aq) + NO; (ag)] + Cu(s) —> [Cu?*(aq) + 2NO;~(aq)] + 2Ag(s)

L+ 1 T

-1
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"The nitrate ions, NO; ™, are spectator ions. Canceling them from both sides gives the net ionic
equation:

&) © @ ©
2Ag*(aq) + Cu(s) —> Cu’T(aq) + 2Ag(s)

This is a redox equation. The oxidation number of silver decreases from +1 to zero; silver ion
is reduced and is the oxidizing agent. The oxidation number of copper increases from zero to
+2; copper is oxidized and is the reducing agent.

(b) This reaction involves only solids, so there are no ions in solution and the formula unit
and net ionic equations are identical. It is a redox reaction:

B Eed EE
4KCIO3(S) —— KCI(s) + 3KCIO4(S)
-6 j\ T

+2

Chlorine is reduced from +5 in KCIOj; to the —1 oxidation state in KCI; the oxidizing agent
is KCIO;. Chlorine is oxidized from +5 in KCIO; to the +7 oxidation state in KClO,. KCIO,
is also the reducing agent. This is a disproportionation reaction. We see that KCIOj; is both
the oxidizing agent and the reducing agent.

(c) The solubility guidelines indicate that all these salts are soluble except for silver phos-
phate, Ag;PO,. The total ionic equation is

3[Ag*(aq) + NO; (aq)] + [3K"(aq) + PO~ (aq)] — Ag;PO,(s) + 3[K*(aq) + NO; (aq)]

Eliminating the spectator ions gives the net ionic equation:

D OIS IO
3Ag*t(aq) + PO~ (aq) —— Ag;POL(s)

There are no changes in oxidation numbers; this is not a redox reaction.

You should now work Exercises 44 and 47.

/ Problem-Solving Tip: A Foolproof Way to Recognize a Redox Reaction

You can always recognize a redox reaction by analyzing oxidation numbers. First deter-
mine the oxidation number of each element wherever it appears in the reaction. If no
elements change in oxidation numbers, the reaction is not an oxidation—reduction reac-
tion. If changes do occur, the reaction is an oxidation—-reduction reaction. Remember
that oxidation and reduction must always occur together; if some atoms increase in oxida-
tion numbers, then others must decrease.

In Chapter 11 we will learn to balance redox equations and to carry out stoichiometric
calculations using the balanced equations.

The reaction of AgNOs(aq) and K;PO,(aq) is a precipitation reaction (see Example 4-4c). »
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PX3 COMBINATION REACTIONS

Reactions in which two or more substances combine to form a compound are called
combination reactions.

They may involve (1) the combination of two elements to form a compound, (2) the combi-
nation of an element and a compound to form a single new compound, or (3) the
combination of two compounds to form a single new compound. Let’s examine some of
these reactions.

1 Element + Element — Compound

For this type of combination reaction, each element goes from an uncombined state, where
its oxidation state is zero, to a combined state in a compound, where its oxidation state is

Potassium, a metal, reacts with . . o . . .
not zero. Thus reactions of this type are oxidation—reduction reactions (see Section 4-5).

chlorine, a nonmetal, to form
potassium chloride, KCI. The

reaction releases energy in the form  Metal + Nonmetal — Binary Ionic Compound

of heat and light. . . Lo
& Most metals react with most nonmetals to form binary ionic compounds. The Group IA

metals combine with the Group VIIA nonmetals to form binary jonic compounds with the
general formula MX (Section 7-2):

Another important reaction of this
kind is the formation of metal oxides

(Section 6-8). 2M(s) + X, — 2(M*X7)(s) M = Li, Na, K, Rb, Cs

X =FCl Br, I

This general equation thus represents the 20 combination reactions that form the ionic

L R Alkali Metal compounds listed in Table 4-11. Sodium, a silvery-white metal, combines with chlorine,

Igahdes: d a pale green gas, to form sodium chloride, or ordinary table salt. All members of both
ompounas families undergo similar reactions.
Formed by
G"Iojp 14 and 2Na(s) + Cly(g) — 2NaCl(s) sodium chloride (mp 801°C)
VL
Elements As we might expect, the Group ITA metals also combine with the Group VIIA nonmetals
to form binary compounds. Except for BeCl,, BeBr,, and Bel,, these are ionic compounds.
LiF LiCl LiBr Lil  In general terms these combination reactions may be represented as:
NaF NaCl NaBr Nal
KF KCl KBr K1 M¢(s) + X, — MX,(s) M = Be, Mg, Ca, Sr, Ba
RbF  RbCI  RbBr  RbI X=FCl Br, 1

CsF CsCl CsBr Csl
Consider the reaction of magnesium with fluorine to form magnesium fluoride:

Mg(s) + Fy(g) — MgF,(s) magnesium fluoride (mp 1266°C)

Because all the IIA and VIIA elements undergo similar reactions, the general equation,
written above, represents 20 reactions. We omit radium and astatine, the rare and highly
radioactive members of the families.

Nonmetal + Nonmetal — Binary Covalent Compound

When two nonmetals combine with each other they form binary covalent compounds. In
such reactions, the oxidation number of the element with the more positive oxidation
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Phosphorus and chlorine, two nonmetals, react to
‘- form phosphorus pentachloride, PCl;.

number is often variable, depending on reaction conditions. For example, phosphorus
(Group VA) combines with a limited amount of chlorine to form phosphorus trichloride,
in which phosphorus exhibits the +3 oxidation state.

Py(s) + 6Cl(g) — 4PC13(€) (with limited Cl,) (mp —112°C)

With an excess of chlorine, the product is phosphorus pentachloride, which contains phos-
phorus in the +5 oxidation state:

PyGs) + 10Cly(g) — 413C15(s) (with excess Cl,) (decomposes at 167°C)

In general, 2 higher oxidation state of a nonmetal is formed when it reacts with an excess of
another nonmetal. There are many more reactions in which two elements combine to form
a compound (see Sections 6-7 and 6-8).

2 Compound + Element — Compound

Phosphorus in the +3 oxidation state in PCl; molecules can be converted to the +5 state
in PCl; by combination with chlorine:

@3) 3)

PCL(0) + Cly(g) —> PCIy(s)

Likewise, sulfur in the +4 state is converted to the +6 state when SF, reacts with fluor-
ine to form SFg:

@)

SF,(g) + Fy(g) — SF(g)  sulfur hexafluoride (mp —50.5°C)

Combination reactions of this type are also oxidation—reduction reactions.

3 Compound + Compound — Compound

An example of reactions in this category is the combination of calcium oxide with carbon
dioxide to produce calcium carbonate:

145

Nonmetals in odd-numbered periodic
groups favor odd oxidation numbers,
whereas those in even-numbered
groups favor even oxidation numbers
in their compounds. The maximum
oxidation number for a representative
element is equal to its periodic group
number. For example, sulfur (Group

VIA) can form both SF, and SF,.
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Decomposition reactions can be
considered as the opposite of
combination reactions.

Mercury(Il) oxide, a red compound,
decomposes when heated into the
two elements: mercury (a metal) and
oxygen (a nonmetal). Mercury vapor
condenses on the cooler upper
portion of the test tube.

Manganese dioxide, MnO,, is used as
a catalyst, a substance that speeds up a

chemical reaction but is not consumed.

Here it allows the decomposition to
occur at a lower temperature.

CHAPTER 4: Some Types of Chemical Reactions

CaO(s) + CO,(g) —> CaCOs(s)
Pyrosulfuric acid is produced by dissolving sulfur trioxide in concentrated sulfuric acid:
SOs(g) + H,SO4(6) — H,S,04(¢)

Pyrosulfuric acid, H,S,0,, is then diluted with water to make H,SOy:
H,S,0,(¢) + H,O(f) — 2H,S04(¥)
Oxides of the Group IA and ITA metals react with water to form metal hydroxides, e.g.:

CaO(s) + H,O() —> Ca(OH),(aq)

DECOMPOSITION REACTIONS

Decomposition reactions are those in which a compound decomposes to produce
(1) two elements, (2) one or more elements #zd one or more compounds, or (3) two
or more compounds.

Examples of each type follow.

1 Compound — Element + Element

The electrolysis of water produces two elements by the decomposition of a compound. A
compound that ionizes, such as H,SOy,, is added to increase the conductivity of water and
the rate of the reaction (Figure 1-8), but it does not participate in the reaction:

2H,(g) + O,4(g)

Small amounts of oxygen can be prepared by the thermal decomposition of certain
oxygen-containing compounds. Some metal oxides, such as mercury(Il) oxide, HgO,
decompose on heating to produce oxygen:

electrolysis

21,0(6)

heat

2HgO(s) —— 2Hg({) + O,(g)
mercury(IT) oxide

2 Compound — Compound + Element

The alkali metal chlorates, such as KCIO;, decompose when heated to produce the corre-
sponding chlorides and liberate oxygen. Potassium chlorate is a common laboratory source
of small amounts of oxygen:

JKCIOys) % IKCls)  +30,(p)

potassium chlorate 2 potassium chloride

Nitrate salts of alkali metals or alkaline earth metals decompose to form metal nitrites
and oxygen gas.

2NaNOj;(s) — 2NaNO,(s) + O,(g)
Hydrogen peroxide decomposes to form water and oxygen.

H,0,() —> 2H,0(¢) + O,(g)
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3 Compound — Compound + Compound

The thermal decomposition of calcium carbonate (limestone) and other carbonates
produces two compounds, a metal oxide and carbon dioxide:

h
CaCO4(s) —=, CaO(s) + CO,(g)

This is an important reaction in the production of cement. Calcium oxide is also used as
a base in industrial processes.

When some solid hydroxides are heated, they decompose to form a metal oxide and
water vapor.

Mg(OH), ) —<, MgO(s) + H,0(g)

Magnesium oxide, MgO, is pressed into sheets for use as a thermal insulating material in
oven walls.
Ammonium salts lose ammonia.

heat
(NH,),S0,(s) — s 2NH;(g) + H,S0,(€)

If the ammonium salt contains an anion that is a strong oxidizing agent (e.g., nitrate,
nitrite, or dichromate), its decomposition reaction produces an oxide, water (as vapor at
high temperatures), and nitrogen gas. Such a reaction is a redox reaction.

h
(NH,),Cr,04(s) e Cr,05(s) + 4H,0(g) + N, (g)
X DISPLACEMENT REACTIONS

Reactions in which one element displaces another from a compound are called
displacement reactions.

These reactions are always redox reactions. The more readily a metal undergoes oxida-
tion, the more active we say it is.

Active metals displace less active metals or hydrogen from their compounds in
aqueous solution to form the oxidized form of the more active metal and the reduced
(free metal) form of the other metal or hydrogen.

In Table 4-12, the most active metals are listed at the top of the first column. These metals
tend to react to form their oxidized forms (cations). Elements at the bottom of the activity
series (the first column of Table 4-12) tend to remain in their reduced form. They are
easily converted from their oxidized forms to their reduced forms.

1 [More Active Metal + Less Active Metal +
Salt of Less Active Metal Salt of More Active Metal

The reaction of copper with silver nitrate that was described in detail in Section 4-3 is
typical. Please refer to it.

147

Alkali metal carbonates do not
decompose when heated.

A decomposition reaction may or may
not also be an oxidation-reduction
reaction. You can always identify a
redox reaction by determining the
oxidation state of each element in each
occurrence in the reaction (see the
Problem-Solving Tip in Section 4-5).

Solid ammonium dichromate,
[(NH,),Cr, 0O, orange] decomposes
when heated into chromium(II)
oxide, (Cr, O3, green), nitrogen, and
steam (water vapor). This reaction
is sometimes demonstrated as the
“classroom volcano,” but it must be
done with extreme caution due to
the carcinogenic (cancer-causing)
nature of Cr,0;.



148

A strip of zinc metal was placed in a
blue solution of copper(Il) sulfate,
CuSOy,. The copper has been
displaced from solution and has
fallen to the bottom of the beaker.
The resulting zinc sulfate, ZnSO,,
solution is colorless.

CHAPTER 4: Some Types of Chemical Reactions

RSB B Activity Series of Some Elements

Common Common

Element Reduced Form  Oxidized Forms

Li i ' | 9§ 1 i Li Lit

K i = i Lé‘-én Eo g i K K

Ca ! %’D ' A28 g Ca CaZ*
B\ N N S Na Nat

Mg g 1 BE : Mg Mg+

Al g @ g & | Al AB+

Mn &5 i BE Mn Mn2+

Zn FE | AS ! Zn Zn?*

Cr g § E J( i Cr Cr3*, Cré+
_1_:9___—‘;- g___i ___________ i Fe Fe2*, Fe3*

Cd /A& ! cd Cd2+

Co | Co Co?*

Ni | Ni Ni2+

Sn i Sn Sn2*, Sn*+
Pb | i Pb Pb2+, Pb++

H (a nonmetal) H, H+

Sb (a metalloid) Sb Sh3+

Cu Cu Cut, Cu?*

Hg Hg Hg,?*, Hg?*
Ag Ag Ag™

Pt Pt P2t Pttt
Au Au Aut, Audt

EXAMPLE 4-5 Displacement Reaction

A large piece of zinc metal is placed in a copper(Il) sulfate, CuSO,, solution. The blue solu-
tion becomes colorless as copper metal falls to the bottom of the container. The resulting
solution contains zinc sulfate, ZnSO,. Write balanced formula unit, total ionic, and net ionic
equations for the reaction.

Plan

The metals zinc and copper are not ionized or dissociated in contact with H,O. Both CuSO,
and ZnSO, are soluble salts (solubility guideline 5), and so they are written in ionic form.

Solution

Zn(s) + CuSO,(aq) — Cu(s) + ZnSO,(aq)
Zn(s) + [Cu?*(aq) + SO2~(aq)] — Cu(s) + [Zn?T(aq) + SO, (aq)]
Zn(s) + Cu?*(aq) — Cu(s) + Zn?*(aq)

In this displacement reaction, the more active metal, zinc, displaces the ions of the less active
metal, copper, from aqueous solution.

You should now work Exercise 58.
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Troublesome Displacement Reactions

The deterioration of the Statue of Liberty and the damage
done at the Three Mile Island and Chernobyl nuclear facil-
ities are just a few of the major problems that have resulted
from ignorance about chemical reactivity.

When originally constructed over one hundred years ago
the Statue of Liberty had a 200,000-pound outer copper skin
supported by a framework of 2000 iron bars. First, oxygen in
the air oxidized the copper skin to form copper oxide. In a
series of reactions, iron (the more active metal) then reduced
the Cu’?™" ions in copper oxide.

2Fe + 3Cu?t —— 2Fe3t + 3Cu

Opver the years, the supporting iron frame was reduced to less
than half its original thickness; this made necessary the repairs
done to the statue before the celebration of its 100th birth-
day on July 4, 1986.

Two major nuclear power plant accidents, one at Three
Mile Island near Harrisburg, Pennsylvania, in 1979, and the
other at Chernobyl in Ukraine in 1986, were also unexpected
consequences of chemical reactivity. In each case, cooling
pump failures sent temperatures soaring above 340°C. Like
aluminum, zirconium (used in building the reactors) forms a
protective oxide coating that protects it from further reac-
tions. However, that protective coating breaks down at high
temperatures. Without its protective coating, zirconium
reacts with steam.

Zr(s) + 2H,0(g) —— ZrO,(s) + 2H,(g)

At Three Mile Island, this displacement reaction produced a
1000-cubic foot bubble of hydrogen gas. Because hydrogen
is easily ignited by a spark, the nuclear power plant was in
real danger of a complete meltdown until the hydrogen could
be removed.

During the Middle Ages (~400-1400 AD), another dis-
placement reaction completely misled alchemists into
foolishly pursuing a philosopher’s stone that was believed to
have the power to turn base metals such as iron and lead into
more precious metals such as silver and gold. The alchemists’
ignorance of relative activities of metals led them to believe
that they had turned iron into a more precious metal when
they inserted an iron rod into a blue copper(Il) sulfate solu-
tion. In fact, the following displacement reaction had
occurred, plating shiny copper metal onto the iron rod.

Fe(s) + 3Cu?*(aq) — 2Fe3*(aq) + Cu(s)

In the 1960s and 1970s, some automobile manufacturers
showed their ignorance of chemical reactivity by building cars

with aluminum water pumps and aluminum engine heads
attached to cast-iron engine blocks. These water pumps often
leaked and the engine heads quickly deteriorated. These
problems occurred as the more active aluminum reacted with
iron(Il) oxide (formed when the iron engine reacted with
atmospheric oxygen).

Al + Fe3* —— AP + Fe

Some dentists have made similar mistakes by placing gold
caps over teeth that are adjacent to existing fillings. The
slightly oxidized gold can react with a dental amalgam filling
(an alloy of silver, tin, copper, and mercury). As the dental
amalgam is oxidized, it dissolves in saliva to produce a per-
sistent metallic taste in the patient’s mouth.

When plumbers connect galvanized pipes (iron pipes
coated with zinc) to copper pipes, copper ions oxidize the
zinc coating and expose the underlying iron, allowing it to
rust. The displacement reaction that occurs is

Zn + Cu?t — Zn?t + Cu

Once the zinc coating has been punctured on an iron pipe,
oxidation of the iron pipes occurs rapidly because iron is a
more active metal than copper.

It is important to keep in mind that a variety of other reac-
tions probably take place in addition to the above
displacement reactions. For example, less active metals (such
as copper) can conduct electrons from the metals being oxi-
dized to oxidizing agents (such as oxygen or the oxide of
nitrogen and sulfur) that are present in the atmosphere. Oxy-
gen plays an important role in all of these displacement
examples.

Ronald DeLorenzo
Middle Georgia College
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H,SO, can function as an oxidizing
agent with other substances, but it is
not an oxidizing agent in its reaction
with active metals.

Zinc reacts with dilute H,SO, to
produce H, and a solution that
contains ZnSO,. This is a
displacement reaction.

Aluminum displaces H, from a
hydrochloric acid solution.

CHAPTER 4: Some Types of Chemical Reactions

2 [Active Metal + Nonoxidizing Acid] — [Hydrogen + Salt of Acid]

A common method for the preparation of small amounts of hydrogen involves the reac-
tion of active metals with nonoxidizing acids, such as HCl and H,SO,. For example, when
zinc is dissolved in H,SO,, the reaction produces zinc sulfate; hydrogen is displaced from
the acid, and it bubbles off as gaseous H,. The formula unit equation for this reaction is

Zn(s) + H,SO4(aq) — ZnSOy(aq) + H,(g)

strong acid soluble salt

Both sulfuric acid (in very dilute solution) and zinc sulfate exist primarily as ions; so the
total ionic equation is

Zn(s) + [2H*(aq) + SO,2~(aq)] —> [Zn’T(aq) + SO,>(aq)] + H,(g)
Elimination of spectator ions from the total ionic equation gives the net ionic equation:
Zn(s) + 2H*(aq) — Zn’*(aq) + H,(g)

Table 4-12 lists the activity series. When any metal listed above hydrogen in this series
is added to a solution of a nonoxidizing acid such as hydrochloric acid, HCI, and sulfuric
acid, H,S0Oy, the metal dissolves to produce hydrogen, and a salt is formed. HNO; is the
common oxidizing acid. It reacts with active metals to produce oxides of nitrogen, but not

hydrogen, H,.

EXAMPLE 4-6 Displacement Reaction

Which of the following metals can displace hydrogen from hydrochloric acid solution? Write
balanced formula unit, total ionic, and net ionic equations for reactions that can occur.

Al Cu, Ag

Plan

The activity series of the metals, Table 4-12, tells us that copper and silver do nor displace
hydrogen from solutions of nonoxidizing acids. Aluminum is an active metal that can displace
H, from HCI and form aluminum chloride.

Solution

2Al(s) + 6HCl(aq) — 3H,(g) + 2AICI;(aq)
2Al(s) + 6[H*(aq) + Cl~(aq)] —> 3H,(g) + 2[AB*(aq) + 3Cl=(aq)]
2Al(s) + 6H'(aq) — 3H,(g) + 2A1P*(aq)

You should now work Exercises S7 and 59.

Very active metals can even displace hydrogen from water. The reaction of potassium,
or another metal of Group IA, with water is also a displacement reaction:

2K(s) + 2H,0(f) — 2[K*(aq) + OH(aq)] + H,(g)

Such reactions of very active metals of Group IA are dangerous, however, because they
generate enough heat to cause explosive ignition of the hydrogen (Figure 4-4).
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Figure 4-4 Potassium, like other Group IA metals,
reacts vigorously with water. For this photograph,
the room was completely dark, and all of the light
you see here was produced by dropping a small
piece of potassium into a beaker of water.

EXAMPLE 4-7 Displacement Reaction

Which of the following metals can displace hydrogen from water at room temperature? Write
balanced formula unit, total ionic, and net ionic equations for reactions that can occur.

Sn, Ca, Hg

Plan

The activity series, Table 4-12, tells us that tin and mercury cannot displace hydrogen from
water. Calcium is a very active metal (see Table 4-12) that displaces hydrogen from cold water
and forms calcium hydroxide, a strong base.

Solution

Ca(s) + 2H,0(¢) — H,(g) + Ca(OH),(aq)
Ca(s) + 2H,0(¢) — H,(g) + [Ca“(aq) + 20H ™ (aq)]
Ca(s) + 2H,0(f) — H,(g) + Ca’*(aq) + 20H (aq)

You should now work Exercise 65.

3 [Active Nonmetal + Less Active Nonmetal +
Salt of Less Active Nonmetal Salt of More Active Nonmetal

Many nonmetals displace less active nonmetals from combination with a metal or other
cation. For example, when chlorine is bubbled through a solution containing bromide ions
(derived from a soluble ionic salt such as sodium bromide, NaBr), chlorine displaces
bromide ions to form elemental bromine and chloride ions (as aqueous sodium chloride):

Cly(g) + 2[Na*(aq) + Br-(aqg)] — 2[Na*(aq) + Cl (aq)] + Br,(¢)

chlorine sodium bromide sodium chloride bromine

The displacement reaction of
calcium with water at room

temperature produces bubbles of
hydrogen.
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(a) Bromine, Br,, in water ( pale
orange) is poured into an aqueous
solution of Nal, the top layer in the
cylinder. (b) Br, displaces I~ from
solution and forms solid iodine, I,.
The I, dissolves in water to give a
brown solution but is more soluble
in many organic liquids (purple
bottom layer).

Activity of the halogens decreases
going down the group in the
periodic table.

CHAPTER 4: Some Types of Chemical Reactions
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Similarly, when bromine is added to a solution containing iodide ions, the iodide ions are
displaced by bromine to form iodine and bromide ions:

Br,(€) + 2[Na‘*(aq) + I"(aq)] — 2[Na*(aq) + Br(aq)] + L(s)

bromine sodium iodide sodium bromide iodine

(a) (b)

Each balogen will displace less active (beavier) balogens from their binary salts; that is, the
order of decreasing activities is

F,>Cl, > Br, > 1,

Conversely, a halogen will nor displace more active (lighter) members from their salts:

I,(s) + 2F~ — no reaction

EXAMPLE 4-8 Displacement Reactions

Which of the following combinations would result in a displacement reaction? Write balanced
formula unit, total ionic, and net ionic equations for reactions that occur.

(a) L(s) + NaBr(ag) —

(b) Cl,(g) + Nal(aq) —

(¢) Bry(¥) + NaCl(aq) —

Plan

The activity of the halogens decreases from top to bottom in the periodic table. We see (a)
that Br is above I and (c) that Cl is above Br in the periodic table; therefore, neither combi-
nation (a) nor combination (c) could result in reaction. Cl is above I in the periodic table, and
so combination (b) results in a displacement reaction.



4-9 Metathesis Reactions

Solution
The more active halogen, Cl,, displaces the less active halogen, I,, from its compounds.

Cly(g) + 2Nal(aq) — I,(s) + 2NaCl(aq)
ClL(g) + 2[Nat(aq) + I"(aq)] — I,(s) + 2[Na*(aq) + Cl (aq)]
Cly(g) + 21~ (aq) — IL(s) + 2Cl~ (aq)

You should now work Exercise 64.

PXJ] METATHESIS REACTIONS

In many reactions between two compounds in aqueous solution, the positive and
negative ions appear to “change partners” to form two new compounds, with no
change in oxidation numbers. Such reactions are called metathesis reactions.

We can represent such reactions by the following general equation, where A and B repre-
sent positive ions (cations) and X and Y represent negative ions (anions):

AX +BY — AY + BX

For example, when we mix silver nitrate and sodium chloride solutions, solid silver chlo-
ride is formed and sodium nitrate remains dissolved in water:

AgNOjs(aq) + NaCl(ag) —— AgCl(s) + NaNOs(aq)

Metathesis reactions result in the removal of ions from solution; this removal of ions
can be thought of as the driving force for the reaction— the reason it occurs. The removal
of ions can occur in three ways, which can be used to classify three types of metathesis
reactions:

1. Formation of predominantly nonionized molecules (weak or nonelectrolytes) in
solution; the most common such nonelectrolyte product is water

2. Formation of an insoluble solid, called a precipitate (which separates from the solu-
tion)

3. Formation of a gas (which is evolved from the solution)

1 Acid-Base (Neutralization) Reactions: Formation of a Nonelectrolyte

Acid-base reactions are among the most important kinds of chemical reactions. Many
acid—base reactions occur in nature in both plants and animals. Many acids and bases are
essential compounds in an industrialized society (see Table 4-13). For example, approxi-
mately 350 pounds of sulfuric acid, H,SO,, and approximately 135 pounds of ammonia,
NHj;, is required to support the lifestyle of an average American for one year.

The reaction of an acid with a metal hydroxide base produces a salt and water. Such
reactions are called neutralization reactions because the typical properties of acids and
bases are neutralized.
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Pronounced “meh-tath-uh-sis.”

The manufacture of fertilizers
consumes more H,SO, and more NH;
than any other single use.
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LIRS R B 1997 Production of Inorganic Acids, Bases, and Salts in the United States

Billions
of
Formula Name Pounds Major Uses
H,SO, sulfuric acid 95.84 Manufacture of fertilizers and other chemicals
CaO, Ca(OH), lime (calcium oxide and 47.56 Manufacture of other chemicals, steelmaking, water treatment
calcium hydroxide)
NH; ammonia 38.39 Fertilizer; manufacture of fertilizers and other chemicals
H;PO, phosphoric acid 26.83 Manufacture of fertilizers
Na,CO; sodium carbonate (soda ash) 22.93 Manufacture of glass, other chemicals, detergents, pulp, and
paper
NaOH sodium hydroxide 22.74 Manufacture of other chemicals, pulp and paper, soap and
detergents, aluminum, textiles
HNO;, nitric acid 18.15 Manufacture of fertilizers, explosives, plastics, and lacquers
NH,/NO; ammonium nitrate 16.52 Fertilizer and explosive
HCI hydrochloric acid 8.44 Manufacture of other chemicals and rubber; metal cleaning
(NH,),SO, ammonium sulfate 5.62 Fertilizer
KOH, K,CO; potash 3.15 Manufacture of fertilizers
AL(SOy), aluminum sulfate 2.36 Water treatment, dyeing textiles
Na,Si0O; sodium silicate 2.15 Manufacture of detergents, cleaning agents, and adhesives
CaCl, calcium chloride 1.40 De-icing roads in winter, controlling dust in summer, concrete
additive
NaClO; sodium chlorate 1.31 Manufacture of other chemicals, explosives, plastics
Na,SO, sodium sulfate 1.28 Manufacture of paper, glass, and detergents

When a base such as ammonia or an

amine reacts with an acid, a salt, but
no water, is formed. This is still called
an acid-base, or neutralization,

reaction.

In nearly all neutralization reactions, the driving force is the combination of H*(aq)
from an acid and OH™(aq) from a base (or a base plus water) to form water mole-
cules.

Consider the reaction of hydrochloric acid, HCl(aq), with aqueous sodium hydroxide,
NaOH. Table 4-5 tells us that HCl is a strong acid, and Table 4-7 tells us that NaOH is
a strong base. The salt sodium chloride, NaCl, is formed in this reaction. It contains the
cation of its parent base, Na*, and the anion of its parent acid, CI~. Solubility guidelines
2 and 4 tell us that NaCl is a soluble salt.

HCl(aq) + NaOH(ag) — H,0(¢) + NaCl(aq)
[(H*(aq) + CI~(aq)] + [Na*(aq) + OH"(aq)] —> H,0(¢) + [Na*(aq) + Cl"(aq)]
H*(aq) + OH (aq) — H,0(¢)

The net ionic equation for #// reactions of strong acids with strong bases that form
soluble salts and water is

H*(aq) + OH (aq) — H,0(¥)
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/Problem-SoIving Tip: Salt Formation

The salt that is formed in a neutralization reaction is composed of the cation of the base
and the anion of the acid. The salt may be soluble or insoluble. If our goal were to obtain
the salt from the reaction of aqueous HCI with aqueous NaOH, we could evaporate the
water and obtain solid NaCl.

EXAMPLE 4-9 Neutralization Reactions

Predict the products of the reaction between HI(aq) and Ca(OH),(aq). Write balanced formula
unit, total ionic, and net ionic equations.

Plan

This is an acid—base neutralization reaction; the products are H,O and the salt that contains
the cation of the base, Ca’*, and the anion of the acid, I7; Cal, is a soluble salt (solubility
guideline 4). HI is a strong acid (see Table 4-5), Ca(OH), is a strong base (see Table 4-7), and
Cal, is a soluble ionic salt, so all are written in ionic form.

Solution
2HI(aq) + Ca(OH),(aq) — Cal,(aq) + 2H,O(¢)
2[H*(aq) + I~ (aq)] + [Ca’*(aq) + 20H (aq)] — [Ca’*(aq) + 21 (aq)] + 2H,0(¢)
We cancel the spectator ions.
2H*(aq) + 20H (aq) — 2H,0(()
Dividing by 2 gives the net ionic equation

H*(aq) + OH (aq) — H,0(¢)

You should now work Exercise 71.

Reactions of weak acids with strong bases also produce salts and water, but there is a signif-
icant difference in the balanced ionic equations because weak acids are only s/ightly ionized.

EXAMPLE 4-10 Neutralization Reactions

Write balanced formula unit, total ionic, and net ionic equations for the reaction of acetic acid
with potassium hydroxide.

Plan

Neutralization reactions involving metal hydroxide bases produce a salt and water. CH;COOH
is a weak acid (see Table 4-6), and so it is written as formula units. KOH is a strong base (see
Table 4-7) and KCH;COO is a soluble salt (solubility guidelines 2 and 3), and so both are

written in ionic form.

Solution

CH,COOH(aq) + KOH(aq) —> KCH,COO(aq) + H,0(¢)
CH;COOH(aq) + [K*(aq) + OH™(aq)] — [K*(aq) + CH;COO~(aq)] + H,O(¢)
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Recall that in balanced equations we
show the smallest whole-number
coefficients possible.
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A monoprotic acid contains one acidic H
per formula unit.

The net ionic equation shows the
driving force for this reaction. The
formula unit equation shows the salt
formed or that could be isolated if the
water were evaporated.

To understand the discussion of
precipitation reactions, you #zust know
the solubility guidelines (page 134) and
Table 4-8.
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The spectator ion is K*, the cation of the strong base, KOH.
CH;COOH(aq) + OH™(aq) — CH;COO™(aq) + H,0(¥)

Thus, we see that this net ionic equation includes molecules of the weak acid and anions of the
weak acid.

You should now work Exercise 72.

The reactions of weak monoprotic acids with strong bases that form soluble salts can be
represented in general terms as

HA(aq) + OH~(aq) —> A~(aq) + H,O(0)

where HA represents the weak acid and A~ represents its anion.

EXAMPLE 4-11  Salt Formation

Write balanced formula unit, total ionic, and net ionic equations for an acid—base reaction that
will produce the salt, barium chloride.

Plan

Neutralization reactions produce a salt. The salt contains the cation from the base and the
anion from the acid. The base must therefore contain Ba’*, that is, Ba(OH),, and the acid
must contain CI~, that is, HCl. We write equations that represent the reaction between the
strong base, Ba(OH),, and the strong acid, HCL.

Solution

2HCl(aq) + Ba(OH),(aq) — BaCl,(aq) + 2H,O(¥)
2[H"(aq) + Cl (aq)] + [Ba?*(aq) + 20H (aq)] — [Ba’*(aq) + 2Cl~(aq)] + 2H,0(¢)

We cancel the spectator ions.
2H"(aq) + 20H (aq) — 2H,0(¥)
Dividing by 2 gives the net ionic equation:

H*(aq) + OH (aq) — H,0(¢)

You should now work Exercise 80.

2 Precipitation Reactions

In precipitation reactions an insoluble solid, a precipitate, forms and then settles out
of solution. The driving force for these reactions is the strong attraction between cations
and anions. This results in the removal of ions from solution by the formation of a precip-
itate. Our teeth and bones were formed by very slow precipitation reactions in which
mostly calcium phosphate Ca;(PO,), was deposited in the correct geometric arrange-
ments.

An example of a precipitation reaction is the formation of bright yellow insoluble
lead(I) chromate when we mix solutions of the soluble ionic compounds lead(I) nitrate



Figure 4-5 A precipitation reaction.
When K,CrOj, solution is added to
aqueous Pb(NOj3), solution, the yellow
compound PbCrO, precipitates. The
resulting solution contains K* and
NO;~ ions, the ions of KNO;.

and potassium chromate (Figure 4-5). The other product of the reaction is KNO;, a
soluble ionic salt.
The balanced formula unit, total ionic, and net ionic equations for this reaction follow.

Pb(NO),(aq) + K,CrO4(aq) — PbCrO,(s) + 2KNO;(aq)

[Pb?*(aq) + 2 NO;(aq)] + [2K*(aq) + CrO,*>(aq)] —
PbCrOy(s) + 2[K*(aq) + NO; (aq)]

Pb’*(aq) + CrO,>~(aq) —> PbCrO,(s)

Another important precipitation reaction involves the formation of insoluble carbon-
ates (solubility guideline 7). Limestone deposits are mostly calcium carbonate, CaCOj,
although many also contain significant amounts of magnesium carbonate, MgCO;.

Suppose we mix together aqueous solutions of sodium carbonate, Na,CO3, and calcium
chloride, CaCl,. We recognize that both Na,CO; and CaCl, (solubility guidelines 2, 4a,
and 7) are soluble ionic compounds. At the instant of mixing, the resulting solution contains
four ions:

Na*(aq), CO4° (ag), Ca?*(aq), Cl~(aq)

One pair of ions, Na*t and Cl~, cannot form an insoluble compound (solubility guidelines
2 and 4). We look for a pair of ions that could form an insoluble compound. Ca?* ions
and CO;?" ions are such a combination; they form insoluble CaCOyj (solubility guideline
7). The equations for the reaction follow.

CaCly(aq) + Na,CO;(aq) —— CaCO;(s) + 2 NaCl(aq)

[Ca?T(aq) + 2 Cl™(aq)] + [2Na™(aq) + CO;?>~(aq)] —>
CaCO;s(s) + 2[Na'*(aq) + Cl~(aq)]

Ca’*(aq) + CO;?~(aq) —> CaCO;5(s)

Seashells, which are formed in very
slow precipitation reactions, are
mostly calcium carbonate (CaCOy),
a white compound. Traces of
transition metal ions give them
color.
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EXAMPLE 4-12  Solubility Guidelines and Precipitation Reactions

Wil a precipitate form when aqueous solutions of Ca(NOj;), and NaCl are mixed in reason-
able concentrations? Write balanced formula unit, total ionic, and net ionic equations for any
reaction.

Plan

We recognize that both Ca(NO;), (solubility guideline 3) and NaCl (solubility guidelines 2
and 4) are soluble compounds. We use the solubility guidelines to determine whether any of
the possible products are insoluble.

Solution
At the instant of mixing, the resulting solution contains four ions:

Ca’*(ag),  NO;7(ag), Na*(ag), Cl (ag)

New combinations of ions could be CaCl, and NaNOj. But solubility guideline 4 tells us that
Ca(l, is a soluble compound, and solubility guidelines 2 and 3 tell us that NaNOj is a soluble
compound. Therefore no precipitate forms in this solution.

You should now work Exercise 84.

EXAMPLE 4-13  Solubility Guidelines and Precipitation Reactions

WiIll a precipitate form when aqueous solutions of CaCl, and K;PO, are mixed in reasonable
concentrations? Write balanced formula unit, total ionic, and net ionic equations for any reac-
tion.

Plan

We recognize that both CaCl, (solubility guideline 4) and K;PO, (solubility guideline 2) are
soluble compounds. We use the solubility guidelines to determine whether any of the possible
products are insoluble.

Solution
At the instant of mixing, the resulting solution contains four ions:

Ca’*(ag), Cl (ag, K*ag), POS (ag)

New combinations of ions could be KCI and Ca;(PO,),. Solubility guidelines 2 and 4 tell us
that KCl is a soluble compound; solubility guideline 7 tells us that Ca;(PO,), is an insoluble
compound, so a precipitate of Ca3(PO,), forms in this solution.

The equations for the formation of calcium phosphate follow.

3CaCly(aq) + 2K5PO,(aq) —— Ca3(POy),(s) + 6KCl(aq)

3[Ca2*(aq) + 2C1~(aq)] + 2[3K*(aq) + PO~ (aq)] —>
Cay(PO,),(s) + 6[K*(aq) + Cl~(aq)]

3Ca’T(aq) + 2P0, ~(aq) —— Ca;(PO,),(s)

You should now work Exercise 90.
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3 Gas-Formation Reactions

The formation of an insoluble or slightly soluble gas provides a driving force for a third
type of metathesis reaction that we call a gas-formation reaction. The only common
gases that are very soluble in water are HCI(g) and NH;(g). All other gases are sufficiently
insoluble to force a reaction to proceed if they are formed as a reaction product.

When an acid—for example, hydrochloric acid—is added to solid calcium carbonate,
a reaction occurs in which carbonic acid, a weak acid, is produced.

2HCl(aq) + CaCO;(s) — H,CO;(aq) + CaCl,(aq)
2[H"(aq) + Cl™(aq)] + CaCO;(s) —> H,CO;(aq) + [Ca’T(aq) + 2Cl (aq)]
2H"(aq) + CaCO;(s) —> H,CO;(aq) + Ca’*(aq)

The heat generated in the reaction causes thermal decomposition of carbonic acid to
gaseous carbon dioxide and water:

H,CO,(aq) —> CO,(g) + H,0(0)

Most of the CO, bubbles off, and the reaction goes to completion (with respect to the
limiting reactant). The net effect is the conversion of ionic species into nonionized mole-
cules of a gas (CO,) and water.

2HCl(aq) + CaCOs(s) — CO,(g) + H,O(¢) + CaCly(aq)

Salts containing the sulfite ion, SO;2~, react with acids in a similar manner to form
sulfur dioxide gas, SO,(g).

SO32*(aq) + 2H"*(aq) — SO,(g) + H,O0()

Many sulfide salts react with acids to form gaseous hydrogen sulfide, H,S. The low
solubility of H,S in water helps the reaction to proceed.

MnS(s) + 2HCl(aq) — MnCl,(aq) + H,S(g)

Blackboard chalk is mostly calcium carbonate,
CaCO;. Bubbles of carbon dioxide, CO,, are clearly
visible in this photograph of CaCOj; reacting with
HCl in a gas-forming metathesis reaction.
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Hydrogen sulfide, H,S, is responsible
for the smell of rotten eggs.
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Millions of compounds are known, so
it is important to be able to associate
names and formulas in a systematic
way.
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BT sUMMARY OF REACTION TYPES

Table 4-14 summarizes the reaction types we have presented. Remember that a reaction
might be classified in more than one category.

EXAMPLE 4-14  Classifying Reactions

Classify each of the following reactions.
(@) Zn(s) + AgNOs(aq) — Zn(NOs),(aq) + 2Ag(s)

(b) Ca(OH)(s) =%, CaO(s) + H,0(e)

(©) 2HIg) 5 Hy(g) + Lg)

(d) Cu(NO;s),(aq) + Na,S(aq) — CuS(s) + 2NaNOjs(aq)
(e) SO,(g) + H,0(f) — H,S0;(aq)

(f) H,S05(aq) + 2KOH(aq) — K,505(aq) + 2H,0(¢)

Plan

We identify each reaction type by its characteristics, using Table 4-13 and the appropriate
sections as a guide.

Solution

(a) One element, Zn, displaces another, Ag, from a compound; this is a displacement reac-
tion.

(b) A single compound breaks apart into two compounds; this is a decomposition reaction.

(c) A single compound breaks apart into two elements; this is another decomposition reac-
tion.
However, now there are changes in oxidation numbers; H changes from +1 in HI
to 0 in H,, and I changes from —1 in HI to 0 in I,. So this is also an oxidation-
reduction (redox) reaction.

(d) The positive and negative ions in the two reactant compounds change partners; this is a
metathesis reaction. An insoluble product, CuS(s), is formed, so the reaction is a precip-

itation reaction.
(e) Two compounds combine to form a single product; this is a combination reaction.

(f) The positive and negative ions change partners; this is a metathesis reaction. An acid and

a base react to form a salt and water; this is an acid-base (neutralization) reaction.

You should now work Exercises 93 through 101.

NAMING INORGANIC COMPOUNDS

The rules for naming inorganic compounds are set down by the Committee on Inorganic
Nomenclature of the International Union of Pure and Applied Chemistry TUPAC). The
names and formulas of a few organic compounds were given in Table 2-2, and more
systematic rules for naming them will appear in Chapter 27.
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VLIRS R BN Summary and Examples of Reaction Types

Section Reaction Type, Examples Characteristics

4-5  Oxidation-Reduction (Redox) Oxidation numbers (Sec. 4-4) of some elements change;
at least one element must increase and at least one
must decrease in oxidation number.

4-6  Combination More than one reactant, single product
1. Element + element — compound
2A1(s) + 3Cly(g) — 2AICL(s)*
P4(s) + 10Cl,(g) — 4PCl(s)*
2. Compound + element — compound
SF,(g) + F5(g) — SF4()*
250,(g) + Os(g) — 2505(0"
3. Compound + compound — compound
CaO(s) + CO,(g) — CaCO;(s)
Na,O(s) + H,O(f) — 2NaOH(aq)

4-7  Decomposition Single reactant, more than one product
1. Compound — element + element
2HgO(s) — 2Hg(g) + O,(g)"
2H,0(¢) — 2H,(g) + O,(g)*
2. Compound — compound + element
2NaNOj;(s) — 2NaNO,(s) + O,(g)*
2H,0,(f) - 2H,0() + O,(g)*
3. Compound — compound + compound
CaCOs(s) — CaO(s) + CO4(g)
Mg(OH),(s) — MgO(s) + H,O(¢)

4-8  Displacement One element displaces another from a compound:
Zn(s) + CuSO,(aq) — Cu(s) + ZnSOy,(aq)* Element + compound — element + compound
Zn(s) + H,SO4(aq) — H,(g) + ZnSO,4(aq)* Activity series (Table 4-12) summarizes metals and
Cly(g) + 2Nal(aq) — I,(s) + 2NaCl(ag)* hydrogen; halogen activities (Group VIIA) decrease

going down the group

4-9  Metathesis Positive and negative ions in two compounds appear to
“change partners” to form two new compounds; no
change in oxidation numbers

1. Acid-base neutralization Product is a salt; water is often formed
HCl(aq) + NaOH(aq) — NaCl(aq) + H,0(¢)
CH;COOH(aq) + KOH(aq) - KCH;COO(aq) + H,0(¢)
HCl(aq) + NH;(aq) - NH,Cl(aq)
2H;PO,(aq) + 3Ca(OH),(aq) — Ca;(PO,),(s) + 6H,O(¢)"

2. Precipitation Products include an insoluble substance, which
CaCl,(aq) + Na,CO;(aq) — CaCO;(s) + 2NaCl(aq) precipitates from solution as a solid; solubility
Pb(NO;),(aq) + K,CrO4(aq) — PbCrO,(s) + 2KNO;(aq)  guidelines assist in predicting, recognizing
2H;PO,(aq) + 3Ca(OH),(aq) — Ca3(PO,),(s) + 6H,O(()"

3. Gas-formation Products include an insoluble or slightly soluble gas,
2HCl(aq) + CaCOs(s) — CO,(g) + H,0(€) + CaCl,(aq) which escapes from solution
MnS(s) + 2HCl(aq) — MnCl,(aq) + H,5(g)

*These examples are also oxidation-reduction (redox) reactions.

TThis reaction is both an acid-base neutralization reaction and a precipitation reaction.
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The stem for each element is derived
from the name of the element.

Roman numerals are ot necessary for
metals that commonly exhibit only one
oxidation number in their compounds.

Familiarity with the older system is
still necessary. It is still widely used
in many scientific, engineering, and
medical fields.
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PEE] NAMING BINARY COMPOUNDS

Binary compounds consist of two elements; they may be either ionic or molecular. The
rule is to name the more metallic element first and the less metallic element second. The
less metallic element is named by adding an “-ide” suffix to the element’s unambiguous
stem. Stems for the nonmetals follow.

1A IVA VA VIA VIIA
H  hydr
B bor C carb N nitr O ox F fluor
Si silic p phosph S sulf Cl  chlor
As arsen Se selen Br  brom
Sb  antimon Te tellur I iod

Binary ionic compounds contain metal cations and nonmetal anions. The cation is
named first and the anion second.

Formula Name ‘ Formula Name
KBr potassium bromide Rb,S rubidium sulfide
Ca(Cl, calcium chloride Ba;N, barium nitride
NaH sodium hydride SrO strontium oxide

The preceding method is sufficient for naming binary ionic compounds containing
metals that exhibit only one oxidation number other than zero (Section 4-4). Most transi-
tion metals and the metals of Groups IITA (except Al), IVA, and VA, exhibit more than
one oxidation number. These metals may form two or more binary compounds with the
same nonmetal. To distinguish among all the possibilities, the oxidation number of the
metal is indicated by a Roman numeral in parentheses following its name. This method
can be applied to any binary compound of a metal and a nonmetal.

Ox. No. Ox. No.

Formula  of Metal Name Formula  of Metal Name
Cu,0 +1 copper(I) oxide SnCl, +2 tin(IT) chloride
CuF, +2 copper(Il) fluoride SnCly +4 tin(IV) chloride
FeS +2 iron(IT) sulfide PbO +2 lead(IT) oxide
Fe,04 +3 iron(III) oxide PbO, +4 lead(IV) oxide

The advantage of the IUPAC system is that if you know the formula you can write the
exact and unambiguous name; if you are given the name you can write the formula at
once. An older method, still in use but not recommended by the IUPAC, uses “-ous” and
“-ic” suffixes to indicate lower and higher oxidation numbers, respectively. This system
can distinguish between only two different oxidation numbers for a metal. It is therefore
not as useful as the Roman numeral system.
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Ox. No. Ox. No.
Formula  of Metal Name Formula  of Metal Name
CuCl +1 cuprous chloride SnF, +2 stannous fluoride
CuCl, +2 cupric chloride SnF, +4 stannic fluoride
FeO +2 ferrous oxide Hg,Cl, +1 mercurous chloride
FeBr; +3 ferric bromide HgCl, +2 mercuric chloride

Some compounds contain polyatomic ions that behave much like monatomic anions.
Compounds that contain these ions are called pseudobinary ionic compounds. The
prefix “pseudo-" means “false”; these compounds are named as though they were binary
compounds. The common examples of such polyatomic anions are the hydroxide ion,
OH™, and the cyanide ion, CN~. The ammonium ion, NH,*, is the common cation that
behaves like a simple metal cation.

Formula Name | Formula Name

NH,I ammonium iodide NH,CN  ammonium cyanide

Ca(CN),  calcium cyanide Cu(OH),  copper(l) hydroxide or cupric hydroxide
NaOH sodium hydroxide Fe(OH); iron(ITl) hydroxide or ferric hydroxide

A list of common cations and anions appears in Table 4-15. It will enable you to name
many of the ionic compounds you encounter.

Nearly all binary molecular compounds involve two nonmetals bonded together.
Although many nonmetals can exhibit different oxidation numbers, their oxidation
numbers are nor properly indicated by Roman numerals or suffixes. Instead, elemental
proportions in binary covalent compounds are indicated by using a prefix system for
both elements. The Greek and Latin prefixes for one through ten are mono, di, tri, tetra,
penta, hexa, hepta, octa, nona, and deca. The prefix “mono-" is omitted for both ele-
ments except in the common name for CO, carbon monoxide. We use the minimum
number of prefixes needed to name a compound unambiguously. The final “a” in a prefix

“ar.

is omitted when the nonmetal stem begins with the letter “0”; we write “heptoxide,” not
“heptaoxide.”

Formula Name ‘ Formula Name
SO, sulfur dioxide ClL,0, dichlorine heptoxide
SO, sulfur trioxide CS, carbon disulfide
N,O, dinitrogen tetroxide SF, sulfur tetrafluoride
As Oy tetraarsenic hexoxide SF; sulfur hexafluoride

Binary acids are compounds in which H is bonded to a Group VIA element other
than O or to a Group VIIA element; they act as acids when dissolved in water. The pure
compounds are named as typical binary compounds. Their aqueous solutions are named by
modifying the characteristic stem of the nonmetal with the prefix “hydro-” and the suffix
“-ic” followed by the word “acid.” The stem for sulfur in this instance is “sulfur” rather
than “sulf.”
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If you don’t already know them, you
should learn these common prefixes.

Number Prefix
2 di
3 tri
4 tetra
5 penta
6 hexa
7 hepta
8 octa
9 nona

10 deca
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Formula Name of Compound

Name of Aqueous Solution

HCI
HF
H,S
HCN

hydrogen chloride
hydrogen fluoride
hydrogen sulfide

hydrogen cyanide

hydrochloric acid, HCl(aq)
hydrofluoric acid, HF(aq)

hydrosulfuric acid, H,S(aq)
hydrocyanic acid, HCN(aq)

In later chapters we will learn additional systematic rules for naming more complex

compounds.

LR B Formulas, Ionic Charges, and Names for Some Common Ions

Common Cations Common Anions
Formula  Charge Name Formula Charge Name
Lit 1+ lithium ion F- 1- fluoride ion
Na* 1+ sodium ion Cl- 1- chloride ion
K+ 1+ potassium ion Br~ 1- bromide ion
NH,* 1+ ammonium ion I~ 1- iodide ion
Ag* 1+ silver ion OH~ 1- hydroxide ion
CN- 1- cyanide ion
Mg?+ 2+ magnesium ion ClOo~ 1- hypochlorite ion
Cal* 2+ calcium ion ClO,~ 1- chlorite ion
BaZ* 2+ barium ion ClO;~ 1- chlorate ion
Cd?* 2+ cadmium ion ClO4~ 1- perchlorate ion
Zn?* 2+ zinc ion CH;COO~ 1- acetate ion
Cu?* 2+ copper(Il) ion or cupric ion MnO,~ 1- permanganate ion
Hg,?* 2+ mercury(l) ion or mercurous ion NO,~ 1- nitrite ion
Hg?* 2+ mercury(II) ion or mercuric ion NO;~ 1- nitrate ion
MnZ* 2+ manganese(Il) ion or manganous ion SCN~ 1- thiocyanate ion
Co?* 2+ cobalt(IT) ion or cobaltous ion
Niz+ 2+ nickel(IT) ion or nickelous ion 02~ 2— oxide ion
Pb2+ 2+ lead(IT) ion or plumbous ion S2- 2— sulfide ion
SnZ+ 2+ tin(I) ion or stannous ion HSO;~ 1- hydrogen sulfite ion or bisulfite ion
Fel* 2+ iron(II) ion or ferrous ion SO42- 2— sulfite ion
HSO,~ 1- hydrogen sulfate ion or bisulfate ion
Fe3+ 3+ iron(III) ion or ferric ion SO2- 2- sulfate ion
AB+ 3+ aluminum ion HCO;~ 1- hydrogen carbonate ion or bicarbonate ion
Cr3t 3+ chromium(III) ion or chromic ion CO42~ 2— carbonate ion
CrO 2~ 2— chromate ion
Cr,0,2~ 2- dichromate ion
PO}~ 3— phosphate ion
AsO,3~ 3— arsenate ion
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PEF] NAMING TERNARY ACIDS AND THEIR SALTS

A ternary compound consists of three elements. Ternary acids (oxoacids) are compounds
of hydrogen, oxygen, and (usually) a nonmetal. Nonmetals that exhibit more than one
oxidation state form more than one ternary acid. These ternary acids differ in the number
of oxygen atoms they contain. The suffixes “-ous” and “-ic” following the stem name of
the central element indicate lower and higher oxidation states, respectively. One common
ternary acid of each nonmetal is (somewhat arbitrarily) designated as the “-ic” acid. That
is, it is named by putting the element stem before the “-ic” suffix. The common ternary
“-ic acids” are shown in Table 4-16. It is important to learn the names and formulas of
these acids, because the names of all other ternary acids and salts are derived from them.
There are no common “-ic” ternary acids for the omitted nonmetals.

Acids containing one fewer oxygen atom per central atom are named in the same way
except that the “-ic” suffix is changed to “-ous.” The oxidation number of the central
element is Jower by 2 in the “-ous” acid than in the “-ic” acid.

Formula Ox. No. Name ‘ Formula Ox. No. Name
H,SO; +4 sulfurous acid H,SO, +6 sulfuric acid
HNO, +3 nitrous acid HNO; +5 nitric acid
H,SeO; +4 selenous acid H,SeO, +6 selenic acid
HBrO, +3 bromous acid HBrO; +5 bromic acid

LRI B Formulas of Some “-ic” Acids

Periodic Group of Central Elements
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The oxoacid with the central element
in the highest oxidation state usually
contains more O atoms. Oxoacids
with their central elements in lower
oxidation states usually have fewer O
atoms.

114 A VA VIA VIIA
® &) ®
H;BO; H,CO;, HNO;
boric acid carbonic acid nitric acid
H,SiO, H;PO, H,SO, HCIO;,
silicic acid phosphoric acid sulfuric acid chloric acid
® &) ®
H;AsO, H,SeO, HBrO;

arsenic acid

selenic acid

HTeOq

telluric acid

bromic acid

)
HIO,

iodic acid

Note that the oxidation state of the central atom is equal to its periodic group number, except for the halogens.
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Notice that H,N,0O, has a 1:1 ratio of
nitrogen to oxygen, as would the
hypothetical HNO.
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Ternary acids that have one fewer O atom than the “-ous” acids (two fewer O atoms
than the “-ic” acids) are named using the prefix “hypo-” and the suffix “-ous.” These are
acids in which the oxidation state of the central nonmetal is Jower by 2 than that of the
central nonmetal in the “-ous acids.”

Formula Ox. No. Name

HCIO +1 hypochlorous acid
H;PO, +1 hypophosphorous acid
HIO +1 hypoiodous acid
H,N,0, +1 byponitrous acid

Acids containing one more oxygen atom per central nonmetal atom than the normal
“-ic acid” are named “perstemic” acids.

Formula Ox. No. Name
HCIO, +7 perchloric acid
HBrO, +7 perbromic acid
HIO, +7 periodic acid

The oxoacids of chlorine can be summarized as follows:

Formula Ox. No. Name
HCIO +1 hypochlorous acid
HCIO, +3 chlorous acid
HCIO; +5 chloric acid
HCIO, +7 perchloric acid

Ternary salts are compounds that result from replacing the hydrogen in a ternary acid
with another ion. They usually contain metal cations or the ammonium ion. As with binary
compounds, the cation is named first. The name of the anion is based on the name of the
ternary acid from which it is derived.

An anion derived from a ternary acid with an “-ic” ending is named by dropping the
“-ic acid” and replacing it with “-ate.” An anion derived from an “-ous acid” is named by
replacing the suffix “-ous acid” with “-ite.” The “per-” and “hypo-” prefixes are retained.

Formula Name

(NH,),S0, ammonium sulfate (SO,>~, from sulfuric acid, H,SO,)

KNO; potassium nitrate (NO;~, from nitric acid, HNOj;)
Ca(NO,), calcium nitrite (NO, ~, from nitrous acid, HNO,)

LiClO, lithium perchlorate (C1O,4~, from perchloric acid, HCIO,)
FePO, iron(IIT) phosphate (PO,*~, from phosphoric acid, H;PO,)
NaClO sodium hypochlorite (CIO~, from hypochlorous acid, HCIO)

Acidic salts contain anions derived from ternary polyprotic acids in which one or more
acidic hydrogen atoms remain. These salts are named as if they were the usual type of
ternary salt, with the word “hydrogen” or “dihydrogen” inserted after the name of the
cation to show the number of acidic hydrogen atoms.
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Formula Name Formula Name

NaHSO,  sodium hydrogen sulfate KH,PO, potassium dihydrogen phosphate

NaHSO;  sodium hydrogen sulfite K,HPO, potassium hydrogen phosphate
NaHCO;  sodium hydrogen carbonate

An older, commonly used method (which is not recommended by the IUPAC, but
which is widely used in commerce) involves the use of the prefix “bi-” attached to the
name of the anion to indicate the presence of an acidic hydrogen. According to this system,

NaHSOy, is called sodium bisulfate and NaHCOj; is called sodium bicarbonate.

/ Problem-Solving Tip: Naming Ternary Acids and Their Anions

The following table might help you to remember the names of the ternary acids and
their ions. First learn the formulas of the acids mentioned earlier that end with “-ic acid.”
Then relate possible other acids to the following table. The stem (XXX) represents the

stem of the name, for example, “nitr,” “sulfur,” or “chlor.”

5 Ternary Acid Anion
tE
wi S perXXXic acid perXXXate
25T XXXic acid XXXate
558 XXXous acid XXXite
BES|  hypoXXXous acid bypoXXXite
Key Terms

Decreasing number
of oxygen atoms
on central atom

Acid A substance that produces H*(aq) ions in aqueous solution.
Strong acids ionize completely or almost completely in dilute
aqueous solution. Weak acids ionize only slightly.

Acid-base reaction See Neutralization reaction.

Active metal A metal that readily loses electrons to form cations.

Activity series A listing of metals (and hydrogen) in order of
decreasing activity.

Alkali metals Elements of Group IA in the periodic table, except
hydrogen.

Alkaline earth metals Group ITA elements in the periodic table.

Atomic number The number of protons in the nucleus of an
atom of an element.

Base A substance that produces OH™(aq) ions in aqueous solu-
tion. Strong bases are soluble in water and are completely
dissociated. Weak bases ionize only slightly.

Binary acid A binary compound in which H is bonded to a non-
metal in Group VIIA or a nonmetal other than oxygen in Group
VIA.

Binary compound A compound consisting of two elements; may
be ionic or molecular.

Chemical periodicity The variation in properties of elements
with their positions in the periodic table.

Combination reaction Reaction in which two substances (ele-
ments or compounds) combine to form one compound.

Decomposition reaction Reaction in which a compound
decomposes to form two or more products (elements, com-
pounds, or some combination of these).

Displacement reaction A reaction in which one element dis-
places another from a compound.
Disproportionation reaction A redox reaction in which the oxi-
dizing agent and the reducing agent are the same element.
Dissociation In aqueous solution, the process in which a solid
fomic compound separates into its ions.

Electrolyte A substance whose aqueous solutions conduct elec-
tricity.

Formula unit equation An equation for a chemical reaction in
which all formulas are written as complete formulas.

Gas-formation reaction A metathesis reaction in which an
insoluble or slightly soluble gas is formed as a product.

Group (family) The elements in a vertical column of the peri-
odic table.

Halogens Group VIIA elements in the periodic table.

Ionization In aqueous solution, the process in which a molecular
compound separates to form ions.
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Metal An element below and to the left of the stepwise division
(metalloids) of the periodic table; about 80% of the known ele-
ments are metals.

Metalloids Elements with properties intermediate between met-
als and nonmetals: B, Si, Ge, As, Sb, Te, Po, and At.

Metathesis reaction A reaction in which the positive and neg-
ative ions in two compounds “change partners,” with no change
in oxidation numbers, to form two new compounds.

Net ionic equation An equation that results from canceling
spectator ions from a total ionic equation.

Neutralization reaction The reaction of an acid with a base to
form a salt. Often, the reaction of hydrogen ions with hydrox-
ide ions to form water molecules.

Noble (rare) gases Elements of Group VIIIA in the periodic
table.

Nonelectrolyte A substance whose aqueous solutions do not
conduct electricity.

Nonmetals Elements above and to the right of the metalloids in
the periodic table.

Oxidation An increase in oxidation number; corresponds to a
loss of electrons.

Oxidation numbers Arbitrary numbers that can be used as
mechanical aids in writing formulas and balancing equations;
for single-atom ions they correspond to the charge on the ion;
less metallic atoms are assigned negative oxidation numbers in
compounds and polyatomic ions.

Oxidation-reduction reaction A reaction in which oxidation
and reduction occur; also called a redox reaction.

Oxidation states See Oxidation numbers.

Oxidizing agent The substance that oxidizes another substance
and is reduced.

Period The elements in a horizontal row of the periodic table.

Periodic law The properties of the elements are periodic func-
tions of their atomic numbers.

Periodic table An arrangement of elements in order of increas-
ing atomic number that also emphasizes periodicity.

Periodicity Regular periodic variations of properties of elements
with atomic number (and position in the periodic table).

Exercises

CHAPTER 4: Some Types of Chemical Reactions

Precipitate An insoluble solid that forms and separates from a
solution.

Precipitation reaction A reaction in which a solid (precipitate)
forms.

Pseudobinary ionic compound A compound that contains
more than two elements but is named like a binary compound.

Redox reaction See Oxidation—reduction reaction.

Reducing agent The substance that reduces another substance
and is oxidized.

Reduction A decrease in oxidation number; corresponds to a
gain of electrons.

Reversible reaction A reaction that occurs in both directions;
described with double arrows (=).

Salt A compound that contains a cation other than H* and an
anion other than OH™ or O%~.

Semiconductor A substance that does not conduct electricity at
low temperatures but does so at higher temperatures.

Spectator ions Ions in solution that do not participate in a chem-
ical reaction. They do not appear in net ionic equations.

Strong acid An acid that ionizes (separates into ions) completely,
or very nearly completely, in dilute aqueous solution.

Strong electrolyte A substance that conducts electricity well in
dilute aqueous solution.

Strong base Metal hydroxide that is soluble in water and disso-
ciates completely in dilute aqueous solution.

Ternary acid A ternary compound containing H, O, and another
element, usually a nonmetal.

Ternary compound A compound consisting of three elements;
may be ionic or molecular.

Total ionic equation An equation for a chemical reaction writ-
ten to show the predominant form of all species in aqueous
solution or in contact with water.

Weak acid An acid that ionizes only slightly in dilute aqueous
solution.
Weak base A molecular substance that ionizes only slightly in

water to produce an alkaline (base) solution.
Weak electrolyte A substance that conducts electricity poorly
in dilute aqueous solution.

The Periodic Table

1. State the periodic law. What does it mean?

2. What was Mendeleev’s contribution to the construction of
the modern periodic table?

3. Consult a handbook of chemistry, and look up melting
points of the elements of Periods 2 and 3. Show that melt-
ing point is a property that varies periodically for these
elements.

“4. Mendeleev’s periodic table was based on increasing atomic
weight. Argon has a higher atomic weight than potassium,

yet in the modern table argon appears before potassium.
Explain how this can be.

5. Estimate the density of antimony from the following den-
sities (g/cm?®): As, 5.72; Bi, 9.8; Sn, 7.30; Te, 6.24. Show
how you arrived at your answer. Using a reference other
than your textbook, look up the density of antimony. How
does your predicted value compare with the reported
value?

6. Given the following melting points in °C, estimate the
value for CBr,: CF,, —184; CCl,, —23; CI,, 171 (decom-
poses). Using a reference other than your textbook, look



9.

10.

11.

12.

up the melting point of CBr,. How does your predicted
value compare with the reported value?

. Calcium and magnesium form the following compounds:

CaCl,, MgCl,, CaO, MgO, Ca;N,, and Mg;N,. Predict
the formula for a compound of (a) magnesium and sulfur,
(b) barium and bromine.

. The formulas of some hydrides of second-period repre-

sentative elements are as follows: BeH,, BH;, CH,, NH;,
H,O, HE. A famous test in criminology laboratories for
the presence of arsenic (As) involves the formation of
arsine, the hydride of arsenic. Predict the formula of arsine.

Arsine burns to form a dark spot.

Distinguish between the following terms clearly and con-
cisely, and provide specific examples of each: groups
(families) of elements, and periods of elements.

Write names and symbols for (a) the alkaline earth met-
als, (b) the Group IVA elements, (c¢) the Group VIB
elements.

Write names and symbols for (a) the alkali metals, (b) the
noble gases, (c) the Group IITA elements.

Define and illustrate the following terms clearly and con-
cisely: (a) metals, (b) nonmetals, (c) halogens.

Aqueous Solutions

13.

14.

15.

16.

17.
18.

19.
20.
21.

Define and distinguish among (a) strong electrolytes,
(b) weak electrolytes, and (c) nonelectrolytes.

Three common classes of compounds are electrolytes.
Name them, and give an example of each.

Define (a) acids, (b) bases, (c) salts, and (d) molecular com-
pounds.

How can a salt be related to a particular acid and a par-
ticular base?

List the names and formulas of the common strong acids.
Write equations for the ionization of the following acids:
(a) hydrochloric acid, (b) nitric acid, (c) chloric acid.

List names and formulas of five weak acids.

List names and formulas of the common strong bases.
Write equations for the ionization of the following acids.

22.

23.

24.

25.
26.

27.

28.

29.

30.

31.

35.

36.
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Which ones ionize only slightly? (a) HE, (b) H,SO;,
(¢c) CH;COOH, (d) HNO;.

The most common weak base is present in a common
household chemical. Write the equation for the ionization
of this weak base.

Summarize the electrical properties of strong electrolytes,
weak electrolytes, and nonelectrolytes.

What is the difference between ionization and dissociation
in aqueous solution?

List names and formulas of five insoluble bases.

Many household “chemicals” are acidic or basic. List a few
of each kind.

What are reversible reactions? Give some examples.
Which of the following are strong electrolytes? Weak
electrolytes? Nonelectrolytes? (a) NaNOj;, (b) Ba(OH),,
(c) CH;0H, (d) HCN, (e) AIINO;3);.

Classify the following as strong electrolytes, weak elec-
trolytes, or nonelectrolytes: (a) HCIO,, (b) HCIO,,
(¢c) CH;CH,OH, (d) CH;COOH, (e) HNO;.

Write the formulas of two soluble and two insoluble chlo-
rides, sulfates, and hydroxides.

Describe an experiment for classifying each of these com-
pounds as a strong electrolyte, a weak electrolyte, or a
nonelectrolyte: Na,CO;, HCN, CH;0H, H,S, H,SO,,
NH;. Predict and explain the expected results.

. (a) Which of these are acids? HI, NH;, H,SeO,, BFj;,

Fe(OH);, H,S, C(H,, CsOH, H;PO;, HCN. (b) Which
of these are bases? NaOH, H,Se, BCl;, NH;.

. Classify each substance as either an electrolyte or a

nonelectrolyte: NH,CIl, HBr, C;H,, Zn(CH;COO),,
Cu(NO;),, CH;COOH, C;;H,,0;; (sugar), LiOH,
KHCO;, CCly, Lay(SOy);, L.

. Classify each substance as either a strong or weak elec-

trolyte, and then list (a) the strong acids, (b) the strong
bases, (c) the weak acids, and (d) the weak bases. NaCl,
MgSO,, HCI, H,C,0, Ba(NO;),, H;PO,, CsOH,
HNO;, HI, Ba(OH),, LiOH, C,H;COOH, NH;, KOH,
Mg(CH;COO0),, HCN, HCIO,.

Some chemical reactions reach an equilibrium, rather than
going to completion. What is “equal” in such an equilib-
rium?

Vinegar is 5% acetic acid, an organic acid, by mass. Many
organic acids occur in living systems. What conclusion can
be drawn from this information as to the strengths of
organic acids?

Oxidation Numbers

37.

Assign oxidation numbers to the element specified in each

group of compounds.

(@ N in NO, N,0;, N,0,, NH;, N,H,, NH,OH,
HNO,, HNO;

(b) Cin CO, CO,, CH,0, CH,0, C,H,O, (COOH),,
Na,CO;

(o) Sin Sg H,S, SO,, SO;, Na,S0;, H,50,, K,SO,
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38.

39.

40.
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Assign oxidation numbers to the element specified in each

group of compounds.

(@) P in PClL;, PO, P,0,,, HPO;, H;PO;, POCI,
H,4P,0;, Mg;(PO,),

(b) Cl in Cl,, HCI, HCIO, HCIO,, KCIO;, CIl,0,,
Ca(ClOy),

(¢ Mn in MnO, MnO,, Mn(OH),, K,MnO,, KMnO,,
Mn,0,

(d) O in OF,, Na,0, Na,0,, KO,

Assign oxidation numbers to the element specified in each

group of ions.

(@ Sin $?7, SO;3%7, SO,%7, S,0527, S04, HS

(b) Crin CrO,™, Cr(OH),~, CrO,*~, Cr,0,2~

(¢) Bin BO,™, BO;*~, B,O,*~

Assign oxidation numbers to the element specified in each

group of ions.

(@) Nin N7, NO,™, NO;~, N;~, NH,*

(b) Brin Br—, BrO~, BrO,~, BrO;~, BrO,~

Oxidation — Reduction Reactions

41.

42.

43.

44.

45.

Define and illustrate the following terms: (a) oxidation,
(b) reduction, (c) oxidizing agent, (d) reducing agent.
Why must oxidation and reduction always occur simulta-
neously in chemical reactions?
Determine which of the following are oxidation—reduction
reactions. For those that are, identify the oxidizing and
reducing agents.
(@) 3Zn(s) + 2CoCls(aq) — 3ZnCl,(aq) + 2Co(s)
(b) ICI(s) + H,O(¢) - HCl(aq) + HIO(aq)
() 3HCl(aq) + HNO;(aq) —

Cly(g) + NOCI(g) + 2H,0()

(d) Fe,O5(s) + 3CO(g) ﬂ) 2Fe(s) + 3CO,(g)
Determine which of the following are oxidation—reduction
reactions. For those that are, identify the oxidizing and
reducing agents.
(a) HgCl,(aq) + 2KI(aq) — Hgl,(s) + 2KCl(aq)
(b) 4NH;(g) + 30,(g) — 2N, (g) + 6H,0(g)
(©) CaCOxs(s) + 2ZHNO;(aq) —

Ca(NOy),(aq) + CO,(g) + H,0(f)
(d) PCL() + 3H,0(f) — 3HCl(aq) + H;PO5(aq)
Write balanced formula unit equations for the following
redox reactions:
(a) aluminum reacts with sulfuric acid, H,SO,, to pro-
duce aluminum sulfate, Al,(SO,);, and hydrogen
nitrogen, N,, reacts with hydrogen, H,, to form
ammonia, NH;
zinc sulfide, ZnS, reacts with oxygen, O,, to form zinc
oxide, ZnO, and sulfur dioxide, SO,
carbon reacts with nitric acid, HNOj3, to produce
nitrogen dioxide, NO,, carbon dioxide, CO,, and
water
sulfuric acid reacts with hydrogen iodide, HI, to pro-
duce sulfur dioxide, SO,, iodine, I,, and water

(b)
©
(d)

(©)

46.

47.

48.

Identify the oxidizing agents and reducing agents in the
oxidation-reduction reactions given in Exercise 45.
Wrrite total ionic and net ionic equations for the follow-
ing redox reactions occurring in aqueous solution or in
contact with water:
(a) Fe+2HClI — FeCl, + H,
(b) 2KMnO, + 16HCl —

2MnCl, + 2KCl + 5CL, + 8H,0
(Note: MnCl, is water-soluble.)
() 4Zn + 10HNO; —

4Zn(NO;), + NH,NO; + 3H,0.
The air we inhale contains O,. We exhale CO, and H,O.
Does this suggest that our bodily processes involve oxida-
tion? Why?

Combination Reactions

49.

50.

51.

52.

Write balanced equations that show the combination reac-
tions of the following Group IA metals combining with
the Group VIIA nonmetals. (a) Li and Cl,, (b) K and F,,
(¢) Naand I,

Write balanced equations that show the combination reac-
tions of the following Group ITA metals and Group VIIA
nonmetals. (a) Be and F,, (b) Ca and Br,, (c) Ba and Cl,
Phosphorus and fluorine can react to form two com-
pounds. Write balanced equations for these reactions.
Which reaction requires excess phosphorus and which
requires excess fluorine?

Two binary compounds contain arsenic and chlorine.
What are their formulas? Under what conditions could
each be formed?

In Exercises 53 and 54, some combination reactions are de-
scribed by words. Write the balanced chemical equation for each,
and assign oxidation numbers to elements other than H and O.

53.

54.

(a) Antimony reacts with a limited amount of chlorine to
form antimony(III) chloride.

(b) Antimony(IIl) chloride reacts with excess chlorine to

form antimony(V) chloride.

Carbon burns in a limited amount of oxygen to form

carbon monoxide.

Sulfur trioxide reacts with aluminum oxide to form

aluminum sulfate.

Dichlorine heptoxide reacts with water to form per-

chloric acid.

When cement “sets,” the main reaction is the combi-

nation of calcium oxide with silicon dioxide to form

calcium silicate, CaSiOy;.

©
(@)
(b)
©

Decomposition Reactions

In Exercises 55 and 56, write balanced formula unit equations
for the reactions described by words. Assign oxidation numbers
to all elements.

55.

(a) Hydrogen peroxide, H,0,, is used as an antiseptic.
Blood causes it to decompose into water and oxygen.



56.

(b) When heated, ammonium nitrate can decompose

explosively to form nitrogen oxide and steam.

(a) A “classroom volcano” is made by heating solid ammo-
nium dichromate, (NH,),Cr,0,, which decomposes
into nitrogen, chromium(III) oxide, and steam.

(b) At high temperatures, sodium nitrate (a fertilizer)
forms sodium nitrite and oxygen.

Displacement Reactions

57.

58.

59.

60.

61.

62.

63.

64.

65.

66.

67.

Which of the following would displace hydrogen when a

piece of the metal is dropped into dilute H,SO, solution?

Write balanced total ionic and net ionic equations for the

reactions: Zn, Cu, Sn, Al

Which of the following metals would displace copper from

an aqueous solution of copper(Il) sulfate? Write balanced

total ionic and net ionic equations for the reactions: Hg,
7Zn, Fe, Pt.

Arrange the metals listed in Exercise 57 in order of increas-

ing activity.

Arrange the metals listed in Exercise 58 in order of increas-

ing activity.

Which of the following metals would displace hydrogen

from cold water? Write balanced net ionic equations for

the reactions: Zn, Na, Ca, Cr.

Arrange the metals listed in Exercise 61 in order of increas-

ing activity.

What is the order of decreasing activity of the halogens?

Of the possible displacement reactions shown, which

one(s) could occur?

(@ 2Cl (aq) + Br,(£) — 2Br(aq) + Cly(g)

(b) 2Br~(aq) + Fy(g) — 2F (aq) + Br,(¢)

(© 2I"(aq) + Cly(g) — 2CI~(aq) + L;(s)

(d) 2Br~(aq) + I,(s) — 21 (aq) + Br,(¢)

(a) Name two common metals: one that does not displace
hydrogen from water, and one that does not displace
hydrogen from water or acid solutions.

(b) Name two common metals: one that does displace
hydrogen from water, and one that displaces hydro-
gen from acid solutions but not from water. Write net
ionic equations for the reactions that occur.

Predict the products of each mixture. If a reaction occurs,

write the net ionic equation. If no reaction occurs, write

“no reaction.”

(@) Cd**(aq) + Al —

(b) Li + H,0 —

(¢ Ni+H,0—

(d) Hg + HCl(aq) —

(e) Ni+ H,SO4aq) —

() Fe + H,SOy4(aq) —

Use the activity series to predict whether or not the fol-

lowing reactions will occur:

(@) Cu(s) + Mg?* — Mg(s) + Cu?*

(b) Ni(s) + Cu?* — Ni2* + Cu(s)

68.
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(©) Cu(s) + 2HT — Cu?* + H,(g)

(d) Mg(s) + H,0(g) — MgO(s) + H(g)
Repeat Exercise 67 for

(a) Sn(s) + Ca2* — Sn?* + Ca(s)

(b) ALOL@) + 3Hy(g) 2% 2Al(5) + 3H,0(g)

(©) Cu(s) + 2HT — Cu?* + H,(g)
() Cu(s) + Pb2* — Cu* + Ph(s)

Metathesis Reactions

Exercises 69 and 70 describe precipitation reactions i aqueous
solutions. For each, write balanced (i) formula unit, (ii) total ionic,
and (iii) net ionic equations. Refer to the solubility guidelines as
necessary.

69.

70.

(a) Black-and-white photographic film contains some sil-
ver bromide, which can be formed by the reaction of
sodium bromide with silver nitrate.
Barium sulfate is used when x-rays of the gastroin-
testinal tract are made. Barium sulfate can be prepared
by reacting barium chloride with dilute sulfuric acid.
(¢) In water purification systems small solid particles are
often “trapped” as aluminum hydroxide precipitates
and falls to the bottom of the sedimentation pool. Alu-
minum sulfate reacts with calcium hydroxide (from
lime) to form aluminum hydroxide and calcium sul-
fate.
(@ Our bones are mostly calcium phosphate. Calcium
chloride reacts with potassium phosphate to form cal-
cium phosphate and potassium chloride.
Mercury compounds are very poisonous. Mercury(II)
nitrate reacts with sodium sulfide to form mercury(I)
sulfide, which is very insoluble, and sodium nitrate.
(¢) Chromium(III) ions are very poisonous. They can be
removed from solution by precipitating very insoluble
chromium(III) hydroxide. Chromium(IIl) chloride
reacts with calcium hydroxide to form chromium(III)
hydroxide and calcium chloride.

(b)

(b)

In Exercises 71 through 74, write balanced (i) formula unit, (ii)
total ionic, and (iii) net ionic equations for the reactions that
occur between the acid and the base. Assume that all reactions
occur in water or in contact with water.

71.

72.

*73.

74.

(a) hydrochloric acid + calcium hydroxide
(b) dilute sulfuric acid + potassium hydroxide
(¢) perchloric acid + aqueous ammonia

(a) acetic acid + potassium hydroxide

(b) sulfurous acid + sodium hydroxide

(¢) hydrofluoric acid + lithium hydroxide

(a) potassium hydroxide + hydrosulfuric acid
(b) barium hydroxide + hydrosulfuric acid
(¢) lead(Il) hydroxide + hydrosulfuric acid
(a) sodium hydroxide + sulfuric acid

(b) calcium hydroxide + phosphoric acid

(c) copper(Il) hydroxide + nitric acid
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In Exercises 75 through 78, write balanced (i) formula unit, 89. (a) Ba(NO;), + K,CO; —
(i) total ionic, and (iii) net ionic equations for the reaction of (b) NaOH +NiCl, —
an acid and a base that will produce the indicated salts. (¢) AL, (SOy; + NaOH —
75. (a) sodium chloride, (b) sodium phosphate, (c) barium 90. (a) Cu(NO;), + Na,§S —
acetate (b) CdSO, + H,S —
76. (a) calcium perchlorate, (b) ammonium sulfate, (c) cop- (¢) Biy(SO,); + (NH,),S —
per(I) acetate 91. In each of the following, both compounds are water-
*77. (a) sodium carbonate, (b) barium carbonate, (c) nickel(IT) soluble. Predict whether a precipitate will form when solu-
nitrate tions of the two are mixed, and, if so, identify the
*78. (a) sodium sulfide, (b) aluminum phosphate, (c) lead(II) compound that precipitates. (a) Pb(INO;),, Nal; (b)
arsenate Ba(NO3),, KCI; (¢) (NH),S, AgNO,
79. (a) Propose a definition for salts, as a class of compounds, 92. In each of the following, both compounds are water-
on the basis of how they are formed. soluble. Predict whether a precipitate will form when solu-
(b) Provide an example, in the form of a chemical reac- tions of the two are mixed, and, if so, identify the
tion, to illustrate your definition of salts. compound that precipitates. (a) NH,Br, Hg,(NOs),; (b)
80. We can tell from the formula of a salt how it can be KOH, Na,S; (c) Cs,SO,, MgCl,

produced. Write a balanced chemical equation for the . .
production of each of the following salts: (a) magnesium ~ldentifying Reaction Types

sulfaFe, (b) aluminun} SUIﬁte, (c) potassium carbonate, The following reactions apply to Exercises 93 through 101.
(d) zinc chlorate, (e) lithium acetate. (2) H,SO4(aq) + 2KOH(aq) — K,S0,(aq) + 2H,0(¢)
81. Magnesium hydroxide is a gelatinous material that forms heat
during the water purification process in some water treat- (b) 2Rb(s) + Br,(€) —— 2RbBr(s)
ment plants because of magnesium ions in the water. (0 2Kl(aq) + F,(g) — 2KF(aq) + L,(s)
(a) Write the chemical equation for the reaction of . heat .
hydrochloric acid with magnesium hydroxide. (b) Explain (@) CaO) + Sloi(esa)t CaSios)
what drives this reaction to completion. (&) S(s) + O,(g) —— SO,(g)
(f) BaCOjs(s) heat, BaO(s) + CO,(g)
Precipitation Reactions (g) HgS(s) + O,(g) best, Hg(€) + SO,(g)
82. A common test for the presence of chloride ions is the for- (h) AgNOs(aq) + HCl(aq) — AgCl(s) + HNOs(aq)
mation of a heavy, white precipitate when a solution of @) Pb(s) + 2HBr(aq) — PbBr,(s) + H,(g)
silver nitrate is added. (a) Write the balanced chemical G) 2HI(aq) + H,0,(aq) — L,(s) + 2H,0(¢)
equation for the production of silver chloride from silver () RbOH(aq) + HNOj(aq) — RbNO,(aq) + H,O(¢)

nitrate solution and calcium chloride solution. (b) Explain

why this reaction goes to completion. I N;Os(s) + H,0(0) — 2HNO;(aq)

83. Based on the §olubility guidelines given in Table 4-8, how (m) H,O(g) + CO(g) ﬁ) H,(g) + CO(g)
yvould you write the fgrmulas for the following substances (n) MgO(s) + H,0(£) — Mg(OH),(s)
in a total ionic equation? (a) PbSO,, (b) Na(CH;COO), heat
(¢) Na,COj, (d) MnS, () BaCl,. (0) PbSOy4(s) + PbS(s) —— 2Pb(s) + 250,(g)
84. Repeat Exercise 83 for the following: (a) (NH,),SOy,, 93. Identify the precipitation reactions.
(b) NaBr, (¢) Sr(OH),, (d) Mg(OH),, (¢) Na,CO;. 94. Identify the acid—base reactions.
Refer to the solubility guidelines given in Table 4-8. Classify the 95. Identify the oxidation—reduction reactions.
compounds in Exercises 85 through 88 as soluble, moderately 96. Identify the oxidizing agent and reducing agent for each
soluble, or insoluble in water. oxidation—reduction reaction.
85. (a) NaClO,, (b) AgCl, () Pb(NOs),, (d) KOH, 97. Identify the displacement reactions.
(e) CaSO, 98. Identify the metathesis reactions.
86. (a) BaSO,, (b) AIINO;);, (c) CuS, (d) Na,S, 99. Identify the combination reactions.
(e) Ca(CH;COO0), 100. Identify the decomposition reactions.
87. (a) Fe(NOy);, (b) Hg(CH;COO),, (c) BeCl,, (d) CuSOy,, 101. (a) Do any of these reactions fit into more than one class?
(e) CaCOy4 Which ones? (b) Do any of these reactions not fit into any
88. (a) KCIO;, (b) NH,CI, (c) NH;, (d) HNO,, (e) PbS of our classes of reactions? Which ones?
In Exercises 89 and 90, write balanced (i) formula unit, (ii) total 102. Predict whether or not a solid is formed when we mix the
ionic, and (iii) net ionic equations for the reactions that occur following; identify any solid product by name and identify

when aqueous solutions of the compounds are mixed. the reaction type: (a) copper(Il) nitrate solution and
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magnesium metal, (b) barium nitrate and sodium phos-
phate solutions, (c) calcium acetate solution with
aluminum metal, (d) silver nitrate and sodium iodide
solutions.

Predict whether or not a solid is formed when we mix the
following; identify any solid product by formula and by
name: (a) potassium permanganate and sodium phosphate
solutions, (b) lithium carbonate and cadmium nitrate,
(c) stannous fluoride and bismuth chloride, (d) strontium
sulfate with barium chloride solutions.

Naming Compounds

104.

105.

106.

107.

108.

109.

110.

111.

112.

113.

114.

115.

116.

117.

Name the following monatomic cations, using the [UPAC
system of nomenclature: (a) Li*, (b) Auw3*, (c) Ca?t,
(d) Zn?*, (e) Ag™.

Write the chemical symbol for each of the following:
(a) sodium ion, (b) lead(II) ion, (c) silver ion, (d) mer-
cury(Il) ion, (e) bismuth(III) ion.

Write the chemical formula for each of the following:
(a) chloride ion, (b) sulfide ion, (c) telluride ion, (d) oxide
ion, (e) nitrite ion.

Name the following ionic compounds: (a) K,S, (b) SnO,,
(¢) RbBr, (d) Li,O, (e) Ba;N,.

Name the following ionic compounds: (a) Cul,, (b) Hg,S,
(0) Li3N, (d) MnCl,, (e) CuCO;, (f) FeO.

Write the chemical formula for each of the following com-
pounds: (a) sodium fluoride, (b) zinc oxide, (c) barium
oxide, (d) magnesium bromide, (e¢) hydrogen cyanide,
(f) copper(I) chloride.

Write the chemical formula for each of the following
compounds: (a) copper(Il) chlorate, (b) potassium nitrite,
(c) barium phosphate, (d) copper(]) sulfate, (e) sodium sul-
fite.

What is the name of the acid with the formula H,CO;?
Write the formulas of the two anions derived from it and
name these ions.

What is the name of the acid with the formula H;PO;?
What is the name of the HPO;2~ ion?

Name the following binary molecular compounds: (a) NO,
(b) CO,, (o) SF, (d) SiCly, (e) IF.

Name the following binary molecular compounds: (a)
AsF;, (b) Br,0, (¢) BrFs, (d) CSe,, (¢) CL,0,.

Write the chemical formula for each of the following
compounds: (a) iodine bromide, (b) silicon dioxide,
(¢) phosphorus trichloride, (d) tetrasulfur dinitride,
(e) bromine trifluoride, (f) hydrogen telluride, (g) xenon
tetrafluoride.

Write the chemical formula for each of the following com-
pounds: (a) diboron trioxide, (b) dinitrogen pentasulfide,
(c) phosphorus triiodide, (d) sulfur tetrachloride, (e) sili-
con sulfide, (f) hydrogen sulfide, (g) tetraphosphorus
hexoxide.

Write formulas for the compounds that are expected to be
formed by the following pairs of ions:

Exercises 173

A.CI" | B.OH™ |C.50, | D.PO," | E.NO;~

1. NH," Omit —

see note
2. Na*
3. Mg+
4. Ni2*
5. Fe3t
6. Ag®

Note: The compound NH,OH does not exist. The solution
commonly labeled “NH,OH?” is aqueous ammonia, NH;(aq).

118. Write the names for the compounds of Exercise 117.

119. Write balanced chemical equations for each of the fol-
lowing processes: (a) Calcium phosphate reacts with
sulfuric acid to produce calcium sulfate and phosphoric
acid. (b) Calcium phosphate reacts with water containing
dissolved carbon dioxide to produce calcium hydrogen car-
bonate and calcium hydrogen phosphate.

120. Write balanced chemical equations for each of the fol-
lowing processes: (a) When heated, nitrogen and oxygen
combine to form nitrogen oxide. (b) Heating a mixture of
lead(II) sulfide and lead(IT) sulfate produces metallic lead
and sulfur dioxide.

CONCEPTUAL EXERCISES

As we have seen, two substances may react to form different

products when they are mixed in different proportions under

different conditions. In Exercises 121 and 122, write balanced

equations for the reactions described by words. Assign oxidation

numbers.

121. (a) Ethane burns in excess air to form carbon dioxide and
water.

(b) Ethane burns in a limited amount of air to form car-
bon monoxide and water.

(¢) Ethane burns (poorly) in a very limited amount of air
to form elemental carbon and water.

122. (a) Butane (C4H;) burns in excess air to form carbon
dioxide and water.

(b) Butane burns in a limited amount of air to form car-
bon monoxide and water.

(¢) When heated in the presence of very little air, butane
“cracks” to form acetylene, C,H,, carbon monoxide,
and hydrogen.

123. Use the general metallic trend of the periodic table to pre-
dict which element in each of the following pairs is more
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124.

125.

126.

127.

128.

CHAPTER 4: Some Types of Chemical Reactions

metallic: (a) aluminum or sodium, (b) aluminum or zinc,
(c) sodium or potassium, (d) silver or sulfur.

Use the general metallic trend of the periodic table to pre-
dict which element in each of the following pairs is more
metallic: (a) phosphorus or sulfur, (b) francium or uranium,
(c) oxygen or sulfur, (d) selenium or chlorine.

Calcium phosphate is the component of human bone that
provides rigidity. Fallout from a nuclear bomb can contain
radioactive strontium-90. These two facts are closely tied
together when one considers human health. Explain.
Limestone consists mainly of the mineral calcite, which is
calcium carbonate. A very similar deposit called dolostone
is composed primarily of the mineral dolomite, an ionic
substance that contains carbonate ions and a mixture of
magnesium and calcium ions. (a) Is this a surprising mix-
ture of ions? Explain, based on the periodic table. (b) A
test for limestone is to apply cold dilute hydrochloric acid,
which causes the rapid formation of bubbles. What causes

these bubbles?

The Dolomite Alps of Italy.

Chemical equations can be interpreted on either a partic-
ulate level (atoms, molecules, ions) or a mole level (moles
of reactants and products). Write word statements to
describe the combustion of butane on a particulate level
and a mole level.

2CH,(g) + 130,(g) — 8CO,(g) + 10H,0(¢)

Write word statements to describe the following reaction
on a particulate level and a mole level.

P,(s) + 6Cl,(g) —> 4PCly(0)

129.

130.

When the following pairs of reactants are combined in a
beaker: (a) describe in words what the contents of the
beaker would look like before and after any reaction that
might occur, (b) use different circles for atoms, molecules,
and ions to draw a nanoscale (particulate-level) diagram of
what the contents would look like, and (c) write a chemi-
cal equation for any reactions that might occur.

LiCl(aq) and AgNOs(aq)
NaOH(aq) and HCl(aq)
CaCO;(s) and HCl(aq)
Na,CO;(aq) and Ca(OH),(aq)

Explain how you could prepare barium sulfate by (a) an
acid—base reaction, (b) a precipitation reaction, and (c) a
gas-forming reaction. The materials you have to start with
are BaCOj;, Ba(OH),, Na,SO,, and H,SO,.

BUILDING YOUR KNOWLEDGE

131.

132.

133.

134.

All of the following useful ammonium salts dissolve easily
in water. Suggest the appropriate aqueous acid for prepar-
ing each salt, and describe each preparation by a balanced
“complete formula” equation. (a) Ammonium chloride:
Used in medicine as an expectorant and in certain solder-
ing operations as a “flux.” (b) Ammonium nitrate: A
valuable fertilizer, but potentially explosive; as in the 1995
bombing of the Federal Building in Oklahoma City.
(c) Ammonium sulfate: A common fertilizer often recom-
mended for alkaline soils. (d) Ammonium phosphate: A
particularly valuable fertilizer providing both nitrogen and
phosphorus, essential elements for plant growth.

How many moles of oxygen can be obtained by the decom-
position of 10.0 grams of reactant in each of the following
reactions?

(@) 2KClO4(s) — 2KCl(s) + 30,(g)
(b) 2H,0,(aq) — 2FL,O(€) + O,(g)

(©) 2HgO() — 2Hg(6) + Os(g)

Magnesium oxide, marketed as tablets or as an aqueous
slurry called “milk of magnesia,” is a common commercial
antacid. What volume, in milliliters, of fresh gastric juice,
corresponding in acidity to 0.17 M HCI, could be neu-
tralized by 125 mg of magnesium oxide?

MgO(s) + 2HCl(aq) —> MgCl,(aq) + H,0(¢)

What mass of Zn is needed to displace 20.6 grams of Cu
from CuSO, - 5H,0¢?
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OBJECTIVES
After you bave studied this chapter, you should be able to

Describe the evidence for the existence and properties of electrons, protons, and
neutrons

Predict the arrangements of the particles in atoms
Describe isotopes and their composition
Calculate atomic weights from isotopic abundance

Describe the wave properties of light and how wavelength, frequency, and speed are
related

Use the particle description of light, and explain how it is related to the wave
description

Relate atomic emission and absorption spectra to important advances in atomic
theory

Describe the main features of the quantum mechanical picture of the atom

Describe the four quantum numbers, and give possible combinations of their values for
specific atomic orbitals

Describe the shapes of orbitals and recall the usual order of their relative energies
Whrite the electron configurations of atoms

Relate the electron configuration of an atom to its position in the periodic table



5-1 Fundamental Particles

he Dalton theory of the atom and related ideas were the basis for our study of

composition stoichiometry (Chapter 2) and reaction stoichiometry (Chapter 3), but that

level of atomic theory leaves many questions unanswered. Why do atoms combine
to form compounds? Why do they combine only in simple numerical ratios? Why are
particular numerical ratios of atoms observed in compounds? Why do different elements
have different properties? Why are they gases, liquids, solids, metals, nonmetals, and so
on? Why do some groups of elements have similar properties and form compounds with
similar formulas? The answers to these and many other fascinating questions in chem-
istry are supplied by our modern understanding of the nature of atoms. But how can we
study something as small as an atom?

Much of the development of modern atomic theory was based on two broad types of
research carried out by dozens of scientists just before and after 1900. The first type dealt
with the electrical nature of matter. These studies led scientists to recognize that atoms
are composed of more fundamental particles and helped them to describe the approxi-
mate arrangements of these particles in atoms. The second broad area of research dealt
with the interaction of matter with energy in the form of light. Such research included
studies of the colors of the light that substances give off or absorb. These studies led to
a much more detailed understanding of the arrangements of particles in atoms. It became
clear that the arrangement of the particles determines the chemical and physical proper-
ties of each element. As we learn more about the structures of atoms, we are able to
organize chemical facts in ways that help us to understand the behavior of matter.

We will first study the particles that make up atoms and the basic structure of atoms.
Then we will take a look at the quantum mechanical theory of atoms and see how this
theory describes the arrangement of the electrons in atoms. Current atomic theory is
considerably less than complete. Even so, it is a powerful tool that helps us describe the
forces holding atoms in chemical combination with one another.

SUBATOMIC PARTICLES

[EE] FUNDAMENTAL PARTICLES

In our study of atomic structure, we look first at the fundamental particles. These are
the basic building blocks of all atoms. Atoms, and hence #// matter, consist principally of
three fundamental particles: electrons, protons, and neutrons. Knowledge of the nature and
functions of these particles is essential to understanding chemical interactions. The rela-
tive masses and charges of the three fundamental particles are shown in Table 5-1. The

VLA B Fundamental Particles of Matter

Charge

Particle Mass (relative scale)
electron (¢7) 0.00054858 amu 1-
proton (p or p*) 1.0073 amu 1+
neutron (z or n%) 1.0087 amu none
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* See the Saunders Interactive
General Chemistry CD-ROM,

Screen 7.2, Structure of Atoms.

WWW Accounts of some important
developments in atomic theory appear
on the World Wide Web; for example,
The National Museum of Science and
Industry can be found at
http://www.nmsi.ac.uk/on-line/
Electron

Many other subatomic particles, such
as quarks, positrons, neutrinos, pions,
and muons, have also been discovered.
It is not necessary to study their
characteristics to learn the
fundamentals of atomic structure that
are important in chemical reactions.
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The process is called chemical

electrolysis. Lysis means “splitting

apart.”

Study Figures 5-1 and 5-2 carefully as

you read this section.

(a)

(b)

(c)

Electron beam
(cathode rays)
Collimator

Charged metal

=

CHAPTER 5: The Structure of Atoms

mass of an electron is very small compared with the mass of either a proton or a neutron.
The charge on a proton is equal in magnitude, but opposite in sign, to the charge on an
electron. Let’s examine these particles in more detail.

EE] THE DISCOVERY OF ELECTRONS

Some of the earliest evidence about atomic structure was supplied in the early 1800s by
the English chemist Humphry Davy (1778—1829). He found that when he passed electric
current through some substances, the substances decomposed. He therefore suggested
that the elements of a chemical compound are held together by electrical forces. In 1832—
1833, Michael Faraday (1791-1867), Davy’s student, determined the quantitative rela-
tionship between the amount of electricity used in electrolysis and the amount of chemical
reaction that occurs. Studies of Faraday’s work by George Stoney (1826-1911) led him
to suggest in 1874 that units of electric charge are associated with atoms. In 1891, he
suggested that they be named electrons.

The most convincing evidence for the existence of electrons came from experiments
using cathode-ray tubes (Figure 5-1). Two electrodes are sealed in a glass tube containing

=

Fluorescent 3

screen
Magnet

(@)

=
*
T paddle wheel

Shadow
(e

Figure 5-1 Some experiments with cathode-ray tubes that show the nature
of cathode rays. (a) A cathode-ray (discharge) tube, showing the production
of a beam of electrons (cathode rays). The beam is detected by observing
the glow of a fluorescent screen. (b) A small object placed in a beam of
cathode rays casts a shadow. This shows that cathode rays travel in straight
lines. (c) Cathode rays have negative electric charge, as demonstrated by
their deflection in an electric field. (The electrically charged plates produce
an electric field.) (d) Interaction of cathode rays with a magnetic field is also
consistent with negative charge. The magnetic field goes from one pole to
the other. (e) Cathode rays have mass, as shown by their ability to turn a
small paddle wheel in their path.



5-2 The Discovery of Electrons

gas at a very low pressure. When a high voltage is applied, current flows and rays are
given off by the cathode (negative electrode). These rays travel in straight lines toward
the anode (positive electrode) and cause the walls opposite the cathode to glow. An object
placed in the path of the cathode rays casts a shadow on a zinc sulfide screen placed near
the anode. The shadow shows that the rays travel from the cathode toward the anode.
The rays must therefore be negatively charged. Furthermore, they are deflected by elec-
tric and magnetic fields in the directions expected for negatively charged particles.

In 1897 J. J. Thomson (1856—1940) studied these negatively charged particles more
carefully. He called them electrons, the name Stoney had suggested in 1891. By studying
the degree of deflections of cathode rays in different electric and magnetic fields, Thomson
determined the ratio of the charge (¢) of the electron to its mass (7z). The modern value
for this ratio is

e/m = 1.75882 X 108 coulomb (C)/gram

This ratio is the same regardless of the type of gas in the tube, the composition of the
electrodes, or the nature of the electric power source. The clear implication of Thomson’s
work was that electrons are fundamental particles present in all atoms. We now know that
this is true and that all atoms contain integral numbers of electrons.

Once the charge-to-mass ratio for the electron had been determined, additional exper-
iments were necessary to determine the value of either its mass or its charge, so that the
other could be calculated. In 1909, Robert Millikan (1868—1953) solved this dilemma with
the famous “oil-drop experiment,” in which he determined the charge of the electron.
This experiment is described in Figure 5-2. All of the charges measured by Millikan turned

Oil droplets

: — Atomizer
=D

ﬁ@* Microscope

Oil droplet
under observation

Small hOIC \

X-ray beam

.

Figure 5-2 'The Millikan oil-drop experiment. Tiny spherical oil droplets are produced by
an atomizer. The mass of the spherical drop can be calculated from its volume (obtained
from a measurement of the radius of the drop with a microscope) and the known density

of the oil. A few droplets fall through the hole in the upper plate. Irradiation with X-rays
gives some of these oil droplets a negative charge. When the voltage between the plates is
increased, a negatively charged drop falls more slowly because it is attracted by the positively
charged upper plate and repelled by the negatively charged lower plate. At one particular
voltage, the electrical force (up) and the gravitational force (down) on the drop are exactly
balanced, and the drop remains stationary. Knowing this voltage and the mass of the drop,
we can calculate the charge on the drop.
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The coulomb (C) is the standard unit
of quantity of electric charge. It is
defined as the quantity of electricity
transported in one second by a current
of one ampere. It corresponds to the
amount of electricity that will deposit
0.00111798 g of silver in an apparatus
set up for plating silver.

X-rays are a form of radiation of much
shorter wavelength than visible light
(see Section 5-10). They are
sufficiently energetic to knock
electrons out of the atoms in the air.
In Millikan’s experiment these free
electrons became attached to some of
the oil droplets.

Robert A. Millikan (/ef?) was an
American physicist who was a
professor at the University of
Chicago and later director of the
physics laboratory at the California
Institute of Technology. He won the
1923 Nobel Prize in physics.
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The charge on one mole (Avogadro’s
number) of electrons is 96,485
coulombs.

The value of e/m obtained by
Thomson and the values of ¢ and
obtained by Millikan differ slightly
from the modern values given in this
text because early measurements were
not as accurate as modern ones.

The proton was observed by
Rutherford and James Chadwick in
1919 as a particle that is emitted by
bombardment of certain atoms with
a-particles.

CHAPTER 5: The Structure of Atoms

out to be integral multiples of the same number. He assumed that this smallest charge
was the charge on one electron. This value is 1.60218 X 107! coulomb (modern value).
The charge-to-mass ratio, e/m = 1.75882 X 108 C/g, can be used in inverse form to
calculate the mass of the electron:
lg

m=——-"—"———X1.60218 X 10719 C
1.75882 X 108 C

9.10940 X 10~28 g

This is only about 1/1836 the mass of a hydrogen atom, the lightest of all atoms. Millikan’s
simple oil-drop experiment stands as one of the cleverest, yet most fundamental, of all
classic scientific experiments. It was the first experiment to suggest that atoms contain
integral numbers of electrons; we now know this to be true.

EEJ CANAL RAYS AND PROTONS

In 1886, Eugen Goldstein (1850-1930) first observed that a cathode-ray tube also gener-
ates a stream of positively charged particles that moves toward the cathode. These were
called canal rays because they were observed occasionally to pass through a channel, or
“canal,” drilled in the negative electrode (Figure 5-3). These positive rays, or positive ions,
are created when the gaseous atoms in the tube lose electrons. Positive ions are formed
by the process

Atom —— cation™ + ¢~ or X — Xt +e™ (energy absorbed)

Different elements give positive ions with different e/m ratios. The regularity of the e/m
values for different ions led to the idea that there is a unit of positive charge and that it
resides in the proton. The proton is a fundamental particle with a charge equal in magni-
tude but opposite in sign to the charge on the electron. Its mass is almost 1836 times that
of the electron.

N ”
= N

Positive ion

N

+

Figure 5-3 A cathode-ray tube with a different design and with a perforated cathode. Such
a tube was used to produce canal rays and to demonstrate that they travel toward the
cathode. Like cathode rays, these positive rays are deflected by electric or magnetic fields, but
in the opposite direction from cathode rays. Canal ray particles have e/ ratios many times
smaller than those of electrons, due to their much greater masses. When different elements
are in the tube, positive ions with different e/m ratios are observed.



5-4 Rutherford and the Nuclear Atom

EZ RUTHERFORD AND THE NUCLEAR ATOM

By the early 1900s, it was clear that each atom contains regions of both positive and nega-
tive charge. The question was, how are these charges distributed? The dominant view of
that time was summarized in J. J. Thomson’s model of the atom; the positive charge was
assumed to be distributed evenly throughout the atom. The negative charges were pictured
as being imbedded in the atom like plums in a pudding (the “plum pudding model”).

Soon after Thomson developed his model, tremendous insight into atomic structure
was provided by one of Thomson’s former students, Ernest Rutherford (1871-1937), who
was the outstanding experimental physicist of his time.

By 1909, Ernest Rutherford had established that alpha («) particles are positively
charged particles. They are emitted at high kinetic energies by some radioactive atoms,
that is, atoms that disintegrate spontaneously. In 1910, Rutherford’s research group carried
out a series of experiments that had an enormous impact on the scientific world. They
bombarded a very thin piece of gold foil with a-particles from a radioactive source. A
fluorescent zinc sulfide screen was placed behind the foil to indicate the scattering of the
a-particles by the gold foil (Figure 5-4). Scintillations (flashes) on the screen, caused by
the individual a-particles, were counted to determine the relative numbers of a-particles
deflected at various angles. Alpha particles were known to be extremely dense, much denser
than gold.

If the Thomson model of the atom were correct, any a-particles passing through the
foil would have been deflected by very small angles. Quite unexpectedly, nearly all of the
a-particles passed through the foil with little or no deflection. A few, however, were

Scintillation screen —
Slits 5
o
™ /
Gold foil
Lead block
(for shielding) Y

Alpha source

Figure 5-4 'The Rutherford scattering experiment. A narrow beam of a-particles from a
radioactive source was directed at a very thin sheet of gold foil. Most of the particles passed
right through the gold foil (brown). Many were deflected through moderate angles (shown in
red). These deflections were surprising, but the 0.001% of the total that were reflected at
acute angles (shown in blue) were totally unexpected. Similar results were observed using foils
of other metals.
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a-Particles are now known to be He? ™"

ions, that is, helium atoms without
their two electrons. (See Chapter 26.)

Radioactivity is contrary to the
Daltonian idea of the indivisibility of
atoms.
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deflected through large angles, and a very few a-particles even returned from the gold
foil in the direction from which they had come! Rutherford was astounded. In his own
words,

It was quite the most incredible event that has ever bappened to me in my life. It was almost
as if you fired a 15-inch shell into a piece of tissue paper and it came back and hit you.

Rutherford’s mathematical analysis of his results showed that the scattering of positively
charged a-particles was caused by repulsion from very dense regions of positive charge in
the gold foil. He concluded that the mass of one of these regions is nearly equal to that
of a gold atom, but that the diameter is no more than 1/10,000 that of an atom. Many
experiments with foils of different metals yielded similar results. Realizing that these obser-
vations were inconsistent with previous theories about atomic structure, Rutherford
discarded the old theory and proposed a better one. He suggested that each atom contains
a tiny, positively charged, massive center that he called an atomic nucleus. Most a-particles
E.rnest.Rutherford was one of the pass through metal foils undeflected because atoms are primarily empty space populated
giants in the development of our only by the very light electrons. The few particles that are deflected are the ones that
understanding of atomic structure. . .
) . ; come close to the heavy, highly charged metal nuclei (Figure 5-5).
While working with J. J. Thomson . . .. .
Rutherford was able to determine the magnitudes of the positive charges on the atomic

t Cambridge University, h . . . .
3isc(?$r; cgyeanglger?cllgtioi. He nuclei. The picture of atomic structure that he developed is called the Rutherford model

spent the years 1899-1907 at McGill of the atom.
University in Canada where he
proved the nature of these two
radiations, for which he received the
Nobel Prize in chemistry in 1908.
He returned to England in 1908,
and it was there, at Manchester
University, that he and his coworkers
Hans Geiger and Ernst Marsden
performed the famous gold foil
experiments that led to the nuclear
model of the atom. Not only did he :
perform much important research in _—
physics and chemistry, but he also
guided the work of ten future
recipients of the Nobel Prize. ~

Atoms consist of very small, very dense positively charged nuclei surrounded by
clouds of electrons at relatively great distances from the nuclei.

This representation is not to scale. If

nuclei were as large as the black dots

that represent them, each white region,

which represents the size of an atom,
would have a diameter of more than
30 feet!

Figure 5-5 An interpretation of the Rutherford scattering experiment. The atom is
pictured as consisting mostly of “open” space. At the center is a tiny and extremely dense
nucleus that contains all of the atom’s positive charge and nearly all of its mass. The
electrons are thinly distributed throughout the “open” space. Most of the positively charged
a-particles (black arrows) pass through the open space undeflected, not coming near any gold
nuclei. The few that pass fairly close to a nucleus (red arrows) are repelled by electrostatic
forces and thereby deflected. The very few particles that are on a “collision course” with
gold nuclei are repelled backward at acute angles (blue arrows). Calculations based on the
results of the experiment indicated that the diameter of the open-space portion of the atom
is from 10,000 to 100,000 times greater than the diameter of the nucleus.



5-5 Atomic Number

EX] AToMIC NUMBER

Only a few years after Rutherford’s scattering experiments, H. G. J. Moseley (1887-1915)
studied X-rays given off by various elements. Max von Laue (1879-1960) had shown that
X-rays could be diffracted by crystals into a spectrum in much the same way that visible
light can be separated into its component colors. Moseley generated X-rays by aiming a
beam of high-energy electrons at a solid target made of a single pure element (Figure 5-6).

The spectra of X-rays produced by targets of different elements were recorded photo-
graphically. Each photograph consisted of a series of lines representing X-rays at various
wavelengths; each element produced its own distinct set of wavelengths. Comparison of
results from different elements revealed that corresponding lines were displaced toward
shorter wavelengths as atomic weights of the target materials increased, with a few excep-
tions. Moseley showed that the X-ray wavelengths could be better correlated with the

atomic number. On the basis of his mathematical analysis of these X-ray data, he con-
cluded that

each element differs from the preceding element by having one more positive charge
in its nucleus.

For the first time it was possible to arrange all known elements in order of increas-
ing nuclear charge. A plot illustrating this interpretation of Moseley’s data appears in
Figure 5-7.

We now know that every nucleus contains an integral number of protons exactly equal
to the number of electrons in a neutral atom of the element. Every hydrogen atom contains

Metal +
anode

(target)

X-rays

Figure 5-6 A simplified representation of the production of X-rays by bombardment of a
solid target with a high-energy beam of electrons.
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In a modern technique known as
“X-ray fluorescence spectroscopy,” the
wavelengths of X-rays given off by a
sample target indicate which elements
are present in the sample.

H. G. J. Moseley was one of the
many remarkable scientists who
worked with Ernest Rutherford. In
1913, Moseley found that the
wavelengths of X-rays emitted by an
element are related in a precise way
to the atomic number of the
element. This discovery led to the
realization that atomic number,
related to the electrical properties of
the atom, was more fundamental to
determining the properties of the
elements than atomic weight. This
put the ideas of the periodic table on
a more fundamental footing.
Moseley’s scientific career was very
short. He enlisted in the British
army during World War I and died
in battle in the Gallipoli campaign in
1915.
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Figure 5-7 A plot of some of
Moseley’s X-ray data. The atomic
number of an element is found to be
directly proportional to the square
root of the reciprocal of the
wavelength of a particular X-ray
spectral line. Wavelength (Section
5-10) is represented by A.

This does not mean that elements
above number 19 do not have
neutrons, only that neutrons are not
generally knocked out of atoms of
higher atomic number by a-particle
bombardment.
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Atomic number, Z

one proton, every helium atom contains two protons, and every lithium atom contains
three protons. The number of protons in the nucleus of an atom determines its identity;
this number is known as the atomic number of that element.

EX3 NEUTRONS

The third fundamental particle, the neutron, eluded discovery until 1932. James Chad-
wick (1891-1974) correctly interpreted experiments on the bombardment of beryllium
with high-energy a-particles. Later experiments showed that nearly all elements up to
potassium, element 19, produce neutrons when they are bombarded with high-energy
a-particles. The neutron is an uncharged particle with a mass slightly greater than that
of the proton.

Atoms consist of very small, very dense nuclei surrounded by clouds of electrons at
relatively great distances from the nuclei. All nuclei contain protons; nuclei of all
atoms except the common form of hydrogen also contain neutrons.

Nouclear diameters are about 10~% nanometers (nm); atomic diameters are about 107!
nm. To put this difference in perspective, suppose that you wish to build a model of an
atom using a basketball (diameter about 9.5 inches) as the nucleus; on this scale, the atomic
model would be nearly 6 miles across!

MASS NUMBER AND ISOTOPES

Most elements consist of atoms of different masses, called isotopes. The isotopes of a
given element contain the same number of protons (and also the same number of elec-
trons) because they are atoms of the same element. They differ in mass because they
contain different numbers of neutrons in their nuclei.
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Isotopes are atoms of the same element with different masses; they are atoms
containing the same number of protons but different numbers of neutrons.

For example, there are three distinct kinds of hydrogen atoms, commonly called
hydrogen, deuterium, tritium. (This is the only element for which we give each isotope
a different name.) Each contains one proton in the atomic nucleus. The predominant form
of hydrogen contains no neutrons, but each deuterium atom contains one neutron and
each tritium atom contains two neutrons in its nucleus (Table 5-2). All three forms of
hydrogen display very similar chemical properties.

The mass number of an atom is the sum of the number of protons and the number
of neutrons in its nucleus; that is

Mass number = number of protons + number of neutrons
= atomic number  + neutron number

The mass number for normal hydrogen atoms is 1; for deuterium, 2; and for tritium, 3.
The composition of a nucleus is indicated by its nuclide symbol. This consists of the
symbol for the element (E), with the atomic number (Z) written as a subscript at the lower
left and the mass number (A) as a superscript at the upper left, 4E. By this system, the
three isotopes of hydrogen are designated as }H, TH, and {H.

EXAMPLE 5-1 Determination of Atomic Makeup

Determine the number of protons, neutrons, and electrons in each of the following species.
Are the members within each pair isotopes?

(a) $3Cland }7C1  (b) $3Cu and $3Cu

Plan

Knowing that the number at the bottom left of the nuclide symbol is the atomic number or
number of protons, we can verify the identity of the element in addition to knowing the number
or protons per nuclide. From the mass number at the top left, we know the number of protons
plus neutrons. The number of protons (atomic number) minus the number of electrons must
equal the charge, if any, shown at the top right. From these data one can determine if two
nuclides have the same number of protons and are therefore the same element. If they are the
same element, they will be isotopes only if their mass numbers differ.

LRSS The Three Isotopes of Hydrogen

Atomic No. of Electrons
Nuclide @ Mass Abundance No. of No. of (in neutral)
Name  Symbol Symbol (amu) in Nature Protons Neutrons atoms)
hydrogen H IH 1.007825  99.985% 1 0 1
deuterium D {H  2.01400 0.015% 1 1 1
tritium* T iH  3.01605 0.000% 1 2 1

*No known natural sources; produced by decomposition of artificial isotopes.
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A mass number is a count of the
number of protons plus neutrons
present, so it must be a whole number.
Because the masses of the proton and
the neutron are both about 1 amu, the
mass number is approximately equal to
the actual mass of the isotope (which is
not a whole number).
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Solution
(2) For 3Cl:  Atomic number = 17. There are therefore 17 protons per nucleus.
Mass number = 35. There are therefore 35 protons plus neutrons or, because
we know that there are 17 protons, there are 18 neutrons.
Because no charge is indicated, there must be equal numbers of protons and
electrons, or 17 electrons.
For {;CI: There are 17 protons, 20 neutrons, and 17 electrons per atom.

These are isotopes of the same element. Both have 17 protons, but they differ in their numbers
of neutrons: one has 18 neutrons and the other has 20.

(b) For $3Cu: Atomic number = 29. There are 29 protons per nucleus.
Mass number = 63. There are 29 protons plus 34 neutrons.
Because no charge is indicated, there must be equal numbers of protons and
electrons, or 29 electrons.
For $3Cu: There are 29 protons, 36 neutrons, and 29 electrons per atom.

These are isotopes. Both have 29 protons, but they differ in their numbers of neutrons: one
isotope has 34 neutrons and the other has 36.

You should now work Exercises 16 and 18.

EX] MASS SPECTROMETRY AND ISOTOPIC ABUNDANCE

Mass spectrometers are instruments that measure the charge-to-mass ratio of charged
particles (Figures 5-8). A gas sample at very low pressure is bombarded with high-energy
electrons. This causes electrons to be ejected from some of the gas molecules, creating
positive ions. The positive ions are then focused into a very narrow beam and accelerated
by an electric field toward a magnetic field. The magnetic field deflects the ions from
their straight-line path. The extent to which the beam of ions is deflected depends on
four factors:

1. Magnitude of the accelerating voltage (electric field strength). Higher voltages result in
beams of more rapidly moving particles that are deflected less than the beams of
the more slowly moving particles produced by lower voltages.

2. Magnetic field strength. Stronger fields deflect a given beam more than weaker fields.

3. Masses of the particles. Because of their inertia, heavier particles are deflected less
than lighter particles that carry the same charge.

4. Charges on the particles. Particles with higher charges interact more strongly with
magnetic fields and are thus deflected more than particles of equal mass with smaller
charges.

The mass spectrometer is used to measure masses of isotopes as well as isotopic abun-
dances, that is, the relative amounts of the isotopes. Helium occurs in nature almost
exclusively as $He. Its atomic mass can be determined in an experiment such as that illus-
trated in Figure 5-8.

A beam of Ne™ ions in the mass spectrometer is split into three segments. The mass
spectrum of these ions (a graph of the relative numbers of ions of each mass) is shown in
Figure 5-9. This indicates that neon occurs in nature as three isotopes: {JNe, 7)Ne, and
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Accelerating Beam of %C* ions
plates

+ Collector
/ Slit

- L.

Gas Electron Magnet
inlet gun Beam of g He"* ions Detector

Figure 5-8 'The mass spectrometer. In the mass spectrometer, gas molecules at low
pressure are ionized and accelerated by an electric field. The ion beam is then passed
through a magnetic field. In that field the beam is resolved into components, each
containing particles of equal charge-to-mass ratio. Lighter particles are deflected more
strongly than heavy ones with the same charge. In a beam containing 12C* and §He™ ions,
the lighter $He™ ions would be deflected more than the heavier 2C* ions. The
spectrometer shown is adjusted to detect the 2C* ions. By changing the magnitude of the
magnetic or electric field, we can move the beam of $He™ ions striking the collector from B
to A, where it would be detected. The relative masses of the ions are calculated from the
changes required to refocus the beam.

13Ne. In Figure 5-9 we see that the isotope {JNe, mass 19.99244 amu, is the most abun-
dant isotope (has the tallest peak). It accounts for 90.48% of the atoms. {§Ne, mass
21.99138, accounts for 9.25%, and {}Ne, mass 20.99384, for only 0.27% of the atoms.

Figure 5-10 shows a modern mass spectrometer. In nature, some elements, such as
fluorine and phosphorus, exist in only one form, but most elements occur as isotopic
mixtures. Some examples of natural isotopic abundances are given in Table 5-3. The
percentages are based on the numbers of naturally occurring atoms of each isotope, not
on their masses.

0.9048

Relative abundance —

0.0027 J|i|||I0.O925

20 21 22 23
Mass —

Figure 5-9 Mass spectrum of neon (1+ ions only). Neon consists of three isotopes, of
which neon-20 is by far the most abundant (90.48%). The mass of that isotope, to five
decimal places, is 19.99244 amu on the carbon-12 scale. The number by each peak
corresponds to the fraction of all Ne™ ions represented by the isotope with that mass.
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[sotopes are two or more forms of
atoms of the same element with
different masses; the atoms contain the
same number of protons but different
numbers of neutrons.
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‘ HEMISTRY IN USE @ Nud

The Development of Science

Stable Isotope Ratio Analysis

Many elements exist as two or more stable isotopes, although
one isotope is usually present in far greater abundance. For ex-
ample, there are two stable isotopes of carbon, 13C and 12C, of
which 12C is the more abundant, constituting 98.89% of all
carbon. Similarly, there are two stable isotopes of nitrogen,
14N and I°N, of which *N makes up 99.63% of all nitrogen.

Differences in chemical and physical properties that arise
from differences in atomic mass of an element are known as
isotope effects. We know that the extranuclear structure of
an element (the number of electrons and their arrangement)
essentially determines its chemical behavior, whereas the
nucleus has more influence on many of the physical proper-
ties of the element. Because all isotopes of a given element
contain the same number and arrangement of electrons, it
was assumed for a long time that isotopes would behave iden-
tically in chemical reactions. In reality, although isotopes
behave very similarly in chemical reactions, the correspon-
dence is not perfect. The mass differences between different
isotopes of the same element cause them to have slightly dif-
ferent physical and chemical properties. For example, the
presence of only one additional neutron in the nucleus of the
heavier isotope can cause it to react a little more slowly than
its lighter counterpart. Such an effect often results in a ratio
of heavy isotope to light isotope in the product of a reaction
that is different from the ratio found in the reactant.

Stable isotope ratio analysis (SIRA) is an analytical tech-
nique that takes advantage of the chemical and physical
properties of isotopes. In SIRA the isotopic composition of
a sample is measured using a mass spectrometer. This com-
position is then expressed as the relative ratios of two or more
of the stable isotopes of a specific element. For instance, the
ratio of 13C to 12C in a sample can be determined. This ratio
is then compared with the isotope ratio of a defined standard.
Because mass differences are most pronounced among the
lightest elements, those elements experience the greatest iso-
tope effects. Thus, the isotopes of the elements H, C, N, O,
and S are used most frequently for SIRA. These elements
have further significance because they are among the most
abundant elements in biological systems.

The isotopic composition of a sample is usually expressed
as a “del” value (9), defined as

(Rsample B Rstandard)
R

X gynpie (/00) = X 1000

standard

where 0X,, . is the isotope ratio relative to a standard, and
Riample 20 Ry, 4,rq are the absolute isotope ratios of the sam-
ple and standard, respectively. Multiplying by 1000 allows the
values to be expressed in parts per thousand (%00). If the del
value is a positive number, the sample has a greater amount
of the heavier isotope than does the standard. In such cases
the sample is said to be “heavier” than the standard, or to
have been “enriched” in the heavy isotope. Similarly, if the
del value is negative, the sample has a higher proportion of
the lighter isotope and thus is described as “lighter” than the
standard.

The most frequently used element for SIRA is carbon.
The first limited data on 3C/!2C isotope ratios in natural
materials were published in 1939. At that time, it was estab-
lished that limestones, atmospheric CO,, marine plants, and
terrestrial plants each possessed characteristic carbon isotope
ratios. In the succeeding years, 13C/12C ratios were deter-
mined for a wide variety of things, including petroleum, coal,
diamonds, marine organisms, and terrestrial organisms. Such
data led to the important conclusion that a biological organ-
ism has an isotope ratio that depends on the main source of
carbon to that organism— that is, its food source. For exam-
ple, if an herbivore (an animal that feeds on plants) feeds
exclusively on one type of plant, that animal’s carbon isotope
ratio will be almost identical to that of the plant. If another
animal were to feed exclusively on that herbivore, it would
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also have a similar carbon isotope ratio. Suppose now that an
animal, say a rabbit, has a diet comprising two plants, A and
B. Plant A has a 913C value of —249%0, and plant B has a del
value of —100%o. If the rabbit eats equal amounts of the two
plants, the 913C value of the rabbit will be the average of the
two values, or —17%g0. Values more positive than —170o
would indicate a higher consumption of plant B than of plant
A, whereas more negative values would reflect a preference
for plant A.

Similar studies have been conducted with the stable iso-
topes of nitrogen. A major way in which nitrogen differs from
carbon in isotopic studies relates to how 913C and 91N val-
ues change as organic matter moves along the food chain—
from inorganic nutrient to plant, then to herbivore, to car-
nivore, and on to higher carnivores. It has been pointed out
that 913C remains nearly constant throughout successive lev-
els of the food chain. In contrast, on average there is a +3
to +5%0 shift in the value of 91°N at each successive level
of the food chain. For instance, suppose a plant has a 91N
value of 10/po. If an herbivore, such as a rabbit, feeds exclu-
sively on that one type of plant, it will have a 9°N value of
49/00. If another animal, such as a fox, feeds exclusively on
that particular type of rabbit, it in turn will have a 91N value
of 7%/00. An important implication of this phenomenon is that
an organism’s nitrogen isotope ratio can be used as an indi-
cator of the level in the food chain at which that species of
animal feeds.

An interesting application of SIRA is the determination
of the adulteration of food. As already mentioned, the iso-

tope ratios of different plants and animals have been deter-
mined. For instance, corn has a 913C value of about —120/p0
and most flowering plants have 913C values of about —260/0o.
The difference in these 913C values arises because these plants
carry out photosynthesis by slightly different chemical reac-
tions. In the first reaction of photosynthesis, corn produces
a molecule that contains four carbons, whereas flowering
plants produce a molecule that has only three carbons. High-
tructose corn syrup (HFCS) is thus derived from a “C,” plant,
whereas the nectar that bees gather comes from “C;” plants.
The slight differences in the photosynthetic pathways of Cs
and C, plants create the major differences in their 913C val-
ues. Brokers who buy and sell huge quantities of “sweet”
products are able to monitor HFCS adulteration of honey,
maple syrup, apple juice, and so on by taking advantage of
the SIRA technique. If the 913C value of one of these prod-
ucts is not appropriate, then the product obviously has had
other substances added to it, i.e., has been adulterated. The
U.S. Department of Agriculture conducts routine isotope
analyses to ensure the purity of those products submitted for
subsidy programs. Similarly, the honey industry monitors
itself with the SIRA technique.

Another interesting use of SIRA is in the determination
of the diets of prehistoric human populations. It is known
that marine plants have higher 91°N values than terrestrial
plants. This difference in 919N is carried up food chains, caus-
ing marine animals to have higher d'°N values than terrestrial
animals. The 91N values of humans feeding on marine food
sources are therefore higher than those of people feeding on
terrestrial food. This phenomenon has been used to estimate
the marine and terrestrial components of the diets of historic
and prehistoric human groups through the simple determi-
nation of the 91°N value of bone collagen collected from
excavated skeletons.

Stable isotope ratio analysis is a powerful tool; many of
its potential uses are only slowly being recognized by
researchers. In the meantime, the use of stable isotope meth-
ods in research is becoming increasingly common, and
through these methods scientists are attaining new levels
of understanding of chemical, biological, and geological
processes.

Beth A. Trust
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(b)

Figure 5-10 (a) A modern mass spectrometer. (b) The mass spectrum of Xe™ ions. The

isotope '2¢Xe is at too low an abundance (0.090%) to appear in this experiment.

The distribution of isotopic masses, although nearly constant, does vary somewhat
depending on the source of the element. For example, the abundance of 1}C in atmos-
pheric CO, is slightly different from that in seashells. The chemical history of a compound
can be inferred from small differences in isotope ratios.

LR BEE N Some Naturally Occurring Isotopic Abundances

Element Atomic Weight (amu) Isotope % Natural Abundance Mass (amu)
boron 10.811 198 19.91 10.01294
1B 80.09 11.00931
oxygen 15.9994 180 99.762 15.99492
170 0.038 16.99913
180 0.200 17.99916
chlorine 35.4527 3l 75.770 34.96885
| 24.230 36.96590
uranium 238.0289 210) 0.0055 234.0409
B0 0.720 235.0439
238U 99.2745 238.0508

ije 20 elements that have only one naturally occurring isotope are §Be, '3F, 3{Na, $7Al, 31P, 4}Sc, 33Mn, 32Co,
13As, §3Y, 3Nb, 193Rh, 121, 133Cs, 14Pr, 132Th, 19 Ho, '$Tm, 19fAu, and *Bi. There are however other;
artificially produced isotopes of these elements.
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EXJ THE ATOMIC WEIGHT SCALE AND ATOMIC WEIGHTS

We said in Section 2-5 that the atomic weight scale is based on the mass of the carbon-
12 isotope. As a result of action taken by the International Union of Pure and Applied
Chemistry in 1962,

one amu is exactly 1/12 of the mass of a carbon-12 atom.

This is approximately the mass of one atom of 'H, the lightest isotope of the element
with lowest mass.

In Section 2-6 we said that one mole of atoms, contains 6.022 X 1023 atoms. The mass
of one mole of atoms of any element, in grams, is numerically equal to the atomic weight
of the element. Because the mass of one carbon-12 atom is exactly 12 amu, the mass of
one mole of carbon-12 atoms is exactly 12 grams.

To show the relationship between atomic mass units and grams, let us calculate the
mass, in amu, of 1.000 gram of 12C atoms.

1 mol 12C 6.022 X 1023 12C atoms 12 amu
X X
12 g 12C atoms 1 mol 12C atoms 12C atom
6.022 X 10?3 amu (in 1 gram)

2 amu = 1.000 g %C atoms X

Thus,

1g=6.022X 1023 amu or 1 amu = 1.660 X 10—24 g

At this point, we emphasize the following:

1. The atomic number, Z, is an integer equal to the number of protons in the nucleus
of an atom of the element. It is also equal to the number of electrons in a neutral
atom. It is the same for all atoms of an element.

2. The mass number, A, is an integer equal to the sum of the number of protons and
the number of neutrons in the nucleus of an atom of a particular isorope of an element.
It is different for different isotopes of the same element.

3. Many elements occur in nature as mixtures of isotopes. The atomic weight of such
an element is the weighted average of the masses of its isotopes. Atomic weights are
fractional numbers, not integers.

The atomic weight that we determine experimentally (for an element that consists of more
than one isotope) is such a weighted average. The following example shows how an atomic
weight can be calculated from measured isotopic abundances.

EXAMPLE 5-2  Calculation of Atomic Weight

Three isotopes of magnesium occur in nature. Their abundances and masses, determined by
mass spectrometry, are listed in the following table. Use this information to calculate the atomic
weight of magnesium.
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Described another way, the mass of
one atom of ]%C is exactly 12 amu.

We saw in Chapter 2 that Avogadro’s
number is the number of particles of a
substance in one mole of that
substance. We now see that Avogadro’s
number also represents the number of
amu in one gram. You may wish to
verify that the same result is obtained
regardless of the element or isotope
chosen.
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Isotope % Abundance Mass (amu)
Mg 78.99 23.98504
$Mg 10.00 24.98584
$Mg 11.01 25.98259

Plan

We multiply the fraction of each isotope by its mass and add these numbers to obtain the
atomic weight of magnesium.

Solution

Atomic weight = 0.7899(23.98504 amu) + 0.1000(24.98584 amu) + 0.1101(25.98259 amu)
= 18.946 amu + 2.4986 amu + 2.8607 amu

2430 amu  (to four significant figures)

The two heavier isotopes make small contributions to the atomic weight of magnesium because
most magnesium atoms are the lightest isotope.

You should now work Exercises 26 and 28.

/ Problem-Solving Tip: “Weighted” Averages

Consider the following analogy to the calculation of atomic weights. Suppose you want
to calculate the average weight of your classmates. Imagine that one half of them weigh
100 pounds each, and the other half weigh 200 pounds each. The average weight would
be

Average weight = %(100 Ib) + %(ZOO Ib) = 150 1b

Imagine, however, that three quarters of the class members weigh 100 pounds each, and
the other quarter weigh 200 pounds each. Now, the average weight would be

Average weight = %(100 Ib) + %(ZOO Ib) = 125 1b

We can express the fractions in this calculation in decimal form:
Average weight = 0.750(100 1b) + 0.250(200 Ib) = 125 1b

In such a calculation, the value (in this case, the weight) of each thing (people, atoms)
is multiplied by the fraction of things that have that value. In Example 5-2 we expressed
each percentage as a decimal fraction, such as

78.99 parts

78.99% =
100 parts total

= 0.7899

Example 5-3 shows how the process can be reversed. Isotopic abundances can be calcu-
lated from isotopic masses and from the atomic weight of an element that occurs in nature
as a mixture of only two isotopes.
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EXAMPLE 5-3  Calculation of Isotopic Abundance

The atomic weight of gallium is 69.72 amu. The masses of the naturally occurring isotopes
are 68.9257 amu for §{Ga and 70.9249 amu for {JGa. Calculate the percent abundance of each
isotope.

Plan

We represent the fraction of each isotope algebraically. Atomic weight is the weighted average
of the masses of the constituent isotopes. So the fraction of each isotope is multiplied by its
mass, and the sum of the results is equal to the atomic weight.

Solution
Let x = fraction of {]Ga. Then (1 — x) = fraction of }}Ga.

x2(68.9257 amu) + (1 — x)(70.9249 amu) = 69.72 amu
68.9257x + 70.9249 — 70.9249x = 69.72

—1.9992x = —1.20
x = 0.600
x = 0.600 = fraction of ??Ga s 60.0% ??Ga
(1 = x) = 0.400 = fraction of g}Ga o 40.0% ;}Ga

You should now work Exercise 30.

THE ELECTRONIC STRUCTURES OF ATOMS

The Rutherford model of the atom is consistent with the evidence presented so far, but
it has some serious limitations. It does not answer such important questions as: Why do
different elements have such different chemical and physical properties? Why does chem-
ical bonding occur at all?> Why does each element form compounds with characteristic
formulas? How can atoms of different elements give off or absorb light only of charac-
teristic colors (as was known long before 1900)?

To improve our understanding, we must first learn more about the arrangements of
electrons in atoms. The theory of these arrangements is based largely on the study of the
light given off and absorbed by atoms. Then we will develop a detailed picture of the elec-
tron configurations of different elements. A knowledge of these arrangements will help us
to understand the periodic table and chemical bonding.

EEl) FLECTROMAGNETIC RADIATION

Our ideas about the arrangements of electrons in atoms have evolved slowly. Much of the
information has been derived from atomic emission spectra. These are the lines, or
bands, produced on photographic film by radiation that has passed through a refracting
glass prism after being emitted from electrically or thermally excited atoms. To help us
understand the nature of atomic spectra, we first describe electromagnetic radiation.

All types of electromagnetic radiation, or radiant energy, can be described in the termi-
nology of waves. To help characterize any wave, we specify its wavelength (or its frequency).
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When a quantity is represented by
fractions, the sum of the fractions
must always be unity. In this case,
x+ (1 —wn=1

White light is dispersed by a prism
into a continuous spectrum.

See the Saunders Interactive
General Chemistry CD-ROM,

Screen 7.3, Electromagnetic Radiation.



Figure 5-11 Illustrations of the
wavelength and frequency of water
waves. The distance between any
two identical points, such as crests, is
the wavelength, A. We could
measure the frequency, v, of the
wave by observing how often the
level rises and falls at a fixed point in
its path—for instance, at the post—
or how often crests hit the post. (a)
and (b) represent two waves that are
traveling at the same speed. In (a)
the wave has long wavelength and
low frequency; in (b) the wave has
shorter wavelength and higher
frequency.

One cycle per second is also called one
hertz (Hz), after Heinrich Hertz
(1857-1894). In 1887, Hertz
discovered electromagnetic radiation
outside the visible range and measured
its speed and wavelengths.

>

-

The diffraction of white light by the
closely spaced grooves of a compact
disk spreads the light into its
component colors. Diffraction is
described as the constructive and
destructive interference of light
waves.

()
I A I
(b)

Let us use a familiar kind of wave, that on the surface of water (Figure 5-11), to illustrate
these terms. The significant feature of wave motion is its repetitive nature. The wave-
length, A, is the distance between any two adjacent identical points of the wave, for
instance, two adjacent crests. The frequency is the number of wave crests passing a given
point per unit time; it is represented by the symbol v (Greek letter “nu”) and is usually
expressed in cycles per second or, more commonly, simply as 1/s or s~! with “cycles”
understood. For a wave that is “traveling” at some speed, the wavelength and the frequency
are related to each other by

Av = speed of propagation of the wave  or  Av=c¢

Thus, wavelength and frequency are inversely proportional to each other; for the same
wave speed, shorter wavelengths correspond to higher frequencies.

For water waves, it is the surface of the water that changes repetitively; for a vibrating
violin string, it is the displacement of any point on the string. Electromagnetic radiation
is a form of energy that consists of electric and magnetic fields that vary repetitively. The
electromagnetic radiation most obvious to us is visible light. It has wavelengths ranging
from about 4.0 X 107 m (violet) to about 7.5 X 10~7 m (red). Expressed in frequencies,
this range is about 7.5 X 10% Hz (violet) to about 4.0 X 10!* Hz (red).

Isaac Newton (1642-1727) first recorded the separation of sunlight into its component
colors by allowing it to pass through a prism. Because sunlight (white light) contains all
wavelengths of visible light, it gives the continuous spectrum observed in a rainbow (Figure
5-12a). Visible light represents only a tiny segment of the electromagnetic radiation spec-
trum (Figure 5-12b). In addition to all wavelengths of visible light, sunlight also contains
shorter wavelength (ultraviolet) radiation as well as longer wavelength (infrared) radia-
tion. Neither of these can be detected by the human eye. Both may be detected and
recorded photographically or by detectors designed for that purpose. Many other familiar
kinds of radiation are simply electromagnetic radiation of longer or shorter wavelengths.

In a vacuum, the speed of electromagnetic radiation, ¢, is the same for all wavelengths,
2.99792458 x 108 m/s. The relationship between the wavelength and frequency of elec-
tromagnetic radiation, with ¢ rounded to three significant figures, is

Av=c¢=3.00 X 108 m/s
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Sir Isaac Newton, one of the giants of science. You probably know of him from his theory of
gravitation. In addition, he made enormous contributions to the understanding of many
other aspects of physics, including the nature and behavior of light, optics, and the laws of
motion. He is credited with the discoveries of differential calculus and of expansions into
infinite series.
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Figure 5-12 (a) Dispersion of visible light by a prism. Light from a source of white light
is passed through a slit and then through a prism. It is spread into a continuous spectrum
of all wavelengths of visible light. (b) Visible light is only a very small portion of the
electromagnetic spectrum. Some radiant energy has longer or shorter wavelengths than our
eyes can detect. The upper part shows the approximate ranges of the electromagnetic
spectrum on a logarithmic scale. The lower part shows the visible region on an expanded
scale. Note that wavelength increases as frequency decreases.
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EXAMPLE 5-4 Wavelength of Light

Light near the middle of the ultraviolet region of the electromagnetic radiation spectrum has
a frequency of 2.73 X 1016 s~1. Yellow light near the middle of the visible region of the spec-
trum has a frequency of 5.26 X 1014 s~1. Calculate the wavelength that corresponds to each of
these two frequencies of light.

Plan
Wavelength and frequency are inversely proportional to each other, Av = ¢. We solve this rela-
tionship for A and calculate the wavelengths.

Solution

. X 8 o1 =
(ultraviolet light) A = < = 200X 10T Ms 7 0o 1078 m (1,10 X 102 &)
v 2.73 X 1016 s~1

¢ 3.00x108m-s!

. _ = oy Yy _7 3 2
(yellow light) A= T TSaex10de T 5.70 X 10~/ m (5.70 X 10% A)

You should now work Exercise 38.

We have described light in terms of wave behavior. Under certain conditions, it is also
possible to describe light as composed of particles, or photons. According to the ideas
presented by Max Planck (1858-1947) in 1900, each photon of light has a particular
amount (a quantum) of energy. The amount of energy possessed by a photon depends on
the frequency of the light. The energy of a photon of light is given by Planck’s equation

where h is Planck’s constant, 6.6260755 X 10734 J-s, and v is the frequency of the light.
Thus, energy is directly proportional to frequency. Planck’s equation is used in Example
5-5 to show that a photon of ultraviolet light has more energy than a photon of yellow light.

EXAMPLE 5-5 Energy of Light

In Example 5-4 we calculated the wavelengths of ultraviolet light of frequency 2.73 X 1016 s~1
and of yellow light of frequency 5.26 X 10% s~1. Calculate the energy, in joules, of an indi-
vidual photon of each. Compare these photons by calculating the ratio of their energies.

Plan

We use each frequency to calculate the photon energy from the relationship E = hv. Then we
calculate the required ratio.

Solution
(ultraviolet light) E = hv = (6.626 X 10734 J-5)(2.73 X 10165~ 1) = 1.81 X 1017 J
(yellow light)y  E = hv = (6.626 X 10734 J-5)(5.26 X 10145~ 1) = 3.49 X 10-17 ]

(You can check these answers by calculating the energies directly from the wavelengths, using

the equation E = hc/A.)
Now, we compare the energies of these two photons.



5-11 The Photoelectric Effect

E,  181x10717]
T 349x10719]

= 519
E

yellow

A photon of light near the middle of the ultraviolet region is more than 51 times more ener-
getic than a photon of light near the middle of the visible region.

You should now work Exercise 39.

E&E] THE PHOTOELECTRIC EFFECT

One experiment that had not been satisfactorily explained with the wave theory of light
was the photoelectric effect. The apparatus for the photoelectric effect is shown in Figure
5-13. The negative electrode in the evacuated tube is made of a pure metal such as cesium.
When light of a sufficiently high energy strikes the metal, electrons are knocked off its
surface. They then travel to the positive electrode and form a current flowing through
the circuit. The important observations follow.

1. Electrons can be ejected only if the light is of sufficiently short wavelength (has
sufficiently high energy), no matter how long or how brightly the light shines. This
wavelength limit is different for different metals.

2. The current (the number of electrons emitted per second) increases with increasing
brightness (intensity) of the light. The current, however, does not depend on the color
of the light, as long as the wavelength is short enough (has high enough energy).

o

Classical theory said that even “low-" energy light should cause current to flow if the
metal is irradiated long enough. Electrons should accumulate energy and be released when
they have enough energy to escape from the metal atoms. According to the old theory, if
the light is made more energetic, then the current should increase even though the light
intensity remains the same. Such is ot the case.

The answer to the puzzle was provided by Albert Einstein (1879-1955). In 1905, he
extended Planck’s idea that light behaves as though it were composed of photons, each with
a particular amount (a quantum) of energy. According to Einstein, each photon can transfer
its energy to a single electron during a collision. When we say that the intensity of light
is increased, we mean that the number of photons striking a given area per second is
increased. The picture is now one of a particle of light striking an electron near the surface
of the metal and giving up its energy to the electron. If that energy is equal to or greater
than the amount needed to liberate the electron, it can escape to join the photoelectric
current. For this explanation, Einstein received the 1921 Nobel Prize in physics.

The photoelectric effect is used in the
photocells of automatic cameras. The
photoelectric sensors that open some

supermarket and elevator doors also utilize
this effect.
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This is one reason why ultraviolet
(UV) light damages your skin much
more rapidly than visible light.
Another reason is that many of the
organic compounds in the skin absorb
UV light more readily than visible
light. The absorbed ultraviolet light
breaks bonds in many biologically
important molecules.

The intensity of light is the brightness
of the light. In wave terms, it is related
to the amplitude of the light waves.
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Figure 5-13 'The photoelectric
effect. When electromagnetic
radiation of sufficient minimum
energy strikes the surface of a metal
(negative electrode) inside an
evacuated tube, electrons are
stripped off the metal to create an
electric current. The current
increases with increasing radiation
intensity.
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EEF] ATOMIC SPECTRA AND THE BOHR ATOM

Incandescent (“red hot” or “white hot”) solids, liquids, and high-pressure gases give contin-
uous spectra. When an electric current is passed through a gas in a vacuum tube at very
low pressures, however, the light that the gas emits can be dispersed by a prism into distinct
lines (Figure 5-14a). Such an emission spectrum is described as a bright line spectrum.
The lines can be recorded photographically, and the wavelength of light that produced
each line can be calculated from the position of that line on the photograph.

Similarly, we can shine a beam of white light (containing a continuous distribution of
wavelengths) through a gas and analyze the beam that emerges. We find that only certain
wavelengths have been absorbed (Figure 5-14b). The wavelengths that are absorbed in
this absorption spectrum are also given off in the emission experiment. Each spectral
line corresponds to a specific wavelength of light and thus to a specific amount of energy
that is either absorbed or emitted. An atom of each element displays its own character-
istic set of lines in its emission or absorption spectrum (Figure 5-15). These spectra can
serve as “fingerprints” that allow us to identify different elements present in a sample,
even in trace amounts.

Film or detector

Increasing wavelength
—_—

Prism Emission spectrum
Film or detector
Increasing wavelength
| -
Prism

Absorption spectrum

Figure 5-14 (a) Atomic emission. The light emitted by a sample of excited hydrogen atoms
(or any other element) can be passed through a prism and separated into certain discrete
wavelengths. Thus, an emission spectrum, which is a photographic recording of the
separated wavelengths, is called a line spectrum. Any sample of reasonable size contains an
enormous number of atoms. Although a single atom can be in only one excited state at a
time, the collection of atoms contains all possible excited states. The light emitted as these
atoms fall to lower energy states is responsible for the spectrum. (b) Atomic absorption. When
white light is passed through unexcited hydrogen and then through a slit and a prism, the
transmitted light is lacking in intensity at the same wavelengths as are emitted in part (a).
The recorded absorption spectrum is also a line spectrum and the photographic negative of
the emission spectrum.
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Figure 5-15 Atomic spectra in the visible region for some elements. Figure 5-14a shows
how such spectra are produced. (a) Emission spectra for some elements. (b) Absorption
spectrum for hydrogen. Compare the positions of these lines with those in the emission
spectrum for H in (a).

EXAMPLE 5-6 Energy of Light

A green line of wavelength 4.86 X 10~7 m is observed in the emission spectrum of hydrogen.
Calculate the energy of one photon of this green light.

Plan

We know the wavelength of the light, and we calculate its frequency so that we can then calcu-
late the energy of each photon.

Solution

he  (6.626 X 1073%J-5)(3.00 X 108 m/s)

E=— = 4.09 X 10~19 J/ph
A (486 X 107 m) .09 > 107 J/photon

To gain a better appreciation of the amount of energy involved, let’s calculate the total energy,
in kilojoules, emitted by one mole of atoms. (Each atom emits one photon.)

J 1k 6.02 X 1023 atoms

° k
2 M _ 00 10-19 x x = 2.46 x 102 kJ/mol
mo atom 1 X 103] mol

This calculation shows that when each atom in one mole of hydrogen atoms emits light of
wavelength 4.86 X 10~7 m, the mole of atoms loses 246 k] of energy as green light. (This
would be enough energy to operate a 100-watt light bulb for more than 40 minutes.)

You should now work Exercises 40 and 42.
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The lightning flashes produced in
electrical storms and the light
produced by neon gas in neon signs
are two familiar examples of visible
light produced by electronic
transitions.

* See the Saunders Interactive
General Chemistry CD-ROM,
Screen 7.7, Bohr’s Model of the
Hydrogen Atom.
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When an electric current is passed through hydrogen gas at very low pressures, several
series of lines in the spectrum of hydrogen are produced. These lines were studied intensely
by many scientists. In the late nineteenth century, Johann Balmer (1825-1898) and
Johannes Rydberg (1854-1919) showed that the wavelengths of the various lines in the
hydrogen spectrum can be related by a mathematical equation:

Log( L)
A n? oy’

Here R is 1.097 X 107 m~! and is known as the Rydberg constant. The s are positive
integers, and #z; is smaller than #,. The Balmer-Rydberg equation was derived from
numerous observations, not theory. It is thus an empirical equation.

In 1913, Niels Bohr (1885-1962), a Danish physicist, provided an explanation for
Balmer and Rydberg’s observations. He wrote equations that described the electron of a
hydrogen atom as revolving around its nucleus in circular orbits. He included the assump-
tion that the electronic energy is quantized; that is, only certain values of electronic energy
are possible. This led him to suggest that electrons can only be in certain discrete orbits,
and that they absorb or emit energy in discrete amounts as they move from one orbit to
another. Each orbit thus corresponds to a definite energy level for the electron. When an
electron is promoted from a lower energy level to a higher one, it absorbs a definite (or
quantized) amount of energy. When the electron falls back to the original energy level,

I

n =oo
n=>5
— n=4
n=3
n=
n=4 1
n=3 .
20
n=1 n32 e
[0}
)
|5
2
(a)
(b) n=1

Figure 5-16 (a) The radii of the first four Bohr orbits for a hydrogen atom. The dot at
the center represents the nuclear position. The radius of each orbit is proportional to 72,

so these four are in the ratio 1:4:9:16. (b) Relative values for the energies associated with
the various energy levels in a hydrogen atom. The energies become closer together as n
increases. They are so close together for large values of z that they form a continuum. By
convention, potential energy is defined as zero when the electron is at an infinite distance
from the atom. Any more stable arrangement would have a lower energy. Potential energies
of electrons in atoms are therefore always negative. Some possible electronic transitions
corresponding to lines in the hydrogen emission spectrum are indicated by arrows.
Transitions in the opposite directions account for lines in the absorption spectrum.



5-12 Atomic Spectra and the Bohr Atom

The Danish physicist Niels Bohr was one of the most influential scientists of the twentieth
century. Like many other now-famous physicists of his time, he worked for a time in
England with J. J. Thomson and later with Ernest Rutherford. During this period, he began
to develop the ideas that led to the publication of his explanation of atomic spectra and his
theory of atomic structure, for which he received the Nobel Prize in 1922. After escaping
from German-occupied Denmark to Sweden in 1943, he helped to arrange the escape of
hundreds of Danish Jews from the Hitler regime. He later went to the United States, where,
until 1945, he worked with other scientists at Los Alamos, New Mexico, on the
development of the atomic bomb. From then until his death in 1962, he worked for the
development and use of atomic energy for peaceful purposes.

it emits exactly the same amount of energy it absorbed in moving from the lower to the
higher energy level. Figure 5-16 illustrates these transactions schematically. The values of
ny and 7, in the Balmer-Rydberg equation identify the lower and higher levels, respec-
tively, of these electronic transitions.

The Bohr Theory and the Balmer-Rydberg Equation

From mathematical equations describing the orbits for the hydrogen atom, together with
the assumption of quantization of energy, Bohr was able to determine two significant aspects
of each allowed orbit:

1. Where the electron can be with respect to the nucleus—that is, the radius, 7, of the
circular orbit. This is given by

= 52
r=ntag

where # is a positive integer (1, 2, 3, . . .) that tells which orbit is being described and
a, is the Bobr radius. Bohr was able to calculate the value of 4, from a combination
of Planck’s constant, the charge of the electron, and the mass of the electron as

4y =15.292 x 10711 m = 0.5292 A

2. How stable the electron would be in that orbit—that is, its potential energy, E. This
is given by

E=—

1( ® | 2180x10718]
7l2 2)

8mlma n?

where h = Planck’s constant, 7z = the mass of the electron, and the other symbols
have the same meaning as before. E is always negative when the electron is in the
atom; I = 0 when the electron is completely removed from the atom (z = infinity).

Results of evaluating these equations for some of the possible values of z (1, 2, 3,...)
are shown in Figure 5-17. The larger the value of #, the farther from the nucleus is the
orbit being described, and the radius of this orbit increases as the square of n increases. As
n increases, n? increases, 1/n% decreases, and thus the electronic energy increases (becomes
less negative and smaller in magnitude). For orbits farther from the nucleus, the electronic
potential energy is higher (less negative—the electron is in a higher energy level or in a less
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Enrichment

Note: 7 is proportional to n2.

. . 1
Note: E is proportional to ey

We define the potential energy of a set
of charged particles to be zero when
the particles are infinitely far apart.
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(Enrichment, continued)
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Figure 5-17 (a) The energy levels that the electron can occupy in a hydrogen atom and
a few of the transitions that cause the emission spectrum of hydrogen. The numbers on
the vertical lines show the wavelengths of light emitted when the electron falls to a lower
energy level. (Light of the same wavelength is absorbed when the electron is promoted to
the higher energy level.) The difference in energy between two given levels is exactly the
same for all hydrogen atoms, so it corresponds to a specific wavelength and to a specific
line in the emission spectrum of hydrogen. In a given sample, some hydrogen atoms
could have their electrons excited to the z = 2 level. Some of these electrons could then
fall to the » = 1 energy level, giving off the difference in energy in the form of light (the
1216-A transition). Other hydrogen atoms might have their electrons excited to the # = 3
level; subsequently some could fall to the # = 1 level (the 1026-A transition). Because
higher energy levels become closer and closer in energy, differences in energy between
successive transitions become smaller and smaller. The corresponding lines in the
emission spectrum become closer together and eventually result in a continuum, a series
of lines so close together that they are indistinguishable. (b) The emission spectrum of
hydrogen. The series of lines produced by the electron falling to the » = 1 level is known
as the Lyman series; it is in the ultraviolet region. A transition in which the electron falls
to the n = 2 level gives rise to a similar set of lines in the visible region of the spectrum,
known as the Balmer series. Not shown are series involving transitions to energy levels
with higher values of #. (c) The Balmer series shown on an expanded scale. The line at
6563 A (the n = 3 —n = 2 transition) is much more intense than the line at 4861 A (the
n =4 —n =2 transition) because the first transition occurs much more frequently than
the second. Successive lines in the spectrum become less intense as the series limit is
approached because the transitions that correspond to these lines are less probable.
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stable state). Going away from the nucleus, the allowable orbits are farther apart in distance,
but closer together in energy. Consider the two possible limits of these equations. One limit
is when » = 1; this describes the electron at the smallest possible distance from the nucleus
and at its lowest (most negative) energy. The other limit is for very large values of #, that
is, as 7 approaches infinity. As this limit is approached, the electron is very far from the
nucleus, or effectively removed from the atom; the potential energy is as high as possible,
approaching zero.

Each line in the emission spectrum represents the difference in energies between two
allowed energy levels for the electron. When the electron goes from energy level 7, to
energy level z;, the difference in energy is given off as a single photon. The energy of this
photon can be calculated from Bohr’s equation for the energy, as follows.

2,180 X 10‘18J> - (72.180 x 10—18J)

Eofphoton=E27E1=( >

2
7y 7y

Factoring out the constant 2.180 X 10718 J and rearranging, we get

1 1
E of photon = 2.180 X 10718 ](—2 - —2>
™ &)
The Planck equation, E = he/A, relates the energy of the photon to the wavelength of the
light, so
he

1 1
=2.180 X 10~18 J(— - —)
A 7212 nzz

Rearranging for 1/A, we obtain

l=2.180x10*18](i_ 1 )

A he nlz nzz

Comparing this to the Balmer-Rydberg equation, Bohr showed that the Rydberg constant
is equivalent to 2.180 X 10718 J/hc. We can use the values for h and ¢ to obtain the same
value, 1.097 X 107 m~1, that was obtained by Rydberg on a solely empirical basis. Further-
more, Bohr showed the physical meaning of the two whole numbers 7, and #,; they represent
the two energy states between which the transition takes place. Using this approach, Bohr
was able to use fundamental constants to calculate the wavelengths of the observed lines in
the hydrogen emission spectrum. Thus, Bohr’s application of the idea of quantization of
energy to the electron in an atom provided the answer to a half-century-old puzzle
concerning the discrete colors given off in the spectrum.

We now accept the fact that electrons occupy only certain energy levels in atoms. In
most atoms, some of the energy differences between levels correspond to the energy of
visible light. Thus, colors associated with electronic transitions in such elements can be
observed by the human eye.

Although the Bohr theory satisfactorily explained the spectra of hydrogen and of other
species containing one electron (He™, Li*, etc.) the wavelengths in the observed spectra
of more complex species could not be calculated. Bohr’s assumption of circular orbits was
modified in 1916 by Arnold Sommerfeld (1868—1951), who assumed elliptical orbits. Even
so, the Bohr approach was doomed to failure, because it modified classical mechanics to
solve a problem that could not be solved by classical mechanics. It was a contrived solu-
tion. This failure of classical mechanics set the stage for the development of a new physics,
quantum mechanics, to deal with small particles. The Bohr theory, however, did intro-
duce the ideas that only certain energy levels are possible, that these energy levels are
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Materials scientists study electron
diffraction patterns to learn about
the surfaces of solids.

Be careful to distinguish between the
letter v, which represents velocity, and
the Greek letter nu, v, which
represents frequency. (See Section
5-10.)

* See the Saunders Interactive
‘ General Chemistry CD-ROM,

Screen 7.8, Wave Properties of the
Electron.
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described by quantum numbers that can have only certain allowed values, and that the
quantum numbers indicate something about where and how stable the electrons are in
these energy levels. The ideas of modern atomic theory have replaced Bohr’s original
theory. But his achievement in showing a link between electronic arrangements and Balmer
and Rydberg’s empirical description of light absorption, and in establishing the quantiza-
tion of electronic energy, was a very important step toward an understanding of atomic
structure.

Two big questions remained about electrons in atoms: (1) How are electrons arranged
in atoms? (2) How do these electrons behave? We now have the background to consider
how modern atomic theory answers these questions.

EBE] THE WAVE NATURE OF THE ELECTRON

Einstein’s idea that light can exhibit both wave properties and particle properties suggested
to Louis de Broglie (1892-1987) that very small particles, such as electrons, might also
display wave properties under the proper circumstances. In his doctoral thesis in 1925, de
Broglie predicted that a particle with a mass 7 and velocity v should have the wavelength
associated with it. The numerical value of this de Broglie wavelength is given by

A = h/mv (where h = Planck’s constant)

"Two years after de Broglie’s prediction, C. Davisson (1882-1958) and L. H. Germer
(1896-1971) at the Bell Telephone Laboratories demonstrated diffraction of electrons by
a crystal of nickel. This behavior is an important characteristic of waves. It shows conclu-
sively that electrons do have wave properties. Davisson and Germer found that the
wavelength associated with electrons of known energy is exactly that predicted by de
Broglie. Similar diffraction experiments have been successfully performed with other parti-
cles, such as neutrons.

EXAMPLE 5-7 de Broglie Equation

(a) Calculate the wavelength in meters of an electron traveling at 1.24 X 107 m/s. The mass of
an electron is 9.11 X 10728 g. (b) Calculate the wavelength of a baseball of mass 5.25 oz trav-
eling at 92.5 mph. Recall that 1 J = 1 kg-m?/s?.

Plan

For each calculation, we use the de Broglie equation

where 1 kg m?

2
s
h (Planck’s constant) = 6.626 X 10734 J-s X 1]
ko - m2
= 6.626 x 103+ 8
s

For consistency of units, mass must be expressed in kilograms. In part (b), we must also convert
the speed to meters per second.
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Solution

kg
1000 g

(@) m=911Xx 10728 g X =9.11 X 10731 kg

Substituting into the de Broglie equation,

k e 2
6.626 x 103421
h S
A= = o\ = 5.87 X 10-11'm
mo (9.1 x 10731 kg)(1.24 X 107 —)
S

Though this seems like a very short wavelength, it is similar to the spacing between atoms in
many crystals. A stream of such electrons hitting a crystal gives measurable diffraction patterns.

1 kg
b =5.250zX X ———=0.149 k
®) ” P 160z~ 2.205 1b §
92.5 miles lh 1.609 km _ 1000 m m
v = X X — X =413 —
h 3600 s 1 mile 1 km s
Now, we substitute into the de Broglie equation.
ko-m?2
6.626 x 10-3 5
h S
A=— = 1.08 X 1073* m

= m
mv (0.149 kg)<41.3 —)
s

This wavelength is far too short to give any measurable effects. Recall that atomic diameters
are in the order of 10719 m, which is 24 powers of 10 greater than the baseball “wavelength.”

You should now work Exercise 64.

As you can see from the results of Example 5-7, the particles of the subatomic world
behave very differently from the macroscopic objects with which we are familiar. To talk
about the behavior of atoms and their particles, we must give up many of our long-held
views about the behavior of matter. We must be willing to visualize a world of new and
unfamiliar properties, such as the ability to act in some ways like a particle and in other
ways like a wave.

The wave behavior of electrons is exploited in the electron microscope. This instru-
ment allows magnification of objects far too small to be seen with an ordinary light
microscope.

XY} THE QUANTUM MECHANICAL PICTURE OF THE ATOM

Through the work of de Broglie, Davisson and Germer, and others, we now know that
electrons in atoms can be treated as waves more effectively than as small compact parti-
cles traveling in circular or elliptical orbits. Large objects such as golf balls and moving
automobiles obey the laws of classical mechanics (Isaac Newton’s laws), but very small
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A modern electron microscope.

A color-enhanced scanning electron
micrograph of human red blood
cells, magnified 1200X.
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particles such as electrons, atoms, and molecules do not. A different kind of mechanics,
called quantum mechanics, which is based on the wave properties of matter, describes
the behavior of very small particles much better. Quantization of energy is a consequence
of these properties.

See the Saunders Interactive One of the underlying principles of quantum mechanics is that we cannot determine
General Chemistry CD-ROM, precisely the paths that electrons follow as they move about atomic nuclei. The Heisen-
Screen 7.9, Heisenberg’s Uncertainty berg Uncertainty Principle, stated in 1927 by Werner Heisenberg (1901-1976), is a
Principle. theoretical assertion that is consistent with all experimental observations.

It is impossible to determine accurately both the momentum and the position of an
electron (or any other very small particle) simultaneously.

Momentum is mass times velocity, 7zv. Because electrons are so small and move so rapidly,
their motion is usually detected by electromagnetic radiation. Photons that interact with
electrons have about the same energies as the electrons. Consequently, the interaction of

This is like trying to locate the a photon with an electron severely disturbs the motion of the electron. It is not possible
position of a moving automobile by to determine simultaneously both the position and the velocity of an electron, so we resort
driving another automobile into it. to a statistical approach and speak of the probability of finding an electron within speci-

fied regions in space.
With these ideas in mind, we list some basic ideas of quantum mechanics.

1. Atoms and molecules can exist only in certain energy states. In each energy state,
the atom or molecule has a definite energy. When an atom or molecule changes its
energy state, it must emit or absorb just enough energy to bring it to the new energy
state (the quantum condition).

Atoms and molecules possess various forms of energy. Let us focus our attention on
their electronic energies.

2. When atoms or molecules emit or absorb radiation (light), they change their ener-
gies. The energy change in the atom or molecule is related to the frequency or
wavelength of the light emitted or absorbed by the equations:

Recall that Av = ¢, so v = ¢/A. AE = hy or AE = he/A

This gives a relationship between the energy change, AE, and the wavelength, A, of
the radiation emitted or absorbed. The energy lost (or gained) by an atom as it goes from higher
to lower (or lower to bigher) energy states is equal to the energy of the photon emitted (or absorbed)
during the transition.

3. The allowed energy states of atoms and molecules can be described by sets of
numbers called quantum numbers.

The mathematical approach of quantum mechanics involves treating the electron in an
atom as a standing wave. A standing wave is a wave that does not travel and therefore has
at least one point at which it has zero amplitude, called a node. As an example, consider
the various ways that a guitar string can vibrate when it is plucked (Figure 5-18). Because
both ends are fixed (nodes), the string can vibrate only in ways in which there is a whole
number of half~wavelengths in the length of the string (Figure 5-18a). Any possible motion
of the string can be described as some combination of these allowed vibrations. In a similar
way, we can imagine that the electron in the hydrogen atom behaves as a wave (recall the
de Broglie relationship in the last section). The electron can be described by the same
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Figure 5-18 When a string that is fixed at both ends—such as (a) a guitar string—is | |
plucked, it has a number of natural patterns of vibration, called normal modes. Because the l A stationary string |
string is fixed at both ends, the ends must be stationary. Each different possible vibration isa (3

standing wave, and can be described by a wave function. The only waves that are possible
are those in which a whole number of half-wavelengths fits into the string length. These
allowed waves constitute a harmonic series. Any total motion of the string is some
combination of these allowed harmonics. (b) Some of the ways in which a plucked guitar
string can vibrate. The position of the string at one extreme of each vibration is shown as a
solid line, and at the other extreme as a dashed line. (c) An example of vibration that is not
possible for a plucked string. In such a vibration, an end of the string would move; this is
not possible because the ends are fixed.

(b) 3 half-wavelengths

kind of standing-wave mathematics that is applied to the vibrating guitar string. In this
approach, the electron is characterized by a three-dimensional wave function, i. In a given ~ (€) 23 half-wavelengths (not possible)
space around the nucleus, only certain “waves” can exist. Each “allowed wave” corresponds
to a stable energy state for the electron and is described by a particular set of quantum
numbers.
The quantum mechanical treatment of atoms and molecules is highly mathematical.
The important point is that each solution of the Schrodinger wave equation (see the
following Enrichment section) describes a possible energy state for the electrons in the
atom. Each solution is described by a set of quantum numbers. These numbers are in
accord with those deduced from experiment and from empirical equations such as the
Balmer-Rydberg equation. Solutions of the Schrédinger equation also tell us about the
shapes and orientations of the probability distributions of the electrons. (The Heisenberg
Principle implies that this is how we must describe the positions of the electrons.) These
atomic orbitals (which are described in Section 5-16) are deduced from the solutions of the
Schrodinger equation. The orbitals are directly related to the quantum numbers.

Enrichment

The Schrodinger Equation

In 1926, Erwin Schrédinger (1887-1961) modified an existing equation that described a
three-dimensional standing wave by imposing wavelength restrictions suggested by
de Broglie’s ideas. The modified equation allowed him to calculate the energy levels in the
hydrogen atom. It is a differential equation that need not be memorized or even under-
stood to read this book. A knowledge of differential calculus would be necessary.

b2 (82111 Py Y

S 92 + W + §> + V= Ey Schrédinger’s equation and wave

functions.

This equation has been solved exactly only for one-electron species such as the hydrogen
atom and the ions He*t and Li2*. Simplifying assumptions are necessary to solve the equa-
tion for more complex atoms and molecules. Chemists and physicists have used their
intuition and ingenuity (and modern computers), however, to apply this equation to more
complex systems.

In 1928, Paul A. M. Dirac (1902-1984) reformulated electron quantum mechanics to take
into account the effects of relativity. This gave rise to a fourth quantum number.
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See the Saunders Interactive

General Chemistry CD-ROM,
Screen 7.11, Shells, Subshells, and
Orbitals.

The s, p, d, f designations arise from
the characteristics of spectral emission
lines produced by electrons occupying
the orbitals: s (sharp), p (principal), d
(diffuse), and f (fundamental).
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EEE) QUANTUM NUMBERS

The solutions of the Schrédinger and Dirac equations for hydrogen atoms give wave func-
tions, ¢, that describe the various states available to hydrogen’s single electron. Each of
these possible states is described by four quantum numbers. We can use these quantum
numbers to designate the electronic arrangements in all atoms, their so-called electron
configurations. These quantum numbers play important roles in describing the energy
levels of electrons and the shapes of the orbitals that describe distributions of electrons
in space. The interpretation will become clearer when we discuss atomic orbitals in the
following section. For now, let’s say that

an atomic orbital is a region of space in which the probability of finding an elec-
tron is high.

We define each quantum number and describe the range of values it may take.

1. The principal quantum number, z, describes the muain energy level, or shell, an
electron occupies. It may be any positive integer:

n=1,2,3,4,...

2. The angular momentum quantum number, ¢, designates the shape of the region
in space that an electron occupies. Within a shell (defined by the value of #, the
principal quantum number) different sublevels or subshells are possible, each with
a characteristic shape. The angular momentum quantum number designates a
sublevel, or specific shape of atomic orbital that an electron may occupy. This number,
¢, may take integral values from 0 up to and including (z — 1):

€=0,1,2,...,(n — 1)

Thus, the maximum value of € is (n — 1). We give a letter notation to each value
of €. Each letter corresponds to a different sublevel (subshell).

€=0,1,2,3,...,n— 1)
s pdf

In the first shell, the maximum value of € is zero, which tells us that there is only
an s subshell and no p subshell. In the second shell, the permissible values of € are
0 and 1, which tells us that there are only s and p subshells.

3. The magnetic quantum number, 7, designates the specific orbital within a
subshell. Orbitals within a given subshell differ in their orientations in space, but
not in their energies. Within each subshell, 7z, may take any integral values from
—¢{ through zero up to and including +¢:

my=(—0),...,0,...,(+0

The maximum value of 2, depends on the value of €. For example, when ¢ = 1,
which designates the p subshell, there are three permissible values of #z,: —1, 0, and
+1. Thus, three distinct regions of space, called atomic orbitals, are associated
with a p subshell. We refer to these orbitals as the p,, p), and p, orbitals (see Sec-
tion 5-16).
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WL RBSE S Permissible Values of the Quantum Numbers Through n = 4
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Electron Capacity of Electron Capacity of

n ¢ m, m, Subshell = 4¢ + 2 Shell = 212
1 0 (1s) 0 +5, -1 2 2
2 0 (2s) 0 +4 -4 2 8
1 (2p) -1,0, +1 *3 for each value of 7, 6
3 0 (3s) 0 +1 -1 2 18
1 (3p) 1,0, +1 =3 for each value of 7, 6
2 (3d) -2,—-1,0, +1, +2 =3 for each value of 7, 10
4 0 (4s) 0 +i -1 2 32
1 4p) 1,0, +1 *; for each value of
2 (4d) -2,-1,0, +1, +2 =3 for each value of 10
3 (4 -3,-2,-1,0, +1, +2, +3 =+, for each value of 7, 14

4. The spin quantum number, 7z, refers to the spin of an electron and the orienta-
tion of the magnetic field produced by this spin. For every set of #, €, and 7z, values,
m can take the value +5 or —3:
— 41
me = i§
The values of », €, and 7, describe a particular atomic orbital. Each atomic orbital can
accommodate no more than two electrons, one with 7z, = +} and another with 7, = —J.
Table 5-4 summarizes some permissible values for the four quantum numbers. Spec-
troscopic evidence confirms the quantum mechanical predictions about the number of
atomic orbitals in each shell.

EET3 ATOMIC ORBITALS

Let us now describe the distributions of electrons in atoms. For each neutral atom, we
must account for a number of electrons equal to the number of protons in the nucleus,
that is, the atomic number of the atom. Each electron is said to occupy an atomic orbital
defined by a set of quantum numbers #, €, and 72,. In any atom, each orbital can hold a
maximum of two electrons. Within each atom, these atomic orbitals, taken together, can
be represented as a diffuse cloud of electrons (Figure 5-19).

The main shell of each atomic orbital in an atom is indicated by the principal quantum
number # (from the Schrédinger equation). As we have seen, the principal quantum
number takes integral values: » = 1, 2, 3, 4,... . The value » = 1 describes the first, or
innermost, shell. These shells have been referred to as electron energy levels. Successive
shells are at increasingly greater distances from the nucleus. For example, the # = 2 shell
is farther from the nucleus than the # = 1 shell. The electron capacity of each shell is
indicated in the right-hand column of Table 5-4. For a given #, the capacity is 27°.

By the rules of Section 5-15, each shell has an s subshell (defined by € = 0) consisting
of one s atomic orbital (defined by #, = 0). We distinguish among orbitals in different

* See the Saunders Interactive
General Chemistry CD-ROM,
Screen 7.12, Quantum Numbers and
Orbitals.

As you study the next two sections,
keep in mind that the wave function,
i, for an orbital characterizes two
features of an electron in that orbital:
(1) where (the region in space) the
probability of finding the electron is
high and (2) how stable that electron is
(its energy).



Figure 5-19 An electron cloud surrounding an atomic nucleus. The electron density drops
off rapidly but smoothly as distance from the nucleus increases.

principal shells (main energy levels) by using the principal quantum number as a coeffi-
cient; 1s indicates the s orbital in the first shell, 2s is the s orbital in the second shell, 2p
is a p orbital in the second shell, and so on (Table 5-4).

For each solution to the quantum mechanical equation, we can calculate the electron
probability density (sometimes just called the electron density) at each point in the atom.
This is the probability of finding an electron at that point. It can be shown that this elec-
tron density is proportional to 722, where 7 is the distance from the nucleus.

In the graphs in Figure 5-20, the electron probability density at a given distance from
the nucleus is plotted against distance from the nucleus, for s orbitals. It is found that the
electron probability density curve is the same regardless of the direction in the atom. We

radius radius radius

Figure 5-20 Plots of the electron density distributions associated with s orbitals. For any
s orbital, this plot is the same in any direction (spherically symmetrical). The sketch below
each plot shows a cross-section, in the plane of the atomic nucleus, of the electron cloud
associated with that orbital. Electron density is proportional to 72¢2.
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describe an s orbital as spherically symmetrical; that is, it is round like a basketball (Figure
5-21). The electron clouds (electron densities) associated with the 1s, 2s, and 3s atomic
orbitals are shown just below the plots. The electron clouds are three-dimensional, and
only cross-sections are shown here. The regions shown in some figures (Figures 5-21
through 5-25) appear to have surfaces or skins only because they are arbitrarily “cut off”
so that there is a 90% probability of finding an electron occupying the orbital somewhere
within the surfaces.

Beginning with the second shell, each shell also contains a p subshell, defined by ¢ =
1. Each of these subshells consists of a set of three p atomic orbitals, corresponding to the
three allowed values of 7, (—1, 0, and +1) when € = 1. The sets are referred to as 2p,
3p, 4p, 5p, . .. orbitals to indicate the main shells in which they are found. Each set of
atomic p orbitals resembles three mutually perpendicular equal-arm dumbbells (see Figure
5-22). The nucleus defines the origin of a set of Cartesian coordinates with the usual x,
y, and z axes (see Figure 5-23a). The subscript x, y, or z indicates the axis along which
each of the three two-lobed orbitals is directed. A set of three p atomic orbitals may be
represented as in Figure 5-23b.

Beginning at the third shell, each shell also contains a third subshell (¢ = 2) composed
of a set of five d atomic orbitals (m, = —2, —1, 0, +1, +2). They are designated 34, 44,
5d, . . . to indicate the shell in which they are found. The shapes of the members of a set
are indicated in Figure 5-24.

In each of the fourth and larger shells, there is also a fourth subshell, containing a set
of seven fatomic orbitals (€ = 3, m, = =3, =2, —1, 0, +1, +2, +3). These are shown in
Figure 5-25.

Thus, we see the first shell contains only the s orbital; the second shell contains the
25 and three 2p orbitals; the third shell contains the 3s, three 3p, and five 3d orbitals; and
the fourth shell consists of a 4s, three 4p, five 4d, and seven 4f orbitals. All subsequent
shells contain s, p, 4, and f'subshells as well as others that are not occupied in any presently
known elements in their lowest energy states.
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Figure 5-21 'The shape of an s
orbital.

* See the Saunders Interactive
General Chemistry CD-ROM,

Screen 7.13, Shapes of Atomic Orbitals.

Figure 5-22 'Three representations
of the shape of a p orbital. The plot
at the bottom is along the axis of
maximum electron density for this
orbital. A plot along any other
direction would be different, because
a p orbital is nor spherically
symmetrical.
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>X

p}’ Pz

P -

Figure 5-23 (a) The relative directional character of a set of p orbitals. (b) A model of
three p orbitals (p,, p), and p,) of a single set of orbitals. The nucleus is at the center. (The
lobes are actually more diffuse (“fatter”) than depicted. See Figure 5-26.)

The sizes of orbitals increase with increasing # and the true shapes of p orbitals are
“diffuse,” as shown in Figure 5-26. The directions of p, d, and f orbitals, however, are
easier to visualize in drawings such as those in Figures 5-23, 5-24, and 5-25; therefore,
these “slender” representations are usually used.

In this section, we haven’t yet discussed the fourth quantum number, the spin quantum
number, 7z.. Because 72, has two possible values, +} and —3, each atomic orbital, defined

d, y dxz dyz

Figure 5-24 Spatial orientation of 4 orbitals. Note that the lobes of the d,, _, and d,,
orbitals lie along the axes, whereas the lobes of the others lie along diagonals Detween the
axes.
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y
X f3- % 2r2
fe3 % 2 | fy3 g yr2
|
Fxyz fraa-2
fx (z2 = y2) fz (x2 - y2)

Figure 5-25 Relative directional character of f orbitals. The seven orbitals are shown
within cubes as an aid to visualization.

by the values of #, €, and mz,, has a capacity of two electrons. Electrons are negatively
charged, and they behave as though they were spinning about axes through their centers,
so they act like tiny magnets. The motions of electrons produce magnetic fields, and these
can interact with one another. Two electrons in the same orbital having opposite 7, values
are said to be spin-paired, or simply paired (Figure 5-27).

Let us summarize, in tabular form, some of the information we have developed to this
point. The principal quantum number 7z indicates the main shell. The number of subshells
per shell is equal to », the number of atomic orbitals per shell is #2, and the maximum
number of electrons per shell is 22, because each atomic orbital can hold two electrons.
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1s 2s 2p

3s 3p
Figure 5-26 Shapes and

approximate relative sizes of several
orbitals in an atom.
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See the Saunders Interactive
General Chemistry CD-ROM,
Screen 8.2, Spinning Electrons.

The great power of modern computers
has allowed scientists to make
numerical approximations to this
solution to very high accuracy for
simple atoms such as helium. As the
number of electrons increases,
however, even such numerical
approaches become quite difficult to
apply and interpret. For multielectron
atoms, more quantitative
approximations are used.

The German verb aufbauen means “to
build up.”
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Figure 5-27 Electron spin. Electrons act as though they
spin about an axis through their centers. Because electrons
may spin in two directions, the spin quantum number has
two possible values, +3 and —3. Each electron spin
Q &_‘_/\ produces a magnetic field. When two electrons have
opposite spins, the attraction due to their opposite
magnetic fields (gray arrows) helps to overcome the
repulsion of their like charges. This permits two electrons

to occupy the same region (orbital).
One electron has m, = + %;

the other has m = —

SIS

Number of Subshells Number of Maximum Number
Shell per Shell Atomic Orbitals of Electrons
n n n? 2n?
1 1 1 (Ls) 2
2 2 4 (25, 2p,5 2py, 2p.) 8
3 3 9 (3s, three 3p’s, five 3d%) 18
4 4 16 32
5 5 25 50

ELECTRON CONFIGURATIONS

The wave function for an atom simultaneously depends on (describes) all of the electrons
in the atom. The Schrédinger equation is much more complicated for atoms with more
than one electron than for a one-electron species such as a hydrogen atom, and an explicit
solution to this equation is not possible even for helium, let alone for more complicated
atoms. We must therefore rely on approximations to solutions of the many-electron
Schrédinger equation. We shall use one of the most common and useful, called the orbital
approximation. In this approximation, the electron cloud of an atom is assumed to be
the superposition of charge clouds, or orbitals, arising from the individual electrons; these
orbitals resemble the atomic orbitals of hydrogen (for which exact solutions are known),
which we described in some detail in the previous section. Each electron is described by
the same allowed combinations of quantum numbers (z, €, 72, and ) that we used for
the hydrogen atom; however, the order of energies of the orbitals is often different from
that in hydrogen.

Let us now examine the electronic structures of atoms of different elements. The elec-
tronic arrangement that we will describe for each atom is called the ground state electron
configuration. This corresponds to the isolated atom in its lowest energy, or unexcited,
state. Electron configurations for the elements, as determined by experiment, are given
in Appendix B. We will consider the elements in order of increasing atomic number, using
as our guide the periodic table on the inside front cover of this text.

In describing ground state electron configuration, the guiding idea is that the total
energy of the atom is as low as possible. To determine these configurations, we use the

Aufbau Principle as a guide:
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Each atom is “built up” by (1) adding the appropriate numbers of protons and
neutrons as specified by the atomic number and the mass number, and (2) adding
the necessary number of electrons into orbitals in the way that gives the lowest total
energy for the atom.

As we apply this principle, we will focus on the difference in electronic arrangement
between a given element and the element with an atomic number that is one lower. In
doing this, we emphasize the particular electron that distinguishes each element from the
previous one; however, we should remember that this distinction is artificial, because elec-
trons are not really distinguishable. Though we do not always point it out, we 7zust keep
in mind that the atomic number (the charge on the nucleus) also differs.

The orbitals increase in energy with increasing value of the quantum number #. For a
given value of 7, energy increases with increasing value of €. In other words, within a
particular main shell, the s subshell is lowest in energy, the p subshell is the next lowest,
then the 4, then the f; and so on. As a result of changes in the nuclear charge and inter-
actions among the electrons in the atom, the order of energies of the orbitals can vary
somewhat from atom to atom.

"Two general rules help us to predict electron configurations.

1. Electrons are assigned to orbitals in order of increasing value of (n + ¢).

2. For subshells with the same value of (z + €), electrons are assigned first to the
subshell with lower #.

For example, the 25 subshell has (z + € =2 + 0 = 2), and the 2p subshell has (n + € =
2 + 1 = 3), so we would expect to fill the 25 subshell before the 2p subshell (rule 1). This
rule also predicts that the 4s subshell (z + ¢ = 4 + 0 = 4) will fill before the 3d subshell
(m+4€=3+2=5).Rule 2 reminds us to fill 2p (n + € =2 + 1 = 3) before 3s (n + ¢ =
3 4+ 0 = 3), because 2p has a lower value of n. The wusual order of energies of orbitals of
an atom and a helpful device for remembering this order are shown in Figures 5-28 and
5-29.

But we should consider these only as a guide to predicting electron arrangements. The
observed electron configurations of lowest total energy do not always match those
predicted by the Aufbau guide, and we will see a number of exceptions, especially for
elements in the B groups of the periodic table.

The electronic structures of atoms are governed by the Pauli Exclusion Principle:

No two electrons in an atom may have identical sets of four quantum numbers.

An orbital is described by a particular allowed set of values for #, €, and ,. Two elec-
trons can occupy the same orbital only if they have opposite spins, #z.. Two such electrons
in the same orbital are paired. For simplicity, we shall indicate atomic orbitals as __ and
show an unpaired electron as 1 and spin-paired electrons as I By “unpaired electron”
we mean an electron that occupies an orbital singly.

Row 1. The first shell consists of only one atomic orbital, 1s. This can hold a maximum
of two electrons. Hydrogen, as we have already noted, contains just one electron. Helium,
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Figure 5-29 An aid to
remembering the usual order of
filling of atomic orbitals. Write each
shell (value of #) on one horizontal
line, starting with #» = 1 at the
bottom. Write all like subshells
(same ¢ values) in the same vertical
column. Subshells are filled in order
of increasing (# + €). When
subshells have the same (z + {), the
subshell with the lower # fills first.
To use the diagram, we follow the
diagonal arrows in order, reading
bottom to top.
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Figure 5-28 'The usual order of filling (Aufbau order) of the orbitals of an atom. The
relative energies are different for different elements, but the following main features should
be noted: (1) The largest energy gap is between the 1s and 2s orbitals. (2) The energies of
orbitals are generally closer together at higher energies. (3) The gap between 7p and (n + 1)s
(e.g., between 2p and 3s or between 3p and 4) is fairly large. (4) The gap between (n — 1)d
and #s (e.g., between 3d and 4s) is quite small. (5) The gap between (z — 2)f and »s (e.g.,
between 4f and 6s) is even smaller.

€ value
1

(=]
(3]
W

n value

oo
oo
=)

-
>
)

/S

/////

(98]
QU

(=)}
o
=
Q

W
19,1
©

S

n+€ 6 n+€ 7

~
L}

/111

[\
1)
[\

S

A~

w
w
©

<

~
n+{=4 n+€=5

=/

~
+€=2 n+€=3

—_
—
@

Sn+l=1



5-17 Electron Configurations

a noble gas, has a filled first main shell (two electrons). The atom is so stable that no
chemical reactions of helium are known.

Orbital Notation

1s Simplified Notation
H I 1s!
,He i3 152

Row 2. Elements of atomic numbers 3 through 10 occupy the second period, or hori-
zontal row, in the periodic table. In neon atoms the second main shell is filled completely.
Neon, a noble gas, is extremely stable. No reactions of it are known.

Orbital Notation

1s 2s 2p Simplified Notation
;Li i 1 15225t or [He] 25!
,Be i i 152252 [He] 242
B i i T 1522:22p! [He] 2:22p!
C i3 i T 15225222 [He] 2:22p?
N i i T 1:22:22p3 [He] 2:22p3
(O i i rrr 12222 [He] 2:22p*
oF i N N 122:22p5 [He] 25225
1oNe N N AN 15225226 [He] 25226

We see that some atoms have unpaired electrons in the same set of energetically equiv-
alent, or degenerate, orbitals. We have already seen that two electrons can occupy a given
atomic orbital (with the same values of 7, €, and m,) only if their spins are paired (have
opposite values of 7). Even with pairing of spins, however, two electrons that are in the
same orbital repel each other more strongly than do two electrons in different (but equal-
energy) orbitals. Thus, both theory and experimental observations (see the following
Enrichment section) lead to Hund’s Rule:

Electrons occupy all the orbitals of a given subshell singly before pairing begins.
These unpaired electrons have parallel spins.

Thus, carbon has two unpaired electrons in its 2p orbitals, and nitrogen has three.

As with helium, neon’s electrons can be displaced by
high-voltage electric discharge, as is observed in
neon signs.
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Helium’s electrons can be displaced
only by very strong forces, as in
excitation by high-voltage discharge.

In the simplified notation, we indicate
with superscripts the number of
electrons in each subshell.

In writing electron configurations of
atoms, we frequently simplify the
notations. The abbreviation [He]
indicates that the Is orbital is
completely filled, 152, as in helium.
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Enrichment
Paramagnetism and Diamagnetism

Substances that contain unpaired electrons are weakly astracted into magnetic fields and are

Both paramagnetism and diamagnetism said to be paramagnetic. By contrast, those in which all electrons are paired are very weakly
are hundreds to thousands of times repelled by magnetic fields and are called diamagnetic. The magnetic effect can be measured
weaker than ferromagnetism, the effect by hanging a test tube full of a substance on a balance by a long thread and suspending it
seen in iron bar magnets. above the gap of an electromagnet (Figure 5-30). When the current is switched on, a para-

magnetic substance such as copper(Il) sulfate is pulled into the strong field. The

Iron displays ferromagnetism.

No magnetic field

Figure 5-30 Diagram of an apparatus for measuring the paramagnetism of a substance.
The tube contains a measured amount of the substance, often in solution. (a) Before the
magnetic field is turned on, the position and mass of the sample are determined. (b)
When the field is on, a paramagnetic substance is attracted #nto the field. (c) A
diamagnetic substance would be repelled very weakly by the field.
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paramagnetic attraction per mole of substance can be measured by weighing the sample
before and after energizing the magnet. The paramagnetism per mole increases with
increasing number of unpaired electrons per formula unit. Many transition metals and ions
have one or more unpaired electrons and are paramagnetic.

The metals of the iron triad (Fe, Co, and Ni) are the only fiee elements that exhibit
ferromagnetism. This property is much stronger than paramagnetism; it allows a substance
to become permanently magnetized when placed in a magnetic field. This happens as
randomly oriented electron spins align themselves with an applied field. To exhibit ferro-
magnetism, the atoms must be within the proper range of sizes so that unpaired electrons
on adjacent atoms can interact cooperatively with one another, but not to the extent that
they pair. Experimental evidence suggests that in ferromagnets, atoms cluster together into
domains that contain large numbers of atoms in fairly small volumes. The atoms within each
domain interact cooperatively with one another.

Row 3. The next element beyond neon is sodium. Here we begin to add electrons to the
third shell. Elements 11 through 18 occupy the third period in the periodic table.

Orbital Notation

3s 3p Simplified Notation

Na  [Neg L [Ne] 3s!

LMg  [Ne [Ne] 352

LA Ng N T [Ne] 3523p!
Si Neg N T [Ne] 35232
/5P Ng N T 1T [Ne] 35233
S Ng N N1 [Ne] 3523p*
s NglLo NN T [Ne] 3523
Ar Ng o NN N [Ne] 3523p6

Although the third shell is not yet filled (the 4 orbitals are still empty), argon is a noble
gas. All noble gases except helium have ns?npS electron configurations (where 7 indicates
the largest occupied shell). The noble gases are quite unreactive.

Rows 4 and 5. It is an experimentally observed fact that an electron occupies the available
orbital that gives the atom the lowest total energy. It is observed that filling the 4s orbitals
before electrons enter the 34 orbitals usually leads to a lower total energy for the atom
than some other arrangements. We therefore fill the orbitals in this order (see Figure
5-28). According to the Aufbau order (recall Figures 5-28 and 5-29), 4s fills before 34. In
general, the (n + 1)s orbital fills before the nd orbital. 'This is sometimes referred to as the
(n + 1) rule.

After the 3d sublevel is filled to its capacity of 10 electrons, the 4p orbitals fill next,
taking us to the noble gas krypton. Then the 5s orbital, the five 44 orbitals, and the three
Sp orbitals fill to take us to xenon, a noble gas.

Let us now examine the electronic structure of the 18 elements in the fourth period
in some detail. Some of these have electrons in d orbitals.

* See the Saunders Interactive
General Chemistry CD-ROM,
Screen 8.3, Spinning Electrons and
Magnetism.
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End-of-chapter Exercises 81-111
provide much valuable practice in
writing electron configurations.

The electron configurations of
elements 1 through 109 are given in
Appendix B.

Orbital Notation

3d 4s 4p Simplified Notation
oK [Ar] I [Ar] 45!
wCa  [Ar] i [Ar] 42
4S¢ A 1+ A [Ar] 34142
LT 14 [Ar] 342452
5V w trr 4 [Ar] 343452
LCr A 11t 1r1 1 [Ar] 3d54s!
sMn A7 Trrrr A [Ar] 345452
WFe A NTTTT A [Ar] 346452
»Co (A7 NNTTT N [Ar] 347452
WNio@Aag ANt A [Ar] 348452
wCu A NAANNN T [Ar] 3410451
wZn A NEHNNN N [Ar] 3410452
4Ga (A NAENANN N T [Ar] 3d104524p!
LGe A NENNNN N T [Ar] 31045242
GAs A NAENNNN N T 1TT [Ar] 3d104:24p3
WSe A NANHNNN N N1 [Ar] 34104245
Br g NAERNANN N NN [Ar] 3d104:24p5
Koo NERANN N NANN [Ar] 341045246

As you study these electron configurations, you should be able to see how most of them
are predicted from the Aufbau order. However, as we fill the 34 set of orbitals, from ,;Sc
to 30Zn, we see that these orbitals are not filled quite regularly. As the 34 orbitals are
filled, their energies get closer to that of the 4s orbital and eventually become lower. If
the order of filling of electrons on chromium gave the expected configuration, it would
be: [Ar] 45s234* Chemical and spectroscopic evidence indicates, however, that the config-
uration of Cr has only one electron in the 4s orbital, [Ar] 45s'34°. For this element, the 4s
and 34 orbitals are nearly equal in energy. Six electrons in these six orbitals of nearly the
same energy are more stable with the electrons all unpaired, [Ar] 34 N N O O
rather than the predicted order [Ar] 3d 1111 40

The next elements, Mn to Ni, have configurations as predicted by the Aufbau order,
presumably because forming a pair of electrons in the larger 4s orbital is easier than in a
smaller, less diffuse, 3d orbital. By the time Cu is reached, the energy of 34 is sufficiently
lower than that of 4s, so that the total energy of the configuration [Ar] 4513410 is lower
than that of [Ar] 4s234°.

We notice that the exceptions for Cr and Cu give half-filled or filled sets of equiva-
lent orbitals (@° and 419, respectively), and this is also true for several other exceptions to
the Aufbau order. You may wonder why such an exception does not occur in, for example,
1451 or 3,Ge, where we could have an s'p? configuration that would have half-filled sets
of s and p orbitals. It does not occur because of the very large energy gap between s and
np orbitals. There is some evidence that does, however, suggest an enhanced stability of
half-filled sets of p orbitals.

/ Problem-Solving Tip: Exceptions to the Aufbau Order

In Appendix B, you will find a number of exceptions to the electron configurations
predicted from the Aufbau Principle. You should realize that statements such as the
Aufbau Principle and the (z + 1) rule merely represent general guidelines and should
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not be viewed as hard-and-fast rules; the total energy of the atom is as low as possible.
Some of the reasons for exceptions are

1. The Aufbau order of orbital energies is based on calculations for the hydrogen atom,
which contains only one electron. The orbital energies also depend on additional
factors such as the nuclear charge and interactions of electrons in different occupied
orbitals.

2. The energy scale varies with the atomic number.

3. Some orbitals are very close together, so their order can change, depending on the
occupancies of other orbitals.

Some types of exceptions to the Aufbau order are general enough to remember easily,
for example, those based on the special stability of filled or half-filled sets of orbitals.
Other exceptions are quite unpredictable. Your instructor may expect you to remember
some of the exceptions.

Let us now write the quantum numbers to describe each electron in an atom of nitrogen.
Keep in mind the fact that Hund’s Rule must be obeyed. Thus, there is only one (unpaired)
electron in each 2p orbital in a nitrogen atom.

EXAMPLE 5-8  Electron Configurations and Quantum Numbers
Write an acceptable set of four quantum numbers for each electron in a nitrogen atom.

Plan

Nitrogen has seven electrons, which occupy the lowest energy orbitals available. Two electrons
can occupy the first shell, » = 1, in which there is only one s orbital; when » = 1, then € must
be zero, and therefore 7, = 0. The two electrons differ only in spin quantum number, 7. The
next five electrons can all fit into the second shell, for which #» = 2 and ¢ may be either 0 or
1. The € = 0 (s) subshell fills first, and the € = 1 (p) subshell is occupied next.

Solution

Electron n 4 m, m, e~ Configuration
1
12 1 0 0 4 12
1 0 0 =3
1
34 2 0 0 4 92
20 0o -1
2 1 -1 1 oF =5 2p,!
5,6,7 2 1 0 +1or -1 Zpyl or 2p3
2 1 +1  +jor—; 2p,!

EXAMPLE 5-9  Electron Configurations and Quantum Numbers
Write an acceptable set of four quantum numbers for each electron in a chlorine atom.

Plan

Chlorine is element number 17. Its first seven electrons have the same quantum numbers as
those of nitrogen in Example 5-8. Electrons 8, 9, and 10 complete the filling of the 2p subshell
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Electrons are indistinguishable. We
have numbered them 1, 2, 3, and so on
as an aid to counting them.

In the lowest energy configurations,

the three 2p electrons either have 7, =

+3 or all have m, = —3.
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(n =2, € =1) and therefore also the second energy level. Electrons 11 through 17 fill the 3s
subshell (z = 3, € = 0) and partially fill the 3p subshell (z = 3, € = 1).

Solution
Electron n € m, m, e~ Configuration
1,2 1 0 0 &= 1s?
3,4 2 0 0 = 252
2 1 -1 35
5-10 2 1 0 e 2p0
2 1 +1 ==
11, 12 3 0 0 e 352
3 1 -1 35
13-17 3 1 0 e 3p°
3 1 41 +jor -3

*The 3p orbital with only a single electron can be any one of the set, not necessarily
the one with m, = +1.

You should now work Exercises 104 and 108.

EET] THE PERIODIC TABLE AND ELECTRON
CONFIGURATIONS

In this section, we view the periodic table (see inside front cover and Section 4-1) from a
modern, much more useful perspective—as a systematic representation of the electron
configurations of the elements. In the periodic table, elements are arranged in blocks based
on the kinds of atomic orbitals that are being filled (Figure 5-31). The periodic tables in
this text are divided into “A” and “B” groups. The A groups contain elements in which s
and p orbitals are being filled. Elements within any particular A group have similar elec-
tron configurations and chemical properties, as we shall see in the next chapter. The B
groups are those in which there are one or two electrons in the s orbital of the outermost
occupied shell, and the d orbitals, one shell smaller, are being filled.

Lithium, sodium, and potassium, elements of the leftmost column of the periodic table
(Group IA), have a single electron in their outermost s orbital (s!). Beryllium and magne-
sium, of Group ITA, have two electrons in their outermost shell, ns2, while boron and
aluminum (Group IITA) have three electrons in their outermost shell, zs2zp!. Similar obser-
vations can be made for other A group elements.

The electron configurations of the A group elements and the noble gases can be
predicted reliably from Figures 5-28 and 5-29. However, there are some more pronounced
irregularities in the B groups below the fourth period. In the heavier B group elements,
the higher energy subshells in different principal shells have energies that are very nearly
equal (Figure 5-29). It is easy for an electron to jump from one orbital to another of nearly
the same energy, even in a different set. This is because the orbital energies are perturbed
(change slightly) as the nuclear charge changes, and an extra electron is added in going
from one element to the next. This phenomenon gives rise to other irregularities that are
analogous to those of Cr and Cu, described earlier.
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Group IA 1IIA IIIB IVB VB VIB VIIB VIIB IB 1B IIA IVA VA VIA VIIA VIIA
f—/%
H @ G @ G 6 O @ O 40 dn a2 (3 a4 ds dae (17 18)

1 1 2

Period | H H | He
11 1s 1s
3 4 5 6 7 8 9 | 10
Li | Be B|C|N|O|F]|Ne
2 2s 2p
1mn | 12 13| 14| 15 16 | 17 | 18
Na | Mg Al| Si| P | S |Cl|Ar
3 3s 3p

19 [ 20 [ 21 [ 22 [ 23 [ 24 [ 25 [ 26 [ 27 | 28 [ 290 [ 30 | 31 | 32 | 33 [ 34 | 35 | 36
K|Ca|Sc|Ti|V |Cr|Mn|Fe|Co|Ni|Cu|Zn|Ga|Ge|As| Se | Br | Kr

55| 56 | 57| 72 73| 74| 75|76 | 77| 78| 79| 8 |8 | 8 [8 | 8 |8 |8
Cs|Ba|La|Hf | Ta| W |Re |Os | Ir | Pt | Au|Hg| Tl | Pb | Bi | Po | At | Rn

6 6s 5d 6p
87 | 88 | 89 [ 104 | 105 [ 106 | 107 | 108 | 109 | 110 | 111 | 112
Fr | Ra| Ac | Rf | Db | Sg | Bh | Hs | Mt

7 Ts 6d

58 | 59 | 60 | 61 | 62 [ 63 | 64 [ 65 | 66 | 67 | 68 | 69 [ 70 | 71
Ce | Pr | Nd|Pm|Sm| Eu|Gd|Tb | Dy | Ho | Er | Tm| Yb | Lu

90 91 92 93 94 95 96 97 98 99 100 | 101 | 102 | 103
Th|{Pa| U |Np|Pu|Am|Cm | Bk | Cf | Es | Fm | Md | No | Lr

Figure 5-31 A periodic table colored to show the kinds of atomic orbitals (subshells) being
filled and the symbols of blocks of elements. The electronic structures of the A group
elements are quite regular and can be predicted from their positions in the periodic table,
but many exceptions occur in the 4 and f blocks. The colors in this figure are the same as
those in Figure 5-28.

Hydrogen and helium are shown here in their usual positions in the periodic table. These
may seem somewhat unusual based just on their electron configurations. We should
remember, however, that the first shell (z = 1) can hold a maximum of only two electrons.
This shell is entirely filled in helium, so He behaves as a noble gas, and we put it in the
column with the other noble gases (Group VIIIA). Hydrogen has one electron that is easily
lost, like the metals in Group IA, so we put it in Group IA even though it is not a metal.
Furthermore, hydrogen is one electron short of a noble gas configuration (He), so we could
also place it with the other such elements in Group VIIA.

We can extend the information in Figure 5-31 to indicate the electron configurations
that are represented by each group (column) of the periodic table. Table 5-5 shows this
interpretation of the periodic table, along with the most important exceptions (A more
complete listing of electron configurations is given in Appendix B.) We can use this inter-
pretation of the periodic table to write, quickly and reliably, the electron configurations
for elements.
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\LIREBESS The s, p, d, and f Blocks of the Periodic Table*

n=7

s orbital block

GROUPS
IA T1IA IIIB IVB VB VIB VIIB VIIIB IB 1IB IITA IVA VA VIA VIIA VIIIA
f—)%
n @ 3 @ ) © O @ G 10 ay a12) 13) (14 15) a6y (17) (18)
2
D _ Fo
: ! p orbital block | 2
1 i He |
___a
H XZpl XZPZ X2p3 A‘Zp" X2p5 szﬁ
3 4 5 6 7 8 9 | 10
Li | Be B|C|N|O|F|N
d orbital block N
1| 12 + 13| 14| 15| 16| 17| 18
Na Mg dISZ dZSZ dlSZ dSS‘ dSSZ d652 d752 dXSZ dl()xl deZ Al Si P s Cl Ar
19 [ 20 | 21 ! 22 | 23 | 24 | 25 | 26 [ 27 | 28 [ 20 | 30 | 31 [ 32 | 33 | 34 | 35 | 36
K | Ca| Sc orbital Ti | V| Cr|[Mn|Fe|Co|Ni|CufZn|Ga|Ge]|As| Se | Br| Kr
37 | 38 | 39 block | 40 [ 41 | 42 | 43 | 44 | 45 | 46 | 47 | 48 | 49 [ 50 | 51 | 52 | 53 | 54
Rb | Sr|Y + Zr [Nb (Mo | Tc [Ru|[Rh [Pd [Ag|(Cd | In [ Sn [Sb | Te | I | Xe
d’s! d’s' | d8s! | d'0°

55 56 57 58 71 72 73 74 75 76 71 78 79 80 81 82 83 84 85 86

Cs|Ba|La|Ce>»Lu |Hf | Ta| W |Re |Os| Ir | Pt | Au|[Hg | Tl [ Pb | Bi | Po | At [ Rn
d's® &’s!

87 | 88 | 89 | 90 103 | 104 | 105 | 106 | 107 | 108 | 109 | 110 | 111 | 112
Fr | Ra| Ac | Th>Lr | Rf | Db | Sg | Bh | Hs | Mt

LANTHANIDE| 58 | 59 [ 60 | 61 | 62 | 63 | 64 | 65 | 66 | 67 [ 68 | 69 | 70 | 71 |4f subshell

SERIES| Ce | Pr | Nd (Pm |Sm | Eu | Gd | Tb [ Dy | Ho | Er | Tm | Yb [ Lu |being filled

ACTINIDE| 90 | 91 | 92 | 93 | 94 [ 95 | 96 [ 97 | 98 [ 99 | 100 | 101 | 102 | 103 |5f subshell
SERIES| Th [ Pa | U [ Np | Pu [Am|Cm | Bk | Cf | Es | Fm | Md | No | Lr |being filled

*n is the principal quantum number. The d's?, d°s?, . . . designations represent known configurations. They refer to (n — 1)d
and ns orbitals. Several exceptions to the configurations indicated above each group are shown in gray.

EXAMPLE 5-10 Electron Configurations

Use Table 5-5 to determine the electron configurations of (a) magnesium, Mg; (b) germanium,
Ge; and (¢) molybdenum, Mo.

Plan

We will use the electron configurations indicated in Table 5-5 for each group. Each period (row)
begins filling a new shell (new value of 7). Elements to the right of the d orbital block have
the d orbitals in the (z — 1) shell already filled. We often find it convenient to collect all sets
of orbitals with the same value of # together, to emphasize the number of electrons in the outer-
most shell, that is, the shell with the highest value of .

Solution

(a) Magnesium, Mg, is in Group IIA, which has the general configuration s%; it is in Period
3 (third row). The last filled noble gas configuration is that of neon, or [Ne]. The electron
configuration of Mg is [Ne] 3s2.

(b) Germanium, Ge, is in Group IVA, for which Table 5-5 shows the general configuration
s2p?. Tt is in Period 4 (the fourth row), so we interpret this as 4s24p2. The last filled noble gas
configuration is that of argon, Ar, accounting for 18 electrons. In addition, Ge lies beyond the



Key Terms

d orbital block, so we know that the 34 orbitals are completely filled. The electron configura-
tion of Ge is [Ar] 4s23d194p2 or [Ar] 3d104s24p?.

(c) Molybdenum, Mo, is in Group VIB, with the general configuration d%; it is in Period 5,
which begins with 55 and is beyond the noble gas krypton. The electron configuration of Mo is
[Kr] 5s144° or [Kr] 44°5sl. The electron configuration of molybdenum is analogous to that
of chromium, Cr, the element just above it. The configuration of Cr was discussed in Section
5-17 as one of the exceptions to the Aufbau order of filling.

You should now work Exercise 106.

EXAMPLE 5-11  Unpaired Electrons
Determine the number of unpaired electrons in an atom of tellurium, Te.

Plan

Te is in Group VIA in the periodic table, which tells us that its configuration is s?p* All other
shells are completely filled, so they contain only paired electrons. We need only to find out
how many unpaired electrons are represented by s2p*.

Solution
"The notation s2p* is a short representation for s i3 P T 1 T This shows that an atom of Te
contains two unpaired electrons.

You should now work Exercises 100 and 102.

The periodic table has been described as “the chemist’s best friend.” Chemical reac-
tions involve loss, gain, or sharing of electrons. In this chapter, we have seen that the
fundamental basis of the periodic table is that it reflects similarities and trends in electron
configurations. It is easy to use the periodic table to determine many important aspects
of electron configurations of atoms. Practice until you can use the periodic table with
confidence to answer many questions about electron configurations. As we continue our
study, we will learn many other useful ways to interpret the periodic table. We should
always keep in mind that the many trends in chemical and physical properties that we cor-
relate with the periodic table are ultimately based on the trends in electron configurations.
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Absorption spectrum The spectrum associated with absorption
of electromagnetic radiation by atoms (or other species) result-
ing from transitions from lower to higher energy states.

Alpha () particle A helium ion with a 2+ charge; an assembly
of two protons and two neutrons.

amu See Aromic mass unit.

Angular momentum quantum number (€) The quantum
mechanical solution to a wave equation that designates the sub-
shell, or set of orbitals (s, p, d, f), within a given main shell in
which an electron resides.

Anode In a cathode-ray tube, the positive electrode.

Atomic mass unit An arbitrary mass unit defined to be exactly
one-twelfth the mass of the carbon-12 isotope.

Atomic number The integral number of protons in the nucleus;
defines the identity of an element.

Atomic orbital The region or volume in space in which the
probability of finding electrons is highest.

Aufbau (“building up”) Principle A guide for predicting the
order in which electrons fill subshells and shells in atoms.

Balmer-Rydberg equation An empirical equation that re-
lates wavelengths in the hydrogen emission spectrum to
integers.

Canal ray A stream of positively charged particles (cations) that
moves toward the negative electrode in a cathode-ray tube;
observed to pass through canals in the negative electrode.

Cathode In a cathode-ray tube, the negative electrode.
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Cathode ray The beam of electrons going from the negative
electrode toward the positive electrode in a cathode-ray tube.

Cathode-ray tube A closed glass tube containing a gas under
low pressure, with electrodes near the ends and a luminescent
screen at the end near the positive electrode; produces cathode
rays when high voltage is applied.

Continuous spectrum The spectrum that contains all wave-
lengths in a specified region of the electromagnetic spectrum.

d orbitals Beginning in the third shell, a set of five degenerate
orbitals per shell, higher in energy than s and p orbitals in the
same shell.

Degenerate orbitals Two or more orbitals that have the same
energy.

Diamagnetism Weak repulsion by a magnetic field; associated
with all electrons being paired.

Electromagnetic radiation Energy that is propagated by means
of electric and magnetic fields that oscillate in directions per-
pendicular to the direction of travel of the energy.

Electron A subatomic particle having a mass of 0.00054858 amu
and a charge of 1—.

Electron configuration The specific distribution of electrons in
the atomic orbitals of atoms and ions.

Electron transition The transfer of an electron from one energy
level to another.

Emission spectrum The spectrum associated with emission of
electromagnetic radiation by atoms (or other species) resulting
from electron transitions from higher to lower energy states.

Excited state Any energy state other than the ground state of
an atom, ion, or molecule.

forbitals Beginning in the fourth shell, a set of seven degener-
ate orbitals per shell, higher in energy than s, p, and d orbitals
in the same shell.

Ferromagnetism The property that allows a substance to
become permanently magnetized when placed in a magnetic
field; exhibited by iron, cobalt, and nickel.

Frequency (1) The number of crests of a wave that pass a given
point per unit time.

Fundamental particles Subatomic particles of which all matter
is composed; protons, electrons, and neutrons are fundamental
particles.

Ground state The lowest energy state or most stable state of an
atom, molecule, or ion.

Group A vertical column in the periodic table; also called a fam-
ily.

Heisenberg Uncertainty Principle It is impossible to deter-
mine accurately both the momentum and position of an electron
simultaneously.

Hund’s Rule Each orbital of a given subshell is occupied by a
single electron before pairing begins. See Aufbau Principle.
Isotopes Two or more forms of atoms of the same element with
different masses; that is, atoms containing the same number of

protons but different numbers of neutrons.

Line spectrum An atomic emission or absorption spectrum.

Magnetic quantum number (72,) Quantum mechanical solu-
tion to a wave equation that designates the particular orbital
within a given subshell (s, p, 4, f) in which an electron resides.
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Mass number The integral sum of the numbers of protons and
neutrons in an atom.

Mass spectrometer An instrument that measures the charge-to-
mass ratios of charged particles.

Natural radioactivity Spontaneous decomposition of an atom.

Neutron A subatomic nuclear particle having a mass of 1.0087
amu and no charge.

Nucleus The very small, very dense, positively charged center
of an atom containing protons and neutrons, except for {H.
Nuclide symbol The symbol for an atom, 4E, in which E is the
symbol for an element, Z is its atomic number, and A is its mass

number.

p orbitals Beginning with the second shell, a set of three degen-
erate mutually perpendicular, equal-arm, dumbbell-shaped
atomic orbitals per shell.

Pairing of electrons Interaction of two electrons with opposite
m, values in the same orbital (V).

Paramagnetism Attraction toward a magnetic field, stronger
than diamagnetism, but still very weak compared with ferro-
magnetism; due to presence of unpaired electrons.

Pauli Exclusion Principle No two electrons in the same atom
may have identical sets of four quantum numbers.

Period A horizontal row in the periodic table.

Photoelectric effect Emission of an electron from the surface
of a metal, caused by impinging electromagnetic radiation of
certain minimum energy; the resulting current increases with
increasing intensity of radiation.

Photon A “packet” of light or electromagnetic radiation; also
called a quantum of light.

Principal quantum number (z) The quantum mechanical solu-
tion to a wave equation that designates the main shell, or energy
level, in which an electron resides.

Proton A subatomic particle having a mass of 1.0073 amu and a
charge of 1+, found in the nuclei of atoms.

Quantum A “packet” of energy. See Phoron.

Quantum mechanics A mathematical method of treating parti-
cles on the basis of quantum theory, which assumes that energy
(of small particles) is not infinitely divisible.

Quantum numbers Numbers that describe the energies of elec-
trons in atoms; they are derived from quantum mechanical
treatment.

Radiant energy See Electromagnetic radiation.

s orbital A spherically symmetrical atomic orbital; one per
shell.

Spectral line Any of a number of lines corresponding to defi-
nite wavelengths in an atomic emission or absorption spectrum;
these lines represent the energy difference between two energy
levels.

Spectrum Display of component wavelengths of electromag-
netic radiation.

Spin quantum number () The quantum mechanical solu-
tion to a wave equation that indicates the relative spins of
electrons.

Wavelength () The distance between two identical points of a
wave.
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Particles and the Nuclear Atom

1.

2.

*3.

*4,

List the three fundamental particles of matter, and indi-
cate the mass and charge associated with each.

(a) How do we know that canal rays have charges oppo-
site in sign to cathode rays? What are canal rays? (b) Why
are cathode rays from all samples of gases identical,
whereas canal rays are not?

The following data are measurements of the charges on
oil droplets using an apparatus similar to that used by Mil-
likan:

17.308 X 10719 C
28.844 X 10719 C
11.545 X 10719 C
19.214 X 10719 C

13.458 X 10719 C
15373 X 10719 C
17.303 X 10719 C
15.378 X 10719 C

7.

8.

9.

Summarize Moseley’s contribution to our knowledge of
the structure of atoms.

The approximate radius of a hydrogen atom is 0.0529 nm,
and that of a proton is 1.5 X 10715 m. Assuming both the
hydrogen atom and the proton to be spherical, calculate
the fraction of the space in an atom of hydrogen that is
occupied by the nucleus. V' = (4/3)m3 for a sphere.

The approximate radius of a neutron is 1.5 X 10715 m,
and the mass is 1.675 X 10727 kg. Calculate the density
of a neutron. V' = (4/3)m for a sphere.

Atom Composition, Isotopes, and Atomic Weights

10.

Arrange the following in order of increasing ratio of
charge to mass: 12C*, 12C2+, 14N*, 4N2+,

Each should be a whole-number ratio of some funda- 11. Refer to Exercise 10. Suppose all of these high-energy
mental charge. Using these data, determine the value of ions are present in a mass spectrometer. For which one
the fundamental charge. will its path be changed (a) the most and (b) the least by
Suppose we discover a new positively charged particle, increasing the external magnetic field?
which we call the “whizatron.” We want to determine its 12. Estimate the percentage of the total mass of a $§Cu atom
charge. that is due to (a) electrons, (b) protons, and (c) neutrons
(a) What modifications would we have to make to the by assuming that the mass of the atom is simply the sum
Millikan oil-drop apparatus to carry out the corre- of the masses of the appropriate numbers of subatomic
sponding experiment on whizatrons? particles.
(b) In such an experiment, we observe the following 13. (a) How are isotopic abundances determined experimen-
charges on five different droplets: tally? (b) How do the isotopes of a given element differ?
576 X 10719 C 7.20 X 10719 C 14. Define and illustrate the following terms clearly and con-
288 X 10719 C 10.08 X 10719 C cisely: (a) atomic number, (b) isotope, (c) mass number,
8.64 X 1019 C (d) nuclear charge.
What is the charge on the whizatron? 15. Write the composition of one atom of each of the three
. Outline Rutherford’s contribution to understanding the isotopes of silicon: 28Si, 29Si, 30Si.
nature of atoms. 16. Write the composition of one atom of each of the four
. Why was Rutherford so surprised that some of the isotopes of sulfur: 325, 33§, 345 365,
a-particles were scattered backward in the gold foil 17. Complete Chart A for neutral atoms.
experiment? 18. Complete Chart B for neutral atoms.
Chart A
Kind of Atomic Mass Number of Number of Number of
Atom Number Number Isotope Protons Electrons Neutrons
21NJe
10
chlorine 35
28 58
40 18
Chart B
Kind of Atomic Mass Number of Number of Number of
Atom Number Number Isotope Protons Electrons Neutrons
selenium 40
1B
35 46
104 45
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*19. Prior to 1962, the atomic weight scale was based on the
assignment of an atomic weight of exactly 16 amu to the
naturally occurring mixture of oxygen. The atomic weight
of cobalt is 58.9332 amu on the carbon-12 scale. What
was it on the older scale?

20. Determine the number of protons, neutrons, and elec-
trons in each of the following species: (a) 4)Ca; (b) 7S¢;
(© 71 (d) K () G205 () WAg.

21. Determine the number of protons, neutrons, and elec-
trons in each of the following species: (a) 3¢ST; (b) 33Nb;
() $3AL (d) $3Cu™; (e) 36Fe™; (f) 33Fe3T.

22. What is the symbol of the species composed of each of
the following sets of subatomic particles? (a) 24p, 27x,
24e; (b) 20p, 20m, 18e; (c) 34p, 44n, 34e; (d) 53p, 74n, 54e.

23. What is the symbol of the species composed of each of
the following sets of subatomic particles? (a) 94p, 150n,
94e; (b) 79p, 118n, 76¢; (c) 34p, 45n, 36¢; (d) 52p, 76m, 54e.

24. The atomic weight of lithium is 6.941 amu. The two nat-
urally occurring isotopes of lithium have the following
masses: °Li, 6.01512 amu; “Li, 7.01600 amu. Calculate
the percent of 6Li in naturally occurring lithium.

25. The atomic weight of rubidium is 85.4678 amu. The two
naturally occurring isotopes of rubidium have the fol-
lowing masses: 8°Rb, 84.9118 amu; 87Rb, 86.9092 amu.
Calculate the percent of 3°Rb in naturally occurring
rubidium.

26. Bromine is composed of }?Br, 78.9183 amu, and §!Br,
80.9163 amu. The percent composition of a sample is
50.69% Br-79 and 49.31% Br-81. Based on this sample,
calculate the atomic weight of bromine.

27. What is the atomic weight of a hypothetical element that
consists of the following isotopes in the indicated relative

abundances?
Isotopic % Natural
Isotope Mass (amu) Abundance
1 94.9 12.4
2 95.9 73.6
3 97.9 14.0

28. Naturally occurring iron consists of four isotopes with the
abundances indicated here. From the masses and relative
abundances of these isotopes, calculate the atomic weight
of naturally occurring iron.

Isotopic % Natural

Isotope Mass (amu) Abundance
54Fe 53.9396 5.82
56Fe 55.9349 91.66
57Fe 56.9354 2.19
8Fe 57.9333 0.33

29. Calculate the atomic weight of nickel from the following

information.
Isotopic % Natural
Isotope Mass (amu) Abundance
58N 57.9353 67.88
60Ni 59.9332 26.23
6INji 60.9310 1.19
62Ni 61.9283 3.66
64Ni 63.9280 1.08

30. The atomic weight of copper is 63.546 amu. The two nat-
urally occurring isotopes of copper have the following
masses: $3Cu, 62.9298 amu; 6°Cu, 64.9278 amu. Calcu-
late the percent of 63Cu in naturally occurring copper.

31. Silver consists of two naturally occurring isotopes: 197Ag,
which has a mass of 106.90509 amu, and 19%Ag, which has
a mass of 108.9047 amu. The atomic weight of silver is
107.8682 amu. Determine the percent abundance of each
isotope in naturally occurring silver.

32. Refer to Table 5-3 only and calculate the atomic weights
of oxygen and chlorine. Do your answers agree with the
atomic weights given in that table?

33. The following is a mass spectrum of the 1+ charged ions
of an element. Calculate the atomic weight of the ele-
ment. What is the element?

T 0.7215
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84.9117 86.9085

Mass (amu) —»

34. Suppose you measure the mass spectrum of the 1+
charged ions of germanium, atomic weight 72.61 amu.
Unfortunately, the recorder on the mass spectrometer
jams at the beginning and again at the end of your exper-
iment. You obtain only the following partial spectrum,
which may or may not be complete. From the information
given here, can you tell whether one of the germanium
isotopes is missing? If one is missing, at which end of the
plot should it appear?



Relative abundance —»

35.

36.

7.31

5.49

71.9217 72.9234 73.9219 75.9219

Mass (amu) —»

Calculate the atomic weight of silicon using the follow-
ing data for the percent natural abundance and mass of
each isotope: (a) 92.23% 28Si (27.9769 amu); (b) 4.67%
29Si (28.9765 amu); (c) 3.10% 30Si (29.9738 amu).
Calculate the atomic weight of chromium using the fol-
lowing data for the percent natural abundance and mass
of each isotope: (a) 4.35% °Cr (49.9461 amu); (b) 83.79%
2Cr (51.9405 amu); () 9.50% 33Cr (52.9406 amu);
(d) 2.36% **Cr (53.9389 amu).

Electromagnetic Radiation

37.

38.

39.

40.

41.

42.

*43,

Calculate the wavelengths, in meters, of radiation of the
following frequencies: (a) 5.60 X 101% s71; (b) 2.11 X
1014571 () 3.89 X 1012571,

Calculate the frequency of radiation of each of the fol-
lowing wavelengths: (a) 8973 A; (b) 492 nm; (¢) 4.92 cmy
(d) 4.55 X 10=2 cm.

What is the energy of a photon of each of the radiations
in Exercise 37? Express your answer in joules per pho-
ton. In which regions of the electromagnetic spectrum do
these radiations fall?

Excited lithium ions emit radiation at a wavelength of
670.8 nm in the visible range of the spectrum. (This char-
acteristic color is often used as a qualitative analysis test
for the presence of Li*.) Calculate (a) the frequency and
(b) the energy of a photon of this radiation. (c) What color
is this light?

Calculate the energy, in joules per photon, of X-rays hav-
ing a wavelength of 3.0 A. How does the energy of these
X-rays compare with the energy calculated for yellow
light in Example 5-5?

Ozone in the upper atmosphere absorbs ultraviolet radi-
ation, which induces the following chemical reaction:

O5() — O4(g) + O(g)

What is the energy of a 3400-A photon that is absorbed?
What is the energy of a mole of these photons?

During photosynthesis, chlorophyll-a absorbs light of
wavelength 440 nm and emits light of wavelength

44.

45.

*46.

*47.

48.
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670 nm. What is the energy available for photosynthesis
from the absorption—emission of a mole of photons?

Photosynthesis.

Classical music radio station KMFA in Austin broadcasts
at a frequency of 89.5 MHz. What is the wavelength of
its signal in meters?

Describe the following terms clearly and concisely in
relation to electromagnetic radiation: (a) wavelength,
(b) frequency, (c) amplitude, (d) color.

Assume that 10717 J of light energy is needed by the inte-
rior of the human eye to “see” an object. How many
photons of green light (wavelength = 495 nm) are needed
to generate this minimum energy?

The human eye receives a 2.500 X 10714 J signal con-
sisting of photons of orange light, A = 6150 A. How many
photons reach the eye?

Alpha Centauri is the star closest to our solar system. It
is 4.3 light-years away. How many miles in this? A light-
year is the distance that light travels (in a vacuum) in one
year. Assume that space is essentially a vacuum.

The Photoelectric Effect

49.

50.

*51.

*52.

What evidence supports the idea that electromagnetic
radiation is (a) wave-like; (b) particle-like?

Describe the influence of frequency and intensity of elec-
tromagnetic radiation on the current in the photoelectric
effect.

Cesium is often used in “electric eyes” for self-opening
doors in an application of the photoelectric effect. The
amount of energy required to ionize (remove an electron
from) a cesium atom is 3.89 electron volts (1 eV = 1.60 X
10719 J). Show by calculation whether a beam of yellow
light with wavelength 5830 A would ionize a cesium atom.
Refer to Exercise 51. What would be the wavelength, in
nanometers, of light with just sufficient energy to ionize
a cesium atom? What color would this light be?
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Atomic Spectra and the Bohr Theory

53.

54.

55.

*56.

57.

58.

*59.

60.

(a) Distinguish between an atomic emission spectrum and
an atomic absorption spectrum. (b) Distinguish between
a continuous spectrum and a line spectrum.

Prepare a sketch similar to Figure 5-16b that shows a
ground energy state and three excited energy states. Using
vertical arrows, indicate the transitions that would corre-
spond to the absorption spectrum for this system.

Why is the Bohr model of the hydrogen atom referred
to as the solar system model?

If each atom in one mole of atoms emits a photon of wave-
length 5.50 X 103 A, how much energy is lost? Express
the answer in kJ/mol. As a reference point, burning one
mole (16 g) of CH, produces 819 kJ of heat.

What is the Balmer-Rydberg equation? Why is it called
an empirical equation?

Hydrogen atoms absorb energy so that the electrons are
excited to the energy level # = 7. Electrons then undergo
these transitions: (1) n=7—-n=1; QD nu=7—->n=2;
(3) n =2 —>n=1. Which of these transitions will pro-
duce the photon with (a) the smallest energy; (b) the
highest frequency; (c) the shortest wavelength? (d) What
is the frequency of a photon resulting from the transition
n=6—->n=1?

Five energy levels of the He atom are given in joules per
atom above an arbitrary reference energy: (1) 6.000 X
10719 (2) 8.812 x 10719 (3) 9.381 X 10719 (4) 10.443 X
10719 (5) 10.934 X 10~1°. Construct an energy level
diagram for He and find the energy of the photon
(a) absorbed for the electron transition from level 1 to
level 5 and (b) emitted for the electron transition from
level 4 to level 1.

The following are prominent lines in the visible region
of the emission spectra of the elements listed. The lines
can be used to identify the elements. What color is
the light responsible for each line? (a) lithium, 4603 A,
(b) neon, 540.0 nm; (c) calcium, 6573 A; (d) potassium,
v=3.90 X 1014 Hz.

61.

*62.

Hydrogen atoms have an absorption line at 1026 A. What
is the frequency of the photons absorbed, and what is the
energy difference, in joules, between the ground state and
this excited state of the atom?

An argon laser emits blue light with a wavelength of 488.0
nm. How many photons are emitted by this laser in 2.00
seconds, operating at a power of 515 milliwatts? One watt
(a unit of power) is equal to 1 joule/second.

Lasers.

The Wave-Particle View of Matter

63.

64.

65.

66.

(a) What evidence supports the idea that electrons are
particle-like? (b) What evidence supports the idea that
electrons are wave-like?

(a) What is the de Broglie wavelength of a proton mov-
ing at a speed of 2.50 X 107 m/s? The proton mass is
1.67 X 10724 g. (b) What is the de Broglie wavelength of
a stone with a mass of 30.0 g moving at 2.00 X 103 m/h
(=100 mph)? (c) How do the wavelengths in parts (a) and
(b) compare with the typical radii of atoms? (See the
atomic radii in Figure 6-1).

What is the wavelength corresponding to a neutron of
mass 1.67 X 10727 kg moving at 2360 m/s?

What is the velocity of an a-particle (a helium nucleus)
that has a de Broglie wavelength of 0.529 A>

Quantum Numbers and Atomic Orbitals

67.

68.

69.

(a) What is a quantum number? What is an atomic
orbital? (b) How many quantum numbers are required to
specify a single atomic orbital> What are they?

How are the possible values for the angular momentum
quantum number for a given electron restricted by the
value of »?

Without giving the ranges of possible values of the four
quantum numbers, 7, €, m,, and m,, describe briefly what
information each one gives.



70.

71.

72.

73.

74.

75.

76.

77.

78.

79.

80.

An electron is in one of the 3p orbitals. What are the pos-
sible values of the quantum numbers #, €, #z,, and m_ for
the electron?

What is the maximum number of electrons in an atom
that can have the following quantum numbers? (a) #z = 3;
(b)yn=3 and €=1; (c) n=3, £=1, and m, = —1;
dn=3,¢=1,m,=—1,and m = —1.

What is the maximum number of electrons in an atom
that can have the following quantum numbers? (a) n = 3
and € =1;(b)n=3and € =2;(c)n =3,¢=2andm, =
“Ldnrn=3,¢=1andm,=—-1;()n=3,{=2,m,=
0, and m_ = —5.

What are the values of # and ¢ for the following sub-
shells? (a) 1s; (b) 4s; (¢) 3p; (d) 34; (e) 4f-

How many individual orbitals are there in the third shell?
Write out #, €, and 2, quantum numbers for each one,
and label each set by the s, p, 4, f designations.

(a) Write the possible values of £ when # = 5. (b) Write
the allowed number of orbitals (1) with the quantum num-
bers n =4, € = 3; (2) with the quantum number z = 4;
(3) with the quantum numbers #» =4, € =2, m, = 0;
(4) with the quantum numbers z = 6, £ = 5.

Write the subshell notations that correspond to (a) 7 =
3,=0,b)yn=3,=1;(c)n=7€=0; (d) n=3,
€=2.

What values can 7z, take for (a) a 34 orbital, (b) a 15 orbital,
and (c) a 3p orbital?

How many orbitals in any atom can have the given
quantum number or designation? (a) 4p; (b) 3p; (c) 3p,
(d) n = 55 (©) 6d; () 5d; (g) 5F; () s

The following incorrect sets of quantum numbers in the
order n, €, m,, m are written for paired electrons or for
one electron in an orbital. Correct them, assuming » val-
ues are correct. (a) 1,0, 0, +1, +5 (b) 2,2, 1, = & (0) 3,
2,3, x4 @3,1,2,+% @) 2,1, —-1,0;(f) 3,0, -1, -1
(a) How are a 1s orbital and a 2s orbital in an atom sim-
ilar? How do they differ? (b) How are a 2p, orbital and
a 2p, orbital in an atom similar? How do they differ?

Electron Configurations and the Periodic Table

You should be able to use the positions of elements in the peri-
odic table to answer the exercises in this section.

81.

82.

83.

84.

Draw representations of ground state electron configu-
rations using the orbital notation (1¥) for the following
elements. (a) N; (b) Fe; (c) Cl; (d) Rh.

Draw representations of ground state electron configu-
rations using the orbital notation (&) for the following
elements. (a) P; (b) Ni; (¢) Ga; (d) Zr.

Determine the number of electrons in the outer occupied
shell of each of the following elements, and indicate the
principal quantum number of that shell. (a) Na; (b) Al
(c) Ca; (d) Sr; (e) Ba; (f) Br.

With the help of Appendix B, list the symbols for the first
eight elements, by atomic number, that have an unpaired

85.

86.

87.

88.

89.

90.

*91.

92.

93.

94.

95.

96.

97.
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electron in an s orbital. Identify the group in which most
of these are found in the periodic table.

List the elements having an atomic number of 20 or less
that have one or more unpaired p orbital electrons. Indi-
cate the group to which each of these elements belongs
in the periodic table.

Identify the element, or elements possible, given only the
number of electrons in the outermost shell and the prin-
cipal quantum number of that shell. (a) 1 electron, first
shell; (b) 2 electrons, second shell; (c) 3 electrons, third
shell; (d) 2 electrons, seventh shell; (e) 4 electrons, fourth
shell; (f) 8 electrons, sixth shell.

Give the ground state electron configurations for the ele-
ments of Exercise 81 using shorthand notation—that is,
1522522p%, and so on.

Give the ground state electron configurations for the ele-
ments of Exercise 82 using shorthand notation— that is,
1522522p5, and so on.

State the Pauli Exclusion Principle. Would any of the fol-
lowing electron configurations violate this rule: (a) 1s%
(b) 1s22p7; (c) 153? Explain.

State Hund’s Rule. Would any of the following electron
configurations violate this rule: (a) 1s% (b) 15225%2p %
(© 1s%2s22px12py1; (d) 1572522p,12p, 15 (e) 1572p,22p,12p, 12
Explain.

Classify each of the following atomic electron configura-
tions as (i) a ground state, (ii) an excited state, or (iii)
a forbidden state: (a) 1s22s22p°3sl; (b) [Kr] 44105%;
(c) 1522522p03523p03d84s2; (d) 1522522p03523p034d1,;

(e) 1522522p103523p5,

Which of the elements with atomic numbers of 10 or less
are paramagnetic when in the atomic state?
Semiconductor industries depend on such elements as Si,
Ga, As, Ge, Al, Cd, and Se. Write the predicted electron
configuration of each element.

The manufacture of high-temperature ceramic super-
conductors depends on such elements as Cu, O, La, Y,
Ba, T1, and Bi. Write the predicted electron configura-
tion of each element. (Consult Appendix B if necessary.)
In nature, potassium and sodium are often found together.
(a) Write the electron configurations for potassium and
for sodium. (b) How are they similar? (c) How do they
differ?

Which elements are represented by the following elec-
tron configurations?

(@) 1522522p63523p034104524p5

(b) [Kr] 4d104f145525p054105 465260641 752

(0) [Kr] 4d104f145525p65410652 610

(d) [Kr] 4d°552

(e) 1522522p63523p03 3452

Repeat Exercise 96 for

() 1522522p63523p03 4245

(b) [Kr] 44104 £145525p654106526p3

(©) 1522522p03523p?

(d) [Kr] 44104 £145525p054106526p0752



232

98

99

100.

101.

102.

103.

104.

105.

106.

107.
108.

109.

110.
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. Find the total number of s, p, and d electrons in each of
the following: (a) Si; (b) Ar; (c) Ni; (d) Zn; (e) V.
. (a) Distinguish between the terms “diamagnetic” and
“paramagnetic,” and provide an example that illustrates
the meaning of each. (b) How is paramagnetism measured
experimentally?
How many unpaired electrons are in atoms of Na, Ne,
B, Be, As, and Ti?
Which of the following ions or atoms possess paramag-
netic properties? (a) Cl7; (b) Na™; (c) Co; (d) Ar; (e) Si.
Which of the following ions or atoms possess paramag-
netic properties? (a) F; (b) Ne; (¢) Ne™; (d) Fe; (e) Cl™.
Write the electron configurations of the Group IIA ele-
ments Be, Mg, and Ca (see inside front cover). What
similarity do you observe?
Construct a table in which you list a possible set of val-
ues for the four quantum numbers for each electron in
the following atoms in their ground states. (a) N; (b) S;
(c) Ca.
Construct a table in which you list a possible set of val-
ues for the four quantum numbers for each electron in
the following atoms in their ground states. (a) Mg; (b) Cl;
(c) Cu.
Draw general electron structures for the A group ele-
ments using the ¥ notation, where # is the principal
quantum number for the highest occupied energy level.

ns np
1A — _
1A — _
and so on

Repeat Exercise 106 using #s¥np) notation.

List n, £, and 7, quantum numbers for the highest energy
electron (or one of the highest energy electrons if there
are more than one) in the following atoms in their ground
states. (a) P; (b) Zn; (¢) CI; (d) Pr.

List , €, and 72, quantum numbers for the highest energy
electron (or one of the highest energy electrons if there
are more than one) in the following atoms in their ground
states. (a) Se; (b) Zn; (c) Mg; (d) Pu.

Write the ground state electron configurations for ele-
ments A-E.

111.

Repeat Exercise 110 for elements F-J.

CONCEPTUAL EXERCISES

112.

113.

114.

*115.

*116.

117.

Draw a three-dimensional representation of each of the
following orbitals. (a) 3p,; (b) 2s; (c) 3dxy; (d) 3d,2.

We often show the shapes of orbitals as drawings. What
are some of the limitations of these drawings?

For a lithium atom, give: (a) its ground state electron con-
figuration; (b) the electron configuration for one of its
lowest energy excited states; and (c) an electron configu-
ration for a forbidden or impossible state.

In the first 100 elements, do more elements (as isolated
atoms) have ground state configurations that are para-
magnetic or diamagnetic? Justify your answer.

Element 123 has not been discovered. Will its atoms be
paramagnetic in the ground state?

Suppose we could excite all of the electrons in a sample
of hydrogen atoms to the #z = 6 level. They would then
emit light as they relaxed to lower energy states. Some
atoms might undergo the transition » = 6 to » = 1, and
others might go from # = 6 to n = 5, then from z = 5 to
n =4, and so on. How many lines would we expect to
observe in the resulting emission spectrum?

BUILDING YOUR KNOWLEDGE

118.

119.

120.

121.

Two isotopes of hydrogen occur naturally ('H, >99%,
and 2H, <1%) and two of chlorine occur naturally (°Cl,
76%, and 37Cl, 24%). (a) How many different masses of
HCI molecules can be formed from these isotopes? (b)
What is the approximate mass of each of the molecules,
expressed in atomic mass units? (Use atomic weights
rounded to the nearest whole number.) (c) List these HCI
molecules in order of decreasing relative abundance.
CH,, is methane. If 'H, 2H, 2C, and 3C were the only
isotopes present in a given sample of methane, show the
different formulas and formula weights that might exist
in that sample. (Use atomic weights rounded to the near-
est whole number.)

The density of platinum is 21.09 g/cm3. Recall that nat-
urally occurring platinum consists of a single isotope.
Suppose we have a teaspoon-sized sample, 5.00 cm?, of
platinum. (a) What is the mass of the sample? (b) What
is the mass of the electrons in this sample?

A helium atom (*He) contains 2 protons, 2 neutrons, and
2 electrons. Using the masses listed in Table 5-1, calcu-
late the mass of a mole of helium atoms. Compare the
calculated value to the listed atomic weight of helium.
From your calculated value, which isotopes of helium
might you find in a natural sample of helium? (This ques-
tion ignores binding energy, a topic discussed in Chapter
26, Nuclear Chemistry.)



122. When compounds of barium are heated in a flame, green
light of wavelength 554 nm is emitted. How much energy
is lost when one mole of barium atoms each emit one
photon of this wavelength?

123. A 60-watt light bulb consumes energy at the rate of 60
J-s7L. Much of the light is emitted in the infrared region,
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and less than 5% of the energy appears as visible light.
Calculate the number of visible photons emitted per sec-
ond. Make the simplifying assumptions that 5.0% of the
light is visible and that all visible light has a wavelength
of 550 nm (yellow-green).
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OUTLINE
6-1 More About the Periodic Table Chemical Reactions and Periodicity

Periodic Properties of the Elements 6-7 Hydrogen and the Hydrides

6-2 Atomic Radii Hydrogen
Reactions of Hydrogen and the

Hydrides
6-8 Oxygen and the Oxides
Oxygen and Ozone

6-3 Ionization Energy
6-4 Electron Affinity
6-5 Ionic Radii

6-6 Electronegativity Reactions of Oxygen and the

Oxides
Combustion Reactions The bright colors in fireworks
Combustion of Fossil Fuels and displays are produced when various
Air Pollution metals react with oxygen.

OBJECTIVES
After you bave studied this chapter, you should be able to
o More effectively use the periodic table

o Discuss chemical periodicity of the following physical properties:
Atomic radii
Tonization energy
Electron affinity
Tonic radii
Electronegativity

o Describe chemical periodicity in the reactions of
Hydrogen
Oxygen

o Describe chemical periodicity in the compounds of
Hydrogen
Oxygen

IZ] MORE ABOUT THE PERIODIC TABLE

In Chapter 4 we described the development of the periodic table, some terminology for
it, and its guiding principle, the periodic law.

The properties of the elements are periodic functions of their atomic numbers.

In Chapter 5 we described electron configurations of the elements. In the long form
of the periodic table, elements are arranged in blocks based on the kinds of atomic orbitals
being filled. (Please review Table 5-5 and Figure 5-31 carefully.) We saw that electron
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The properties of elements are
correlated with their positions in
the periodic table. Chemists use the
periodic table as an invaluable guide
in their search for new, useful
materials. A barium sodium niobate
crystal can convert infrared laser
light into visible green light. This
harmonic generation or “frequency
doubling” is very important in
chemical research using lasers and in
the telecommunications industry.

[He] = 152

CHAPTER 6: Chemical Periodicity

Some transition metals (left 7o right): Ti, V, Cr, Mn, Fe, Co, Ni, Cu.

configurations of elements in the A groups are entirely predictable from their positions
in the periodic table. We also noted, however, that some irregularities occur within the B
groups.

Now we classify the elements according to their electron configurations, which is a
very useful system.

Noble Gases. For many years the Group VIIIA elements— the noble gases—were called
inert gases because no chemical reactions were known for them. We now know that the
heavier members do form compounds, mostly with fluorine and oxygen. Except for helium,
each of these elements has eight electrons in its outermost occupied shell. Their outer
shell may be represented as having the electron configuration . . . ns2npS.

Representative Elements. The A group elements in the periodic table are called repre-
sentative elements. Their “last” electron is assigned to an outer shell s or p orbital. These
elements show distinct and fairly regular variations in their properties with changes in
atomic number.

d-Transition Elements. Elements in the B groups in the periodic table are known as the
d-transition elements or, more simply, as transition elements or transition metals. The
elements of four transition series are all metals and are characterized by electrons being
assigned to d orbitals. Stated differently, the d-transition elements contain electrons in
both the ns and (z — 1)d orbitals, but not in the #p orbitals. The first transition series, Sc
through Zn, has electrons in the 4s and 34 orbitals, but not in the 4p orbitals. They are
referred to as

First transition series: »15¢ through ;4Zn
39Y through ,,Cd
s7La and 5,Hf through ¢ Hg

goAc and | Rf through element 112

Second transition series:
Third transition series:

Fourth transition series:
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The Periodic Table

The periodic table is one of the first things a stu-
dent of chemistry encounters. It appears invariably
in textbooks, in lecture halls, and in laboratories.
Scientists consider it an indispensable reference.
And yet, less than 150 years ago, the idea of arrang-
ing the elements by atomic weight or number was
considered absurd. At an 1866 meeting of the
Chemical Society at Burlington House, England,
J. A. R. Newlands (1837-1898) presented a theory
he called the law of octaves. It stated that when the
known elements were listed by increasing atomic
weights, those that were eight places apart would
be similar, much like notes on a piano keyboard.
His colleagues’ reactions are probably summed up

Vila

7t Al

best by the remark of a Professor Foster: “Have
you thought of arranging the elements according
to their initial letters? Maybe some better connec-
tions would come to light that way.”

It is not surprising that poor Newlands was not taken seri-
ously. In the 1860s, little information was available to
illustrate relationships among the elements. Only 62 of them
had been distinguished from more complex substances when
Mendeleev first announced his discovery of the periodic law
in 1869. As advances in atomic theory were made, however,
and as new experiments contributed to the understanding of
chemical behavior, some scientists had begun to see similar-
ities and patterns among the elements. In 1869, Lothar Meyer
and Dmitri Mendeleev independently published similar ver-
sions of the now-famous periodic table.

Mendeleev’s discovery was the result of many years of hard
work. He gathered information on the elements from all cor-
ners of the earth—by corresponding with colleagues,
studying books and papers, and redoing experiments to con-
firm data. He put the statistics of each element on a small
card and pinned the cards to his laboratory wall, where he
arranged and rearranged them many times until he was sure
that they were in the right order. One especially farsighted
feature of Mendeleev’s accomplishment was his realization
that some elements were missing from the table. He pre-
dicted the properties of these substances (gallium, scandium,
and germanium). (It is important to remember that
Mendeleev’s periodic table organization was devised more
than 50 years before the discovery and characterization of
subatomic particles.)

1928.

An alternative representation of the periodic table, as proposed by Charles Fanet,

Since its birth in 1869, the periodic table has been dis-
cussed and revised many times. Spectroscopic and other
discoveries have filled in the blanks left by Mendeleev and
added a new column consisting of the noble gases. As scien-
tists learned more about atomic structure, the basis for
ordering was changed from atomic weight to atomic num-
ber. The perplexing rare earths were sorted out and given a
special place, along with many of the elements created by
atomic bombardment. Even the form of the table has been
experimented with, resulting in everything from spiral and
circular tables to exotic shapes such as the one suggested by
Charles Janet. A three-dimensional periodic table that takes
into account valence-shell energies has been proposed by
Professor Leland C. Allen of Princeton University.

During the past century, chemistry has become a fast-
moving science in which methods and instruments are often
outdated within a few years. But it is doubtful that our old
friend, the periodic table, will ever become obsolete. It may
be modified, but it will always stand as a statement of basic
relationships in chemistry and as a monument to the wisdom
and insight of its creator, Dmitri Mendeleev.

Lisa Saunders Boffa
Senior Chemist
Exxon Corporation
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Glenn Seaborg: A Human Side to the
Modern Periodic Table

If it were possible to associate a human face with the mod-
ern periodic table, that face would most likely belong to
Glenn Seaborg (1912-1999), the codiscoverer of ten
transuranium elements and the name behind Element 106.
Seaborg’s contributions to heavy-element chemistry began in
1940, when he and coworkers at the University of California
at Berkeley produced the first sample of plutonium by bom-
barding uranium with deuterons (JH nuclei) in a particle
accelerator. They found that the isotope plutonium-239
undergoes nuclear fission (see Chapter 26), making it a poten-
tial energy source for nuclear power or nuclear weapons.

As American involvement in World War II grew, Presi-
dent Franklin Roosevelt called Seaborg and other eminent
scientists to the Wartime Metallurgical Laboratory at the
University of Chicago, where they figured out how to pre-
pare and purify plutonium-239 in useful quantities for the
Manbhatten Project, the making of the atom bomb. In 1945,
Seaborg was one of the signers of the Franck Report, a
document recommending that a safe demonstration test of
the atomic bomb might persuade Japan to surrender without
the bomb actually being used. Professor Seaborg served
as a scientific advisor for nine other presidents following
Roosevelt and was chairman of the U.S. Atomic Energy
Commission under
Kennedy, Johnson,
and Nixon.

Seaborg’s
tributions illustrate
how certain areas
of science can be
highly influenced
by a particular in-
stitution or even
a national tradi-
tion over time. His
discovery of plu-
tonium at the Uni-
versity of Cali-
fornia at Berkeley
followed the 1940
synthesis of nep-
tunium at the
same site by Edwin

con-

McMillan, who shared the 1951 Nobel Prize in chemistry
with Seaborg for these accomplishments. Since that time,
Seaborg and other teams involving Berkeley researchers at
the University’s Lawrence Berkeley Laboratory have pre-
pared nine more heavy elements. He and coworkers hold the
world’s only patents on chemical elements, for americium and
curium. The original location of the first transuranium lab-
oratory on the Berkeley campus (a few yards from the later
site of Professor Seaborg’s reserved “Nobel Laureate” park-
ing space) is now a national historic landmark.

Laboratories in the United States, Russia, and Germany
have been the most active in the synthesis of new elements.
In 1994, nationalistic feelings invaded what should have been
impartial decisions by the International Union of Pure and
Applied Chemistry TUPAC) regarding the official names for
elements 101 and 109. In some cases, researchers from dif-
ferent countries had proposed different names for these
elements based on where credit for their discovery was felt
to be deserved. For example, the name “hahnium” was pro-
posed for element 105 by American researchers, while the
Russians preferred the more snappy “nielsbohrium.” The
American Chemical Society proposed to name element 106
seaborgium (Sg), but the [IUPAC’s nomenclature committee
rejected the choice, objecting to the fact that Seaborg was
still alive (“and they can prove it,” he quipped). Outrage at
this and some of the other naming decisions prompted many
scientists to ignore the [UPAC’ recommended name for 106,
rutherfordium, and to continue to use seaborgium. In 1997,
the TUPAC reversed its decision and endorsed Sg, saving the
chemical literature from future confusion caused by different
naming practices in the scientific journals and conferences of
different countries.

If Professor Seaborg had been nominated for a different
honor—appearance on a U.S. postage stamp—the story
would have had an unhappier ending. Although surely not as
rare a commodity as the names of new chemical elements,
United States stamps are not permitted to honor living indi-
viduals. Seaborg would have been the only person in the
world who could have received mail addressed entirely in ele-
ments: Seaborgium, Lawrencium (for the Lawrence Berkeley
Laboratory), Berkelium, Californium, Americium—and
don’t forget the ZIP code, 94720.

Additional information about Seaborg and his research is
available through the Web site for this textbook.

Lisa Saunders Boffa
Senior Chemist
Exxon Corporation



6-1 More About the Periodic Table

f~Transition Elements. Sometimes known as inner transition elements, these are elements
in which electrons are being added to f orbitals. In these elements, the second from the
outermost occupied shell is building from 18 to 32 electrons. All are metals. The f-
transition elements are located between Groups IIIB and IVB in the periodic table.
They are

First f~transition series (lanthanides):  ;4Ce through -,;Lu

Second f-transition series (actinides): ¢, Th through ;,;Lr

The A and B designations for groups of elements in the periodic table are somewhat
arbitrary, and they are reversed in some periodic tables. In another designation, the groups
are numbered 1 through 18. The system used in this text is the one commonly used in
the United States. Elements with the same group numbers, but with different letters, have
relatively few similar properties. The origin of the A and B designations is the fact that
some compounds of elements with the same group numbers have similar formulas but
quite different properties, for example, NaCl (IA) and AgClI (IB), MgCl, (IIA) and ZnCl,
(IIB). As we shall see, variations in the properties of the B groups across a row are not
nearly as regular and dramatic as the variations observed across a row of A group elements.

The outermost electrons have the greatest influence on the properties of elements.
Adding an electron to an inner d orbital results in less striking changes in proper-
ties than adding an electron to an outer s or p orbital.

PERIODIC PROPERTIES OF THE ELEMENTS

Now we investigate the nature of periodicity. Knowledge of periodicity is valuable in
understanding bonding in simple compounds. Many physical properties, such as melting
points, boiling points, and atomic volumes, show periodic variations. For now, we describe
the variations that are most useful in predicting chemical behavior. The variations in these
properties depend on electron configurations, especially the configurations in the outer-
most occupied shell, and on how far away that shell is from the nucleus.
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The elements of Period 3.
Properties progress (left to right)
from solids (Na, Mg, Al Si, P, S) to
gases (Cl, Ar) and from the most
metallic (Na) to the most
nonmetallic (Ar).

In any atom the outermost electrons are
those that have the highest value of the
principal quantum number, 7.

wwy http://webbook.nist.gov

% See the Saunders Interactive
General Chemistry CD-ROM,
Screen 8.9, Atomic Properties and
Periodic Trends.
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* See the Saunders Interactive
| General Chemistry CD-ROM,
Screen 8.10, Atomic Properties and
periodic Trends: Size.

<~—2r

The radius of an atom, 7, is taken as
half of the distance between nuclei

in homonuclear molecules such as Cl,.

CHAPTER 6: Chemical Periodicity

2] AToMIC RADII

In Section 5-16 we described individual atomic orbitals in terms of probabilities of distri-
butions of electrons over certain regions in space. Similarly, we can visualize the total
electron cloud that surrounds an atomic nucleus as somewhat indefinite. We cannot isolate
a single atom and measure its diameter the way we can measure the diameter of a golf
ball. For all practical purposes, the size of an individual atom cannot be uniquely defined.
An indirect approach is required. The size of an atom is determined by its immediate
environment, especially its interaction with surrounding atoms. By analogy, suppose we
arrange some golf balls in an orderly array in a box. If we know how the balls are posi-
tioned, the number of balls, and the dimensions of the box, we can calculate the diameter
of an individual ball. Application of this reasoning to solids and their densities leads us to
values for the atomic sizes of many elements. In other cases, we derive atomic radii from
the observed distances between atoms that are combined with one another. For example,
the distance between atomic centers (nuclei) in the Cl, molecule is measured to be 2.00 A
This suggests that the radius of each Cl atom is half the interatomic distance, or 1.00 A.
We collect the data obtained from many such measurements to indicate the relative sizes
of individual atoms.

The top of Figure 6-1 displays the relative sizes of atoms of the representative elements
and the noble gases. It shows the periodicity in atomic radii. (The ionic radii at the bottom
of Figure 6-1 are discussed in Section 6-5.)

The effective nuclear charge, Z g, experienced by an electron in an outer shell is less
than the actual nuclear charge, Z. This is because the attraction of outer-shell electrons
by the nucleus is partly counterbalanced by the repulsion of these outer-shell electrons by
electrons in inner shells. We say that the electrons in inner shells screen, or shield, elec-
trons in outer shells from the full effect of the nuclear charge. This concept of a screening,
or shielding, effect helps us understand many periodic trends in atomic properties.

Consider an atom of lithium; it has two electrons in a filled shell, 152, and one elec-
tron in the 2s orbital, 2s!. The electron in the 2s orbital is fairly effectively screened from
the nucleus by the two electrons in the filled 1s orbital, so the 2s electron does not “feel”
the full 3+ charge of the nucleus. The effective nuclear charge, Z g, experienced by the
electron in the 25 orbital, however, is not 1 (3 minus 2) either. The electron in the outer
shell of lithium has some probability of being found close to the nucleus (see Figure 5-20).
We say that, to some extent, it penerrates the region of the 1s electrons; that is, the Ls elec-
trons do not completely shield the outer-shell electrons from the nucleus. The electron
in the 2s shell “feels” an effective nuclear charge a little larger than 1+. Sodium, element
number 11, has ten electrons in inner shells, 1522522p6, and one electron in an outer shell,
3sl. The ten inner-shell electrons of the sodium atom screen (shield) the outer-shell elec-
tron somewhat from the nucleus, counteracting some of the 11+ nuclear charge. But the
35 electron of sodium penetrates the inner shells to a significant extent, so the effective
nuclear charge felt by the outermost (3s) electron is actually greater than it is for lithium
(25). The somewhat increased attraction for the outermost electron in sodium is
outweighed, however, by the fact that the “outer” electron in a sodium atom is in the third
shell, whereas in lithium it is in the second shell. Recall from Chapter 5 that the third
shell (» = 3) is farther from the nucleus than the second shell (z = 2). Thus, we see why
sodium atoms are larger than lithium atoms. Similar reasoning explains why potassium
atoms are larger than sodium atoms and why the sizes of the elements in each column of
the periodic table are related in a similar way.
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Figure 6-1 (Top) Atomic radii of the A group (representative) elements and the noble

gases, in angstroms, A (Section 6-2). Atomic radii increase going down a group because

electrons are being added to shells farther from the nucleus. Atomic radii decrease firom left
to right within a given period owing to increasing effective nuclear charge. Hydrogen atoms

are the smallest and cesium atoms are the largest naturally occurring atoms.

(Bottom) Sizes of ions of the A group elements, in angstroms (Section 6-5). Positive ions
(cations) are always smaller than the neutral atoms from which they are formed. Negative

ions (anions) are always /arger than the neutral atoms from which they are formed.

Atomic radii are often stated in
angstroms (1 A = 10710 m) or in the
SI units nanometers (I nm = 107? m)
or picometers (1 pm = 10712 m).

To convert from A to nm, move the
decimal point to the left one place

(1 A = 0.1 nm). For example, the
atomic radius of Li is 1.52 A, or

0.152 nm.
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Atomic radii
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General trends in atomic radii of A
group elements with position in the
periodic table.

CHAPTER 6: Chemical Periodicity

Within a family (vertical group on the periodic table) of representative elements,
atomic radii increase from top to bottom as electrons are added to shells farther
from the nucleus.

As we move across the periodic table, atoms become smaller due to increasing effective
nuclear charges. Consider the elements B (Z = 5, 1522522p1) to F (Z = 9, 1522522p°). In B
there are two electrons in a noble gas configuration, 15, and three electrons in the second
shell, 2522p!. The two electrons in the noble gas configuration fairly effectively screen out
the effect of two protons in the nucleus. So the electrons in the second shell of B “feel”
a greater effective nuclear charge than do those of Be. By similar arguments, we see that
in carbon (Z = 6, 1522522p?) the electrons in the second shell “feel” an effective nuclear
charge greater than those of B. So we expect C atoms to be smaller than B atoms, and
they are. In nitrogen (Z = 7, 1522522p3), the electrons in the second shell “feel” an even
greater effective nuclear charge, and so N atoms are smaller than C atoms.

As we move from left to right across @ period in the periodic table, atomic radii of
representative elements decrease as a proton is added to the nucleus and an electron
is added to a particular shell.

For the transition elements, the variations are not so regular because electrons are being
added to an inner shell. All transition elements have smaller radii than the preceding
Group IA and IIA elements in the same period.

EXAMPLE 6-1 Trends in Atomic Radii
Arrange the following elements in order of increasing atomic radii. Justify your order.
G, E K d

Plan

Both K and Cs are Group IA metals, whereas F and Cl are halogens (VIIA nonmetals). Figure
6-1 shows that atomic radii increase as we descend a group, so K < Cs and F < CI. Atomic
radii decrease from left to right.

Solution
The order of increasing atomic radii is F < Cl <K < Cs.

You should now work Exercise 18.

IZE] 1ONIZATION ENERGY

The first ionization energy (IE,), also called first ionization potential, is

the minimum amount of energy required to remove the most loosely bound elec-
tron from an isolated gaseous atom to form an ion with a 1+ charge.
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L RN First lonization Energies (kJ/mol of atoms) of Some Elements
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H He
1312 2372

Li Be B C N (0] F Ne
520 899 801 1086 1402 1314 1681 2081

Na Mg Al Si P S Cl Ar
496 738 578 786 1012 1000 1251 1521

K Ca Sc Ti v Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
419 599 631 658 650 652 717 759 758 757 745 906 579 762 947 941 1140 1351

Rb Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te 1 Xe
403 550 617 661 664 685 702 711 720 804 731 868 558 709 834 869 1008 1170

Cs Ba La Hf Ta W Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
377 503 538 681 761 770 760 840 880 870 890 1007 589 715 703 812 890 1037

For calcium, for example, the first ionization energy, IE,, is 590 kJ/mol:
Ca(g) + 590 k] — Ca™(g) + ¢

The second ionization energy (IE,) is the amount of energy required to remove the
second electron. For calcium, it may be represented as

Ca™(g) + 1145 k] —— Ca2™(g) + e~

For a given element, IE, is always greater than IE; because it is always more difficult to
remove an electron from a positively charged ion than from the corresponding neutral
atom. Table 6-1 gives first ionization energies.

Ionization energies measure how tightly electrons are bound to atoms. Ionization always
requires energy to remove an electron from the attractive force of the nucleus. Low ioniza-
tion energies indicate ease of removal of electrons, and hence ease of positive ion (cation)
formation. Figure 6-2 shows a plot of first ionization energy versus atomic number for
several elements.

Period 2 Period 3

Period 4

2500

2000

1500

1000

First ionization energy (kJ/mol)

500

Atomic number

Figure 6-2 A plot of first
ionization energies for the first 38
elements versus atomic number.
The noble gases have very high first
ionization energies, and the IA
metals have low first ionization
energies. Note the similarities in the
variations for the Period 2 elements,
3 through 10, to those for the
Period 3 elements, 11 through 18,
as well as for the later A group
elements. Variations for B group
elements are not nearly so
pronounced as those for A group
elements.
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Increase

Y

First IE

Decrease

General trends in first ionization
energies of A group elements with
position in the periodic table.
Exceptions occur at Groups IITA
and VIA.

-
By Coulomb’s Law, I « %

the attraction for the outer shell

)

electrons is directly proportional to
the effective charges and inversely
proportional to the square of the
distance between the charges. Even
though the effective nuclear charge
increases going down a group, the
greatly increased size results in a
weaker net attraction for the outer
electrons and thus in a lower first
ionization energy.

As one goes across a period on the
periodic table, the slight breaks in the
increasing ionization energies occur
between Groups IIA and IITA
(electrons first enter the #p subshell)
and again between Groups VA and
VIA (electrons are first paired in the
np subshell).

CHAPTER 6: Chemical Periodicity

Elements with low ionization energies (IE) lose electrons easily to form cations.

We see that in each period of Figure 6-2, the noble gases have the highest first ioniza-
tion energies. This should not be surprising, because the noble gases are known to be very
unreactive elements. It requires more energy to remove an electron from a helium atom
(slightly less than 4.0 X 10718 J/atom, or 2372 kJ/mol) than to remove one from a neutral
atom of any other element.

He(g) + 2372 k] —— He™(g) + ¢~

The Group IA metals (Li, Na, K, Rb, Cs) have very low first ionization energies. Each
of these elements has only one electron in its outermost shell (. . . ns!), and they are the
largest atoms in their periods. The first electron added to a shell is easily removed to form
anoble gas configuration. As we move down the group, the first ionization energies become
smaller. The force of attraction of the positively charged nucleus for electrons decreases
as the square of the distance between them increases. So as atomic radii increase in a given
group, first ionization energies decrease because the outermost electrons are farther from
the nucleus.

Effective nuclear charge, Z 4, increases going from left to right across a period. The
increase in effective nuclear charge causes the outermost electrons to be held more tightly,
making them harder to remove. The first ionization energies therefore generally increase
from left to right across the periodic table. The reason for the trend in first ionization
energies is the same as that used in Section 6-2 to explain trends in atomic radii. The first
ionization energies of the Group IIA elements (Be, Mg, Ca, Sr, Ba) are significantly higher
than those of the Group IA elements in the same periods. This is because the Group IIA
elements have higher Z ¢ values and smaller atomic radii. Thus, their outermost electrons
are held more tightly than those of the neighboring IA metals. It is harder to remove an
electron from a pair in the filled outermost s orbitals of the Group IIA elements than to
remove the single electron from the half-filled outermost s orbitals of the Group IA
elements.

The first ionization energies for the Group IIIA elements (B, Al, Ga, In, T1) are excep-
tions to the general horizontal trends. They are lower than those of the ITA elements in
the same periods because the IIIA elements have only a single electron in their outermost
p orbitals. Less energy is required to remove the first p electron than the second s elec-
tron from the outermost shell, because the p orbital is at a higher energy (less stable) than
an s orbital within the same shell (# value).

Going from Groups IIIA to VA, electrons are going singly into separate np orbitals,
where they do not shield one another significantly. The general left-to-right increase in
IE, for each period is interrupted by a dip between Groups VA (N, P, As, Sb, Bi) and VIA
elements (O, S, Se, Te, Po). Presumably, this behavior is because the fourth #p electron
in the Group VIA elements is paired with another electron in the same orbital, so it expe-
riences greater repulsion than it would in an orbital by itself. This increased repulsion
apparently outweighs the increase in Z g, so the fourth np electron in an outer shell (Group
VIA elements) is somewhat easier to remove (lower ionization energy) than is the third
np electron in an outer shell (Group VA elements). After the dip between Groups VA and
VIA, the importance of the increasing Z ¢ outweighs the repulsion of electrons needing
to be paired, and the general left-to-right increases in first ionization energies resume.

Knowledge of the relative values of ionization energies assists us in predicting whether
an element is likely to form ionic or molecular (covalent) compounds. Elements with low
ionization energies form ionic compounds by losing electrons to form cations (positively
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charged ions). Elements with intermediate ionization energies generally form molecular
compounds by sharing electrons with other elements. Elements with very high ionization
energies, such as Groups VIA and VIIA, often gain electrons to form anions (negatively
charged ions).

One factor that favors an atom of a representative element forming a monatomic ion in
a compound is the formation of a stable noble gas electron configuration. Energy consid-
erations are consistent with this observation. For example, as one mole of Li from Group
IA forms one mole of Li* ions, it absorbs 520 kJ per mole of Li atoms. The IE, value is
14 times greater, 7298 kJ/mol, and is prohibitively large for the formation of Li?* ions
under ordinary conditions. For Li?" ions to form, an electron would have to be removed
from the filled first shell. We recognize that this is unlikely. The other alkali metals behave
in the same way, for similar reasons.

The first two ionization energies of Be (Group IIA) are 899 and 1757 kJ/mol, but IE,
is more than eight times larger, 14,849 kJ/mol. So Be forms Be?* ions, but not Be3* ions.
The other alkaline earth metals— Mg, Ca, Sr, Ba, and Ra—behave in a similar way. Only
the lower members of Group IIIA, beginning with Al, form 3+ ions. Bi and some d- and
J-transition metals do so, too. We see that the magnitudes of successive ionization ener-
gies support the ideas of electron configurations discussed in Chapter 5.

Due to the high energy required, simple monatomic cations with charges greater than
3+ do not form under ordinary circumstances.

EXAMPLE 6-2 Trends in First IEs

Arrange the following elements in order of increasing first ionization energy. Justify your order.
Na, Mg, Al, Si

Plan

Table 6-1 shows that first ionization energies generally increase from left to right in the same
period, but there are exceptions at Groups IITA and VIA. Al is a IITA element with only one
electron in its outer p orbitals, 1522522p%3523pl.

Solution

There is a slight dip at Group IIIA in the plot of first IE versus atomic number (see Figure
6-2). The order of increasing first ionization energy is Na < Al < Mg < Si.

You should now work Exercise 26.

2] ELECTRON AFFINITY

The electron affinity (EA) of an element may be defined as

the amount of energy absorbed when an electron is added to an isolated gaseous atom
to form an ion with a 1— charge.

The convention is to assign a positive value when energy is absorbed and a negative value
when energy is released. Most elements have no affinity for an additional electron and
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Here is one reason why trends in
ionization energies are important.

Noble gas electron configurations are
stable only for ions in compounds. In
fact, Li*(g) is less stable than Li(g) by
520 kJ/mol.

@ See the Saunders Interactive
General Chemistry CD-ROM,

Screen 8.13, Electron Affinity.

This is consistent with thermodynamic
convention.
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The value of EA for Cl can also be
represented as —5.79 X 10719 J/atom
or —3.61 eV/atom. The electron
volt (eV) is a unit of energy

(1 eV =1.6022 X 10719]).

Electron affinity

Increase
(Less negative)

General trends in electron affinities
of A group elements with position in
the periodic table. There are many
exceptions.

CHAPTER 6: Chemical Periodicity

thus have an electron affinity (EA) equal to zero. We can represent the electron affinities
of helium and chlorine as

He(g) + ¢ —<> He (g) FA= 0 kJ/mol
Cl(g) +e- — Cl7(g) +349k]  EA = —349 kJ/mol

The first equation tells us that helium will not add an electron. The second equation tells
us that when one mole of gaseous chlorine atoms gain one electron each to form gaseous
chloride ions, 349 K] of energy is released (exothermic). Figure 6-3 shows a plot of electron
affinity versus atomic number for several elements.

Electron affinity involves the addition of an electron to a neutral gaseous atom. The
process by which a neutral atom X gains an electron (EA),

X(g+e — X(g) (®A
is not the reverse of the ionization process,
X*g) +e —> X(g) (reverse of IE;)

The first process begins with a neutral atom, whereas the second begins with a positive
ion. Thus, IE, and EA are not simply equal in value with the signs reversed. We see from
Figure 6-3 that electron affinities generally become more negative from left to right across
a row in the periodic table (excluding the noble gases). This means that most represen-
tative elements in Groups IA to VIIA show a greater attraction for an extra electron from
left to right. Halogen atoms, which have the outer electron configuration ns?np’, have the
most negative electron affinities. They form stable anions with noble gas configurations,
.. ns’np®, by gaining one electron.

Period
1 2 3 4

HeBe N Ne Mg Ar Ca
B

K

Electron affinity (kJ/mol)

|
0 5 10 15 20 25
Atomic number

Figure 6-3 A plot of electron affinity versus atomic number for the first 20 elements. The
general horizontal trend is that electron affinities become more negative (more energy is
released as an extra electron is added) from Group IA through Group VIIA for a given
period. Exceptions occur at the ITA and VA elements.



6-4 Electron Affinity

.\ RNY N Electron Affinity Values (kJ/mol ) of Some Elements*

1 H He
—73 0
5| Li Be B C N (0} F Ne
—60 (~0) -29 -122 0 —-141 —328 0
3| Na Mg Cu Al Si P S Cl Ar
—53 (~0) -118 —43 -134 =72 -200 -349 0
4| K Ca Ag Ga Ge As Se Br Kr
—438 (~0) -125 -29 -119 78 -195 -324 0
5 Rb Sr Au In Sn Sb Te I Xe
—47 (~0) -282 -29 -107 -101 -190 —295 0
6 Cs Ba Tl Pb Bi
45 (~0) -19 =35 91

*Estimated values are in parentheses.

Elements with very negative electron affinities gain electrons easily to form nega-
tive ions (anions).

“Electron affinity” is a precise and quantitative term, like “ionization energy,” but it is
difficult to measure. Table 6-2 shows electron affinities for several elements.

For many reasons, the variations in electron affinities are not regular across a period.
The general trend is: the electron affinities of the elements become more negative from
left to right in each period. Noteworthy exceptions are the elements of Groups ITA and
VA, which have less negative values than the trends suggest (see Figure 6-3). It is very
difficult to add an electron to a IIA metal atom because its outer s subshell is filled. The
values for the VA elements are slightly less negative than expected because they apply to
the addition of an electron to a half-filled set of mp orbitals (ns’np’ — ns?np*), which
requires pairing. The resulting repulsion overcomes the increased attractive force of the
nucleus.

Energy is always required to bring a negative charge (electron) closer to another nega-
tive charge (anion). So the addition of a second electron to a 1— anion to form an ion
with a 2— charge is always endothermic. Thus, electron affinities of anions are always posi-
tive.

EXAMPLE 6-3 Trends in EAs

Arrange the following elements in order of increasing values of electron affinity, that is, from
most negative to least negative.

K, Br, Cs, Cl

Plan

Table 6-2 shows that electron affinity values generally become more negative from left to right
across a period, with major exceptions at Groups IIA (Be) and VA (N). They generally become
more negative from bottom to top.
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This reasoning is similar to that used
to explain the low IE, values for
Group VIA elements.
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The nuclear charge remains constant
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Na
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when the ion is formed.
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Cl
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Solution
The order of increasing values of electron affinity is

(most negative EA)  Cl <Br <K < Cs (least negative EA)

You should now work Exercises 32 and 33.

] 10oNIC RADII

Many elements on the left side of the periodic table react with other elements by losing
electrons to form positively charged ions. Each of the Group IA elements (Li, Na, K, Rb,
Cs) has only one electron in its outermost shell (electron configuration . . . ns!). These
elements react with other elements by losing one electron to attain noble gas configura-
tions. They form the ions Li*, Na*, K*, Rb*, and Cs*. A neutral lithium atom, Li,
contains three protons in its nucleus and three electrons, with its outermost electron in
the 2s orbital. A lithium ion, Li*, however, contains three protons in its nucleus but only
two electrons, both in the 1s orbital. So a Li* ion is much smaller than a neutral Li atom
(see figure in the margin). Likewise, a sodium ion, Na*, is considerably smaller than a
sodium atom, Na. The relative sizes of atoms and common ions of some representative
elements are shown in Figure 6-1.

Isoelectronic species have the same number of electrons. We see that the ions formed
by the Group ITA elements (Be2*, Mg?*+, Ca2*, Sr2*, Ba2™) are significantly smaller than
the isoelectronic ions formed by the Group IA elements in the same period. The radius of
the Li* ion is 0.90 A, whereas the radius of the Be?* ion is only 0.59 A. This is what we
should expect. A beryllium ion, Be2™, is formed when a beryllium atom, Be, loses both of
its 2s electrons while the 4+ nuclear charge remains constant. We expect the 4+ nuclear
charge in BeZ™ to attract the remaining two electrons quite strongly. Comparison of the
ionic radii of the ITA elements with their atomic radii indicates the validity of our reasoning.
Similar reasoning indicates that the ions of the Group IIIA metals (A, Ga3*, In3+,
TI3+) should be even smaller than the ions of Group IA and Group ITA elements in the
same periods.

Now consider the Group VIIA elements (F, CI, Br, I). These have the outermost elec-
tron configuration . . . #s2np°. These elements can completely fill their outermost p orbitals
by gaining one electron to attain noble gas configurations. Thus, when a fluorine atom
(with seven electrons in its outer shell) gains one electron, it becomes a fluoride ion, F~,
with eight electrons in its outer shell. These eight electrons repel one another more
strongly than the original seven, so the electron cloud expands. The F~ ion is much larger
than the neutral F atom (see figure in the margin). Similar reasoning indicates that a chlo-
ride ion, Cl~, should be larger than a neutral chlorine atom, Cl. Observed ionic radii (see
Figure 6-1) verify this prediction.

Comparing the sizes of an oxygen atom (Group VIA) and an oxide ion, O?~, again we
find that the negatively charged ion is larger than the neutral atom. The oxide ion is also
larger than the isoelectronic fluoride ion because the oxide ion contains ten electrons held

<« General trends in ionic radii of A group elements with position in the periodic table.
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by a nuclear charge of only 8+, whereas the fluoride ion has ten electrons held by a nuclear
charge of 9+. Comparison of radii is not a simple issue when we try to compare atoms,
positive and negative ions, and ions with varying charge. Sometimes we compare atoms
to their ions, atoms or ions that are vertically or horizontally positioned on the periodic
table, or isoelectronic species. The following guidelines are often considered in the order
given.

1. Simple positively charged ions (cations) are always smaller than the neutral atoms
from which they are formed.

2. Simple negatively charged ions (anions) are always larger than the neutral atoms
from which they are formed.

3. The sizes of cations decrease from left to right across a period.
4. The sizes of anions decrease from left to right across a period.

5. Within an isoelectronic series, radii decrease with increasing atomic number because
of increasing nuclear charge.

6. Both cation and anion sizes increase going down a group.

An isoelectronic series of ions
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Large ring compounds can selectively
trap ions based on the ability of
various ions to fit within a cavity in
the large compound. This results in
selectivity such as occurs in transport
across membranes in biological
systems.

* See the Saunders Interactive
General Chemistry CD-ROM,

Screen 8.11, Atomic Properties and
Periodic Trends: lon Sizes.

Na* Mg2*

N3~ 02~ @ (®)

Tonic radius (A) 1.71 1.26 1.19 1.16 0.85
No. of electrons 10 10 10 10 10
Nuclear charge +7 +8 +9 +11 +12

A13+

P

0.68
10

+13

EXAMPLE 6-4 Trends in Ionic Radii

Arrange the following ions in order of increasing ionic radii: (a) Ca?*, K, A3T; (b) Se?™, Br™,
Te2—.

Plan

Some of the pairs of ions are isoelectronic, so we can compare their sizes on the basis of nuclear
charges. Other comparisons can be made based on the outermost occupied shell (highest value
of n).

Solution

(@) Ca?* and K* are isoelectronic (18 electrons each) with an outer-shell electron configura-
tion of 3s23p%. Because Ca?* has a higher nuclear charge (20+) than K+ (19+), Ca?* holds its
18 electrons more tightly, and Ca2™* is smaller than K*. AP+ has electrons only in the second
main shell (outer-shell electron configuration of 2522p%), so it is smaller than either of the other
two ions.

AB* < Ca?2t <K*

(b) Br~ and Se?~ are isoelectronic (36 electrons each) with an outer-shell electron configura-
tion of 4s24pS. Because Br~ has a higher nuclear charge (35+) than Se?~ (34+), Br~ holds its
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Because the noble gases form few

compounds, they are not included in

this discussion.
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36 electrons more tightly, and Br~ is smaller than Se?~. Te2~ has electrons in the fifth main
shell (outer configuration of 5s25p0), so it is larger than either of the other two ions.

Br— < Se?™ < Te?~

You should now work Exercises 38 and 40.

FX3 ELECTRONEGATIVITY

The electronegativity (EN) of an element is a measure of the relative tendency of an
atom to attract electrons to itself when it is chemically combined with another atom.

Elements with high electronegativities (nonmetals) often gain electrons to form
anions. Elements with low electronegativities (metals) often lose electrons to form
cations.

Electronegativities of the elements are expressed on a somewhat arbitrary scale, called the
Pauling scale (Table 6-3). The electronegativity of fluorine (4.0) is higher than that of any
other element. This tells us that when fluorine is chemically bonded to other elements,

WL BN Electronegativity Values of the Elements”

1A VIIIA
1 Metals [ ] 2
o Nonmetals [ ] MA IVA VA VIA VIA| ©
3 4 Metalloids [ ] 5 6 7 8 9 10
2| Li Be B C N (0] F Ne
1.0 L5 2.0 25 3.0 35 40
11 12 13 14 15 16 17 18
3| Na | M, VIIIB Al Si P S Cl Ar
i l.zg 111B IVB VB VIB VIIBK—% 1B 1IB 15 3 2 25 a0
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
4| K Ca Sc Ti A% Cr | Mn | Fe | Co | Ni Cu | Zn | Ga | Ge | As Se Br Kr
0.9 1.0 13 1.4 15 1.6 1.6 1.7 1.7 1.8 1.8 1.6 1.7 1.9 2.1 24 28
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
5| Rb Sr Y Zr | Nb | Mo | Tc Ru | Rh | Pd | Ag | Cd In Sn Sb Te 1 Xe
0.9 1.0 1.2 13 15 1.6 1.7 1.8 1.8 1.8 1.6 1.6 1.6 1.8 1.9 2.1 25
55 56 57 |* 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
6| Cs Ba | La Hf | Ta w Re | Os Ir Pt Au | Hg Tl Pb Bi Po At | Rn
0.8 1.0 1.1 13 1.4 L5 1.7 1.9 1.9 1.8 1.9 1.7 1.6 17 1.8 1.9 2.1
87 88 89 |t
7| Fr Ra | Ac
0.8 1.0 11
*# 58 59 60 61 62 63 64 65 66 67 68 69 70 71
Ce Pr | Nd [ Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu
1.1 1.1 1.1 1.1 1.1 1.1 1.1 1.1 1.1 1.1 1.1 1.1 1.0 12
Tl 90 91 92 93 94 95 9 97 98 99 100 | 101 102 | 103
Th Pa U Np | Pu | Am | Cm | Bk | Cf | Es | Fm | Md | No Lr
12 13 L5 13 13 13 13 13 13 13 13 13 13 15

“Electronegativity values are given at the bottoms of the boxes.
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it has a greater tendency to attract electron density to itself than does any other element.
Oxygen is the second most electronegative element.

For the representative elements, electronegativities usually increase from left to right
across periods and decrease from top to bottom within groups.

Variations among the transition metals are not as regular. In general, both ionization ener-
gies and electronegativities are low for elements at the lower left of the periodic table and

high for those at the upper right.

EXAMPLE 6-5 Trends in ENs

Arrange the following elements in order of increasing electronegativity.
B, Na, E O

Plan

Table 6-3 shows that electronegativities increase from left to right across a period and decrease
from top to bottom within a group.

Solution
The order of increasing electronegativity is Na<B <O <FE

You should now work Exercise 44.

Although the electronegativity scale is somewhat arbitrary, we can use it with reason-
able confidence to make predictions about bonding. Two elements with quite different
electronegativities (a metal and a nonmetal) tend to react with each other to form ionic
compounds. The less electronegative element gives up its electron(s) to the more elec-
tronegative element. Two nonmetals with similar electronegativities tend to form covalent
bonds with each other. That is, they share their electrons. In this sharing, the more elec-
tronegative element attains a greater share. This is discussed in detail in Chapters 7 and 8.

CHEMICAL REACTIONS AND PERIODICITY

Now we will illustrate the periodicity of chemical properties by considering some reac-
tions of hydrogen, oxygen, and their compounds. We choose to discuss hydrogen and
oxygen because, of all the elements, they form the most kinds of compounds with other
elements. Additionally, compounds of hydrogen and oxygen are very important in such
diverse phenomena as all life processes and most corrosion processes.

HYDROGEN AND THE HYDRIDES

Hydrogen

Elemental hydrogen is a colorless, odorless, tasteless diatomic gas with the lowest molec-
ular weight and density of any known substance. Discovery of the element is attributed
to the Englishman Henry Cavendish (1731-1810), who prepared it in 1766 by passing
steam through a red-hot gun barrel (mostly iron) and by the reaction of acids with active
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Electronegativity

Decrease

General trends in electronegativities
of A group elements with position in
the periodic table.

Tonization energy (Section 6-3) and
electron affinity (Section 6-4) are
precise quantitative concepts. We find,
however, that the more qualitative
concept of electronegativity is more
useful in describing chemical bonding.

The name “hydrogen” means “water
y
former.”
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Can you write the net ionic equation
for the reaction of Zn with HCl(aq)?

This is the reverse of the
decomposition of H,O.

Hydrogen is no longer used in blimps
and dirigibles. It has been replaced by
helium, which is slightly denser,
nonflammable, and much safer.

The use of the term “hydride” does
not necessarily imply the presence of
the hydride ion, H™.
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metals. The latter is still the method commonly used for the preparation of small amounts
of H; in the laboratory. In each case, H, is liberated by a displacement (and redox) reac-
tion, of the kind described in Section 4-8. (See the activity series, Table 4-12.)

h
3Fe(s) + 4H,0(g) e Fe;O4(s) + 4H,(g)
Zn(s) + 2HCl(aq) —— ZnCl,(aq) + H,(g)
Hydrogen also can be prepared by electrolysis of water.

2,000 =, 21,g) + 0,9
In the future, if it becomes economical to convert solar energy into electrical energy
that can be used to electrolyze water, H, could become an important fuel (although the
dangers of storage and transportation would have to be overcome). The combustion of H,
liberates a great deal of heat. Combustion is the highly exothermic combination of a
substance with oxygen, usually with a flame. (See Section 6-8, Combustion Reactions.)

k
2H,(g) + O,(g) o, 2H,0(f) + energy
or heat

Hydrogen is very flammable; it was responsible for the Hindenburg airship disaster in
1937. A spark is all it takes to initiate the combustion reaction, which is exothermic
enough to provide the heat necessary to sustain the reaction.

Hydrogen is prepared by the “water gas reaction,” which results from the passage of
steam over white-hot coke (impure carbon, a nonmetal) at 1500°C. The mixture of prod-
ucts commonly called “water gas” is used industrially as a fuel. Both components, CO and
H,, undergo combustion.

C(s) + H,0(g) — CO(g) + H,(g)

[y S —
in coke steam “water gas”

Vast quantities of hydrogen are produced commercially each year by a process called
steam cracking. Methane reacts with steam at 830°C in the presence of a nickel catalyst.

heat
CH4(g) + HZO(g) T CO(g) + 3H2(g)
i

Reactions of Hydrogen and Hydrides

Atomic hydrogen has the 15! electron configuration. It reacts with metals and with other
nonmetals to form binary compounds called hydrides. These can be (a) ionic hydrides,
which contain hydride ions, H™, formed when hydrogen gains one electron per atom from
an active metal; or (2) molecular hydrides, in which hydrogen shares electrons with an
atom of another nonmetal.

The ionic or molecular character of the binary compounds of hydrogen depends on
the position of the other element in the periodic table (Figure 6-4). The reactions of H,
with the alkali (IA) and the heavier (more active) alkaline earth (I1A) metals result in solid
ionic hydrides. The reaction with the molten (liquid) IA metals may be represented in
general terms as

high
IM(0) + H,(g) — 22 “IPTIE H(M*, H7)s) M = Li, Na, K, Rb, Cs

high pressures
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IA A IMA IVA VA VIA VIA
LiH | BeH, | B,Hs | CH, | NH; | H,O | HF
NaH | MgH, | (AlH3), | SiH; | PH; | H,S | HCl
KH | CaH, | Ga,Hg | GeH, | AsH; [ H,Se | HBr
RbH | SrH, | InH; | SnH, | SbH; | H,Te | HI
CsH | BaH, | TIH | PbH, | BiH; | HyPo | HAt

Figure 6-4 Common hydrides of the representative elements. The ionic hydrides are
shaded blue, molecular hydrides are shaded red, and those of intermediate character are
shaded purple.

Thus, hydrogen combines with lithium to form lithium hydride and with sodium to form
sodium hydride.

2Li(€) + Hy(g) — 2LiH(s)
2Na(f) + Hy(g) — 2NaH(s)

lithium hydride (mp 680°C)
sodium hydride (mp 800°C)

In general terms, the reactions of the heavier (more active) IIA metals may be repre-
sented as
M) + Hy(g) —> (M?*,2H")(s) M =Ca, Sr, Ba
Thus, calcium combines with hydrogen to form calcium hydride:
Ca(f) + H,(g) —— CaH,(s) calcium hydride (mp 816°C)

These ionic hydrides are all basic because they react with water to form hydroxide ions.
When water is added by drops to lithium hydride, for example, lithium hydroxide and
hydrogen are produced. The reaction of calcium hydride is similar.

LiH(s) + H,0(¢) — LiOH(s) + H,(g)
CaH,(s) + 2H,0(¢) — Ca(OH),(s) + 2H,(g)

Hydrogen reacts with nonmetals to form binary mwolecular bydrides. For example, H,
combines with the halogens to form colorless, gaseous hydrogen halides (Figure 6-5):

2HX(g)
hydrogen halides

H,@ + X, — X=FC(Cl,BrI

Specifically, hydrogen reacts with fluorine to form hydrogen fluoride and with chlorine
to form hydrogen chloride:

H,(g) + F,(g) — 2HF(g)
H,(g) + Cl,(g) — 2HCI(g)

hydrogen fluoride
hydrogen chloride

Hydrogen combines with Group VIA elements to form molecular compounds:

heat
2H,(g) + O,(g) —— 2H,0(g)

The heavier members of this family also combine with hydrogen to form binary
compounds that are gases at room temperature. Their formulas resemble that of water.
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The ionic hydrides are named by
naming the metal first, followed by
“hydride.”

Tonic hydrides can serve as sources of
hydrogen. They must be stored in
environments free of moisture and O,.

We show LiOH and Ca(OH), as solids
here because not enough water is
available to act as a solvent.

The hydrogen halides are named by
the word “hydrogen” followed by the
stem for the halogen with an “-ide”
ending.

These compounds are named:
H,O, hydrogen oxide (water)
H,S, hydrogen sulfide
H,Se, hydrogen selenide
H,Te, hydrogen telluride

All except H,O are very toxic.
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Figure 6-5 Hydrogen, H,, burns
in an atmosphere of pure chlorine,

Cl,, to produce hydrogen chloride.

H, + Cl, —> 2HCI

Remember that hydride ions, H™,
react with (reduce) water to produce

OH™ ions and H,(g).
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-

)

Figure 6-6 Ammonia may be applied directly to the soil as a fertilizer.

The primary industrial use of H, is in the synthesis of ammonia, a molecular hydride,
by the Haber process (Section 17-7). Most of the NH; is used in liquid form as a fertil-
izer (Figure 6-6) or to make other fertilizers, such as ammonium nitrate, NH,NO;, and
ammonium sulfate, (NH,),SO,:

catalysts
N(g) + 3H,(g) 2NH;(g)

heat, high pressure

Many of the molecular (nommetal) bydrides are acidic; their aqueous solutions contain
hydrogen ions. These include HF, HCI, HBr, HI, H,S, H,Se, and H,Te.

EXAMPLE 6-6 Predicting Products of Reactions

Predict the products of the reactions involving the reactants shown. Write a balanced formula
unit equation for each.

@ M) + Lig)

(b) K(6) + Hy(g) ——

(¢) NaH(s) + H,O(f) (excess) —>
Plan

(a) Hydrogen reacts with the halogens (Group VIIA) to form hydrogen halides—in this
example, HI.

(b) Hydrogen reacts with active metals to produce hydrides—in this case, KH.
(c) Active metal hydrides react with water to produce a metal hydroxide and H,.

Solution

(@) H(g) + L(g) et o HI)

(b) 2K(€) + H,(g) —— 2KH(s)
() NaH(s) + H,O(¢) — NaOH(aq) + H,(g)
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EXAMPLE 6-7 Ionic and Molecular Properties
Predict the ionic or molecular character of the products in Example 6-6.

Plan
We refer to Figure 6-4, which displays the nature of hydrides.

Solution

Reaction (a) is a reaction between hydrogen and another nonmetal. The product, HI, must
be molecular. Reaction (b) is the reaction of hydrogen with an active Group IA metal. Thus,
KH must be ionic. The products of reaction (c) are molecular H,(g) and the strong base,
NaOH, which is ionic.

You should now work Exercises 58 and 59.

X3 OXYGEN AND THE OXIDES

Oxygen and Ozone

Oxygen was discovered in 1774 by an English minister and scientist, Joseph Priestley = The name “oxygen” means “acid
(1733-1804). He observed the thermal decomposition of mercury(Il) oxide, a red powder: ~ former.”

heat
2HgO(s) —— 2Hg({) + O,(g)

That part of the earth we see—land, water, and air—is approximately 50% oxygen by  Liquid O, is used as an oxidizer for
mass. About two thirds of the mass of the human body is due to oxygen in H,O. Elemental =~ rocket fuels. O, also is used in the
oxygen, O,, is an odorless and colorless gas that makes up about 21% by volume of dry  health fields for oxygen-enriched air.
air. In the liquid and solid states it is pale blue. Oxygen is only slightly soluble in water;

only about 0.04 gram dissolves in 1 liter of water at 25°C. This is sufficient to sustain fish

and other marine organisms. Oxygen is obtained commercially by the fractional distilla-

tion of liquid air. The greatest single industrial use of O, is for oxygen-enrichment in

blast furnaces for the conversion of pig iron (reduced, high-carbon iron) to steel.

Oxygen also exists in a second allotropic form, ozone, O;. Ozone is an unstable, pale  Allotropes are different forms of the
blue gas at room temperature. It is formed by passing an electrical discharge through same clement in the same physical
gaseous oxygen. Its unique, pungent odor is often noticed during electrical storms and in ~ state (Section 2-2).
the vicinity of electrical equipment. Not surprisingly, its density is about 13 times that of
O,. At —112°C it condenses to a deep blue liquid. It is a very strong oxidizing agent. As
a concentrated gas or a liquid, ozone can easily decompose explosively:

205(g) — 30,()

Oxygen atoms, or radicals, are intermediates in this exothermic decomposition of O3 to A radical is a species containing one or
O,. They act as strong oxidizing agents in such applications as destroying bacteria in water ~ more unpaired electrons; many radicals
puriﬁcation. are very reactive.

The ozone molecule is angular (page 51). The two oxygen—oxygen bond lengths (1.28 A)
are identical and are intermediate between typical single and double bond lengths.

Reactions of Oxygen and the Oxides

Oxygen forms oxides by direct combination with all other elements except the noble gases
and noble (unreactive) metals (Au, Pd, Pt). Oxides are binary compounds that contain
oxygen. Although such reactions are generally very exothermic, many proceed quite slowly
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Beryllium reacts with oxygen only at
elevated temperatures and forms only

the normal oxide, BeO. The other

Group IIA metals form normal oxides
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and require heating to supply the energy necessary to break the strong bonds in O, mole-
cules. Once these reactions are initiated, most release more than enough energy to be
self-sustaining and sometimes become “red hot.”

Reactions of O, with Metals

In general, metallic oxides (including peroxides and superoxides) are ionic solids. The Group TA
metals combine with oxygen to form three kinds of solid ionic products called oxides,
peroxides, and superoxides. Lithium combines with oxygen to form lithium oxide.

4Li(s) + O,(g) —> 2Li,0(s) lithium oxide (mp > 1700°C)

By contrast, sodium reacts with an excess of oxygen to form sodium peroxide, Na,O,,
rather than sodium oxide, Na,O, as the major product.

2Na(s) + O,(g) — Na,0,(g)

sodium peroxide (decomposes at 460°C)

Peroxides contain the O—O?~, 0,2~ group, in which the oxidation number of each
oxygen is —1, whereas normal oxides such as lithium oxide, Li, O, contain oxide ions, O~
The heavier members of the family (K, Rb, Cs) react with excess oxygen to form super-
oxides. These contain the superoxide ion, O,~, in which the oxidation number of each
oxygen is —3. The reaction with K is

K(s) + O5(g) — KO4(s)

potassium superoxide (mp 430°C)

The tendency of the Group IA metals to form oxygen-rich compounds increases going
down the group. This is because cation radii increase going down the group. You can
recognize these classes of compounds as

Class Contains Ions Oxidation No. of Oxygen
normal oxides 02~ -2
peroxides 0,2~ -1
superoxides 0, -3

The Group IIA metals react with oxygen to form normal ionic oxides, MO, but at high
pressures of oxygen the heavier ones form ionic peroxides, MO, (Table 6-4).

2M(s) + O,(g) — 2(M?2F, O%27)(s) M = Be, Mg, Ca, Sr, Ba

at moderate temperatures. M¢(s) + Oy(g) — M2+, 022_)(5) M = Ca, Sr, Ba
LIRS Oxygen Compounds of the 1A and 11A Metals*
1A 1IIA
Li K Rb Cs Be Mg Ca Sr Ba
normal oxides Li,O Na,O K,0 Rb,O Cs,0 BeO MgO CaO SrO BaO
peroxides Li202 Nazoz K202 Rb202 C8202 Ca02 SI'02 BaOz
superoxides NaO, KO, RbO, CsO,

*The shaded compounds represent the principal products of the direct reaction of the metal with oxygen.
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For example, the equations for the reactions of calcium and oxygen are
2Ca(s) + O4(g) — 2CaO(s) calcium oxide (mp 2580°C)
Ca(s) + O,(g) — CaO4(s) calcium peroxide (decomposes at 275°C)

The other metals, with the exceptions noted previously (Au, Pd, and Pt), react with
oxygen to form solid metal oxides. Many metals to the right of Group IIA show variable
oxidation states, so they may form several oxides. For example, iron combines with oxygen
in the following series of reactions to form three different oxides (Figure 6-7).

h
2Fe(s) + Oy(g) —s 2FeO(s)  iron(l]) oxide
h
6FeO(s) + O,4(g) Lat) 2Fe;04(s) magnetic iron oxide (a mixed oxide)

h
4Fe,0,(5) + O(g) ——s 6Fe,05(s)  iron(ll) oxide

Copper reacts with a limited amount of oxygen to form red Cu,O, whereas with excess
oxygen it forms black CuO.

h
4Cu(s) + O(g) —5 2Cu,0()  copper(l) oside

h
2Cu(s) + Oy(g) —s 2CuO(s)  copper(l) oxide

Figure 6-7 Iron powder burns

Metals that exhibit variable oxidation states react with a limited amount of oxygen brilliantly to form iron(III) oxide,
to give oxides with lower oxidation states (such as FeO and Cu,O). They react with Fe,0;.

an excess of oxygen to give oxides with higher oxidation states (such as Fe,O; and

CuO).

Reactions of Metal Oxides with Water

Oxides of metals are called basic anhydrides (or basic oxides) because many of them
combine with water to form bases with no change in oxidation state of the metal (Figure
6-8). “Anhydride” means “without water”; in a sense, the metal oxide is a hydroxide base
with the water “removed.” Metal oxides that are soluble in water react to produce the
corresponding hydroxides.

Increasing acidic character =———-

§ 1A ITA IIIA IVA VA VIA VIIA
% Li,O BeO B,0, Co, N,0s OF,
é) Na,0 MgO ALO, Si0, P,0,, SO, 1,0,
g K,O CaO Ga,0; GeO, As,O5 SeO; Br,0;
2 Rb,0O Sr0 In,0, Sno, Sb,0s TeO, L0,
l Cs,0 BaO TLO, PbO, Bi,O; P00, A0,

Figure 6-8 The normal oxides of the representative elements in their maximum oxidation
states. Acidic oxides (acid anhydrides) are shaded red, amphoteric oxides are shaded purple,
and basic oxides (basic anhydrides) are shaded blue. An amphoteric oxide is one that shows
some acidic and some basic properties.
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Recall that oxidation states are
indicated by red numbers in red
circles.

Carbon burns brilliantly in pure O,
to form CO,.
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Metal Oxide + Water —— Metal Hydroxide (base)

sodium oxide Na,O(s) + H,0(¢) — 2 NaOH(aq) sodium hydroxide
calcium oxide CaO(s) + H,0(f) — Ca(OH),(aq) calcium hydroxide
barium oxide BaO(s) + H,0(f) — Ba(OH),(aq) barium hydroxide

The oxides of the Group IA metals and the heavier Group IIA metals dissolve in water
to give solutions of strong bases. Most other metal oxides are relatively insoluble in water.

Reactions of O, with Nonmetals

Oxygen combines with many nonmetals to form molecular oxides. For example, carbon burns
in oxygen to form carbon monoxide or carbon dioxide, depending on the relative amounts
of carbon and oxygen.

)

(F

=

2C(s) + O,(g) — 2CO(s) (excess C and limited O,)

C(s) + O,(g) — CO,(g) (limited C and excess O,)

Carbon monoxide is a very poisonous gas because it forms a stronger bond with the
iron atom in hemoglobin than does an oxygen molecule. Attachment of the CO molecule
to the iron atom destroys the ability of hemoglobin to pick up oxygen in the lungs and
carry it to the brain and muscle tissue. Carbon monoxide poisoning is particularly insid-
ious because the gas has no odor and because the victim first becomes drowsy.

Unlike carbon monoxide, carbon dioxide is not toxic. It is one of the products of the
respiratory process. It is used to make carbonated beverages, which are mostly saturated
soluti