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Many biomolecules possess weakly acidic or weakly basic groups whose ionization gRcHcieiuticncalvtaites
state can affect both biological function and stability, and many biological processes, o/ Degieepfibissogatian

such as oxidation—reduction reactions, produce or consume hydrogen ions.
The extents of the reactions and the rates at which they proceed depend on
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the acidity of the reaction environment. Buffers are used to maintain a constant pRAi RO

hydrogen ion activity.

Acids and Bases

For most biochemical purposes, an acid can be defined asa
substance that donates protons (hydrogen ions); a base can
be defined as a substance that accepts protons. This is
known as the Brensted—Lowry concept of acids and bases.
When an acid loses a proton, a base is produced; when a
base accepts a proton, an acid is produced. In aqueous
solution, an acid (abbreviated HA) donates a proton to
water (acting as a base) producing a hydronium ion

(H;0™) (eqn [I]).

HA +H,0 === H0" +A~ 0

In the reverse direction, the acid H;0 ™ donates a proton to
the base A~ . The protonated species (HA) and the
deprotonated species (A ) constitute a conjugate acid—
conjugate base pair. The equilibrium constant for the
reaction can be defined as in eqn [1].

, _ [H;07][A7]
K= [HA][H,0] [1]

A base (e.g. A— ) is a substance that accepts a proton from
water to produce OH — and a conjugate acid (eqn [11]).

A +H,0 OH™+HA [

The equilibrium constant, Ky, is given by eqn [2].

_ [OH™][HA]

[A~][H0]
Because the concentration of water remains essentially
constant, the [H>O] and the K, (or K},') terms can be

combined into a single constant called the acid (or base)
dissociation constant (eqns [3] and [4]).

K 2l

e _ [H;07][A7]
K, = K,[H,0] = 3[}17/%] 3]
R R 4
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For most purposes, it is sufficient to consider an acid as a
substance that dissociates in aqueous solution to yield a
proton (H ™) and a base (eqn [II1]).

HA=——= H" +A~ [

Strong acids such as HCland HNOj; are almost completely
dissociated in solution. Weak acids (which are the most
common type found in cells) are only partially dissociated
in solution. (Hence the double arrows in the reactions
shown above.) The equilibrium between the species of
eqn [III] is described by the acid dissociation constant, K,

(eqn [5]).

_ A

K= "ha

[5]
Equations [3] and [5] are essentially identical because H *
and H;0 " are equivalent.

As shown above, K, has units of concentration
(mol L 1. Strictly speaking, eqn [5] should be expressed
in terms of the activities of the components, ay-, as- and
apa, rather than their concentrations. Essentially, «
represents the apparent or effective concentration of a
species. The activity of a species (e.g. ay-) is related to its
concentration by an activity coefficient, y (eqn [6]).

y=ay /[HT] or  ay =~[H] [6]
The value of v, which represents the fraction of the actual
concentration that appears to be present, depends on the
ionic strength of the solution (see later). For the dilute
solutions used in most biochemical studies, the use of
concentrations instead of activities usually does not
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introduce a large error. (In a later section we will examine
operations that require attention to activities.)
Water itselfis a very weak acid. Itis also a very weak base

(eqns [IV], [V]).

H,0 + H,0

HsO* + OH™ [1v]

H,O H*+ OH~ \Y%|
A dissociation constant for this process analogous to eqn
[5] can be defined. However, because the reaction proceeds
to such a small extent, the concentration of water remains
essentially constant (at about 55mol L ~'). Consequently,
[H,O] can be combined with the K, to give a constant called
K, the ion product of water (eqn [7]).

_ [OH7J[H"] _ AT
K, = [HzO] Ky = Ka[H2O] - [OH ][H ] [7}
The value of K, is very close to 10~ ¥mol’L ™2 at
biological temperatures. Thus, in pure water

[H"]1=10 "molL 'and[OH ]=10""molL ' Note
that the product K, x K}, for any conjugate acid—conjugate
base pair in aqueous solution equals K.

pH and the Henderson—Hasselbalch
Equation

pH, defined as the negative logarithm of the hydrogen ion
activity (concentration), is a shorthand way of denoting the
[H "] of a solution (eqn [8]).

pH = —log/H'] = log [Hl—] 8]

This is equivalent to eqn [9].
H*]=10""" (9]

For example, if [H*]=10"®molL !, the pH equals 6.
Pure water, where [H*]=10""molL ', has a pH of 7.
Similarly, if [H"]=5.7 x 10 °molL ™", the pH is 4.24,
calculated as shown in eqn [10].

1

Solutions with pH values below 7 are said to be acidic;
solutions with pH values greater than 7 are basic or
alkaline. Because the pH scale is logarithmic, small
differences in pH correspond to a much larger difference
in hydrogen ion concentration. For example, the [H " Jina
fruit juice having a pH of 3.4 is 10000 times greater than
that in blood at pH 7.4.

Just as there is an equilibrium relationship between the
H™" concentration and K, for the dissociation of a weak
acid, a relationship can be derived expressing the pH of
the solution in terms of pK, (the negative logarithm of K,)

(eqn [11]).
~togk, =~ tog ]
pK. =pH —log [[ﬁl‘/;]]
pH =pK, + log [[g/;]}

or in general
[conjugate base]

H =pK, +1
P P + 08 [conjugate acid]

[11]
Thus, pH = pK, when the solution contains equal con-
centrations of conjugate acid and conjugate base. One can
define a similar Equation for a weak base (eqn [12]).

[conjugate acid)]

OH = pKp + 1 .
P pfo +og [conjugate base]

[12]
For any conjugate acid—conjugate base pair we have eqn
[13], and for any aqueous solution eqn [14] applies.

pK, + pKy, = pK,, = 14 [13]

pH + pOH = 14 [14]

pH of a Solution of a Weak Acid

Dissociation of a weak monoprotic acid, HA, at an
initial concentration C, yields equimolar concentra-
tions of A~ and H™ and an equilibrium level of HA
equivalent to C —[H™]. Substituting into eqn [5], we
obtain eqn [15].
H]?
K,=—7"— 1

*TC—[HY [13]
The quadratic equation [15] can be solved to yield the
solution in eqn [16].

[HJF}_‘/KE%Jr4KaC7Ka [16]
2

The pH of the solution can then be calculated from
eqn [8]. The deviation of eqn [16] ignores H ™" contributed
by the dissociation of water. This is a reasonable
simplification if the product K,C is at least 100K,,. If, in
addition, the degree of HA dissociation is small (e.g. less
than 10%), the [H "] term in the denominator of eqn [15]
can be ignored. The values of [H "] and pH can then be
estimated from the approximation given in eqn [17], where
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pC is the negative logarithm of the initial weak acid
concentration.
[Hf] = and

K.C pH=1(pK,+pC)  [17]

For a weak base at initial concentration C, the equations
are analogous to those shown above with OH ~ and pOH
replacing H* and pH, and with K, and pK, replacing K,
and pK, (eqn [18]).

\/KE + 4K, C — Ky
[OH] = [18]

2

Analogously to eqn [17], at < 10% ionization we obtain
eqn [19].

[OH"] = /K,C

and  pOH =1(pKy +pC) [19]

Degree of Dissociation

If a weak acid at initial concentration C undergoes
fractional dissociation n, then at equilibrium [HA]=
(C—nC)=C»1 —n), [H"]=nC, and [A™]=nC. Substi-
tuting into eqn [5] and solving for C, we obtain eqn [20].

(1 —n)K,
2
Equation [20] shows that the acid will be 10% dissociated
(i.e. n=0.1) at C=90K,, 50% dissociated (n=0.5) at
C =2K,, and 90% dissociated (n = 0.9) at C = 0.123K,. In
other words, the degree of dissociation of a weak acid
increases as it is diluted (an expected consequence of the

Law of Mass Action).

Noting that C = [HA] + [A ™ ], another relationship that
can be obtained from eqn [5] is that given in eqn [21], where
[HA]/C represents the fraction of the total acid that
remains undissociated at equilibrium.

C= [20]

HA H*

MA]_ [H] -

C K, + [HT]
Equation [21] has the same form as the Henri—Michaelis—
Menten equation for v/V.. of an enzyme-catalysed
reaction.

Titration Curves

Figure 1 shows the change in pH as a 0.1 mol L ~ ' solution
of a strong acid is titrated with concentrated NaOH, a
strong base. The pH remains close to the original value
until near the equivalence point, then it rises sharply.

In contrast, during the titration of a weak acid, the pH
rises sharply at first but then becomes less sensitive to
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Figure 1 Titration of 0.1 mol L~ ' HCI (a strong acid) with NaOH. The pH
atthe startis about 1 because HCl is nearly 100% dissociated ((H "] =10 """
mol L~ "). The pH at any point along the curve is calculated from the
concentration of HCl remaining at that point. At the equivalence point, the
pH is 7 because the solution contains only NaCl, which, being a salt of a
strong acid and a strong base, does not act as an acid or a base. Beyond the
equivalence point, the pH depends on the concentration of excess OH ™~
present.

101
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7 7pH = pK; when HA is half-neutralized
6 Effective I
pH 5l buffering
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o

Figure 2 Titration of 0.1 mol L™ T HA (a weak acid, pKa, = 6) with NaOH.
The starting pH is calculated from eqn [16] or [17]. The pH at any point
along the titration curve is calculated from eqn [11]. If dilution is negligible
(because concentrated or solid NaOH is used), the pH at the equivalence
pointisthatofa0.1 molL ™ T solution of A~ , a weak base (eqns[18]or[19]
and [14]).

change as OH ~ is added, until the equivalence point is
approached. As shown in Figure 2, the curve is flattest
around the midpoint. The solution of HA plus A™ in the
pH region around pK, acts as a buffer.

Diprotic and Polyprotic Acids

A diprotic acid (H,A) contains two dissociable acid
groups. If these groups differ in acid strength by a factor
of about 100 or more, the dissociation reactions can be
considered as occurring in two sequential steps with the
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stronger acid group producing all the H' of the first
dissociation, i.e. HoA dissociate§ to produce HA™, which
in turn dissociates to produce A"~ (eqn [VI]).

PRy

H* + HA" [vi]

3

H+
.
AZ

HA

The intermediate ion, HA™, is the conjugate base of H?A,
but it is the conjugate acid with respect to A>~. The
titration curve will reveal two regions where the slope
passes through a minimum as shown in Figure 3. If the two

acid direction. The titration curve of triprotic phosphoric
acid (HPO,4) shows three regions of minimum slope
occurring at pH values of about 2.1, 7.2 and 12.3.

Amino Acids

The common ‘neutral’ amino acids are essentially diprotic
acids where K,; and K,, refer, respectively, to the
dissociation of the a-carboxyl group (—-COOH) and the
charged o-amino group (-NH3). The neutral species
carries no net charge, but it is actually a ‘zwitterion’
carrying one positive and one negative charge as shown in
eqn [VII] for glycine.

COOH COO~ COO~
| pK,, =23 | pK,, = 9.6
+H3N—(I:—H S *HSN—IC—H = HZN—IC—H [vii]
H H H
Gly*, eg. Gly%, i.e. Gly~, eg.
glycine hydrochloride isoelectric glycine; sodium glycinate

glycine ‘free base';
zwitterion form

pK, values differ by a factor of 2 or less, the curve will show
only a single broad region of minimum slope centred
around the average of the two pK, values. Although Figure 3
assumes that the titration starts with H,A, the same curve
(but in mirror-image) would result if A~ were titrated
with strong acid. One could also titrate a solution of HA™
with NaOH in the alkaline direction and with HCI in the

Predominant ionic species

Hy HA- Az
101
9 L
8 pKaZ
7
6 L
pH ST pKar
4
3 L
2 L
‘I L
0
0 0.5 1.0 1.5 2.0

Moles OH™ added per mole of H,A

Figure 3 Titration curve of 0.1 mol L~ " diprotic weak acid (pK,, = 4;
pKaz = 7). The starting pH depends almost exclusively on the dissociation of
H,A and can be calculated from eqns [16] or [17] using pK,1. When half of
the original H,A has been converted to HA™ , pH = pK,;. The predominant
species at the first equivalence pointisHA™ (~ 94% of the total), where the
pH is the average of the two pK, values. When half of the HA™ has been
convertedto A", pH = pK;.. If the volume does not change, the pH at the
endpointisthatofa0.1 molL ™ " solution of the base A% ~ (eqns[18]or[19]
and [14]).

4

Most of the diprotic amino acids have pK,; (carboxyl)
values in the range of 2.0-2.5 and pK,, (amino) values in the
range 0of 9.0-9.7. The ‘acidic’ amino acids, aspartic acid and
glutamic acid, are triprotic, each containing an additional
carboxyl group with a pK, in the region of 4. The ‘basic’
amino acid lysine contains an additional amino group with
a pK,s; of 10.5. In addition to their carboxyl and amino
groups, histidine contains an imidazole group (pK,> = 6.0),
while arginine contains a highly basic guanidinium group
(pKa3 = 12.5). Cysteine contains a dissociable sulfhydryl
group with a pK, of 8.3. (The pK, of its amino group is
10.8.) The pK, value of a side chain may change somewhat
when the amino acid is incorporated into a protein.

Amino acids containing acidic or basic side chains
introduce positive and negative charges throughout the
polypeptide chain of a protein. In a soluble protein, most of
the ionizable side chains can equilibrate with the aqueous
buffer. Consequently, the pH of the medium will influence
the charges carried by the protein. For example, a cysteine-
free protein containing 31 total glutamate plus aspartate
residues, 12 histidine residues, and 25 total lysine plus
arginine residues will have a net charge of about —6 at pH 8.
(The glutamate and aspartate side chains will be almost
completely in the negatively-charged form; the lysine and
arginine side chains will be almost completely in the
positively-charged form; and the histidine residues will be
almost completely in the neutral form.) At pH 8, this
protein will migrate in an electric field toward the positive
electrode and (at low ionic strength) will bind well to an
anion-exchange resin. However, at pH 6.0, about 50% of
the histidine side chains will be in the positively-charged
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form at any time while the gluatamate, aspartate, lysine,
and arginine side chains will remain nearly completely
charged. Consequently, at pH 6 the protein will carry no
net charge. This pH is called the isoelectric pH or isoelectric
point of the protein, pl. In general, proteins display the
lowest solubility at their pl.

Buffers

A buffer is something that resists change. A pH buffer is a
substance or mixture of substances that resists a change in
pH upon addition or utilization of H* or OH ~. Asshown
in Figures 2 and 3, a mixture of a weak acid and its
conjugate base will buffer a solution in the region of its pK,.
Natural buffers used by cells to maintain a near-constant
intracellular pH include phosphate, bicarbonate and
proteins. Biochemists use a variety of natural and synthetic
compounds to produce buffers for laboratory experiments.
Many of the synthetic buffers currently available commer-
cially were introduced by N. E. Good in 1966. These ‘Good
buffers’ are mainly N-substituted sulfonic acids. Mops (4-
morpholinepropanesulfonic acid) [VIII] is an example.
Unlike phosphate, pyrophosphate, and diprotic and
triprotic carboxylate buffers, the Good buffers have low
or negligible metal-binding ability. This makes them quite
suitable for studying enzyme-catalysed reactions in which
the free metal ion (e.g. Mg? ") concentration must be
carefully controlled.

a simple mathematical way. Suppose 2mmol L ™' H * was
produced in a reaction mixture containing 20 mmol L ~'
Mops buffer, pH 7.2. Because the initial pH equals the pK,,
[Mops ~ ] must equal [Mops’], i.e. both species must have
been present initially at 10mmol L ~'. (Buffer concentra-
tions are given in terms of the total of all buffer species
present.) If the 2mmolL~' H™ were completely
absorbed by the buffer, the final concentrations would
be [Mops ]=(10—-2)mmolL '=8mmolL ' and
[Mops®] = (10 + 2)mmol L ™' = 12mmol L ™", In order
for the pH to remain at 7.2, eqn [22] must hold.

[Mops™]

72=72+1log [Mops(]

[22]

But this cannot be true when [Mops ~ ]#[Mops’]. The
actual final pH can be calculated from eqn [23].

pH =72+ log % =70 [23]

(Note that the pH would have dropped to 2.7
(i.e. —log (2% 10~ %) if the buffer were not present.)
The calculation of the final pH assumed that the
entire 2mmolL "' H* was consumed by the buffer.
This is an excellent approximation as long as the
buffer concentration is greater than that of the H™ added
or used.

o} N—CH,—CH,—CH,—S0; +H"
—/

Mops™
(conjugate base,
e.g. sodium salt)

pK,=7.2

O  "HN—CH,—CH,—CH,—S0; VI

0
Mops
(conjugate acid, i.e.
‘free acid’, zwitterion form)

How do Buffers Work?

A buffer resists changes in pH because the interconversion
of the conjugate acid and the conjugate base is an
equilibrium reaction with H* as one component. As
required by the Law of Mass Action, the HA dissociation
reaction shifts in one direction or the other upon addition
orremovalof H . Thus,if H ¥ isadded to (or produced in)
a buffer, a portion of that additional H* reacts with the
conjugate base of the buffer to form the conjugate acid.
Essentially, some of the extra H ™ is neutralized. Similarly,
if H™ is consumed in a reaction, the conjugate acid of the
buffer dissociates to replenish a portion of that H*. This
process cannot maintain the pH absolutely constant
because a change in the equilibrium ratio of [A™]/[HA]
requires a compensatory change in [H'] in order for
equilibrium conditions to be satisfied. This can be shown in

Buffer Capacity

The ability of a buffer to resist a change in pH can be
described in terms of its buffer capacity. Theoretical or
instantaneous buffer capacity, B, is the reciprocal of the
slope of the titration curve at any point, i.e. d [OH ™ ]/dpH,
which is equivalent to d[A ~]/dpH or d[H * ]/dpH. A little
calculus leads to eqns [24], where [A ™ ] and [HA] are the
initial concentrations of conjugate base and conjugate
acid, respectively, and C is the total buffer concentration
([A ™ ]+ [HA]).

~ 2303[A7][HA]

 2.303K,[HY]C
P="A] HA] -

24
P (K. + [H])? -

The maximum instantaneous buffer capacity occurs where
[H*]1=K, (i.e. where pH=pK,. At this point,
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Bmax = 0.576C. Because f is the reciprocal slope at a point,
its value is the same in both the acidic and basic directions.
A more useful index is the practical buffer capacity.
Practical buffer capacity in the acid direction, BC,, is the
concentration of H* that must be added to decrease the
pH by one unit. Similarly, practical buffer capacity in the
basic direction, BC, is the concentration of OH ™~ that
must be added (or of H™ that must be consumed) to
increase the pH by one unit. Practical buffer capacities can
be calculated from eqns [25].

_ 9[HAJAT]
B = AT+ A
) ~ 9[HAJAT]
and BC = 15 AT+ HA] &l

The choice of which buffer to use should take into
account the likely direction of any pH change that
might occur during the process being studied, because
BC, and BC; can be quite different. As a general rule,
though, a buffer should be used within +0.5 pH unit of
its pK,.

The Bicarbonate/CO, Blood Buffer

Carbon dioxide reacts to a slight extent with water to
produce H,CO3, a weak diprotic acid that ionizes to form
H™ and bicarbonate (HCO; ). This system is one of the
two major blood buffers. (The other is haemoglobin.) The
buffer can be considered to be composed of dissolved CO,
(as the conjugate acid) and HCO5 (as the conjugate base).
The apparent pK, is 6.1. (The dissociation of HCO5; to
form H™ and CO3~ has a pK, of about 12 and is not
important in controlling the pH of blood and cells. The pH
of blood is about 7.4. So how can a buffer with a pK, of 6.1
be effective at pH 7.4? Actually, the CO,/HCO5; system
has a rather high buffer capacity because it is an open
system in which the concentration of the conjugate acid is
maintained relatively constant. That is, excess H * reacts
with HCO; to produce CO,+ H,O and the excess
CO, is exhaled by the lungs. To illustrate the difference
between a typical closed system and the open CO,/HCO5~
system, consider the effect of a reaction that produces
S5mmolL " "H™ ina 25.2mmolL "' CO,/HCO; buffer
originally at pH 7.4. (The concentration of HCO3; in

e
HOHZC—(IZ—CHZOH +H
CH,OH
Tris’

(conjugate base,
i.e. ‘free base’)

pK, =81

—
—

blood plasma is about 25mmolL ') At the start,
equations [26] apply.

[HCO;] [HCO;3 ]
H =pK, + 1o 74=6.1+1o ==,
PR PR M0, £ [co]
[HCO;]  [HCO;] 20
1.3=1o =— 26
£ [CO,] [COy] 1 [26)

Therefore, equations [27] and [28] hold.
.20 -1 -1
[HCO5] = 31 (25.2mmolL™") = 24mmol L [27]

1
21

If the system were closed, the final pH would be given by
eqn [29].

[COs] == (25.2mmol L™!) = 1.2mmol L™!  [2§]

[24 -5

pH = 6.1 +log 255
Clearly thereis very little buffer capacity in a closed system,
However, in the open system, the 5 mmol L ~ !excess CO,
produced is exhaled, leaving the conjugate acid concentra-
tion at 1.2mmol L ™. Thus, even though the concentra-
tion of conjugate base has decreased, the final pH will be
given by eqn [30].

6.6 [29]

[24 — 5]
[1.2]
Oxidative metabolism replenishes the lost HCO5 .

pH =6.1+log =173 [30]

Preparation of Buffers

Usually, there are several ways to prepare a buffer
at a desired pH. The method of choice depends on the
materials available and any considerations about other
ions that may or should not be present. One of the most
commonly used buffers for studying enzyme-catalysed
reactions in the laboratory is the synthetic compound
tris(hydroxymethyl)aminomethane (abbreviated to “Tris’
or THAM). Tris is generally purchased as the conjugate
base (Tris’, sometimes called the ‘free base’) and the
appropriate portion is converted to the conjugate acid,
Tris ¥, by titration with a strong acid. The Tris species are
shown in [IX].

He
HOHzc—(IZ—CHZOH [1X]
CH,OH
Tris”
(conjugate acid, e.g.
Tris hydrochloride)
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BCp = 26mmol L' BC, = 9mmol L'

Mr

10

rrrrrrrrrrrrrrrrrrrrrrrrrrrrrr : pKa

pH
7L pH 7.5 buffer

4 L L L J
0 10 20 30 40 50

ml of 1mol L~! HCI added

Figure 4 Titration of 0.05 mol L ™" Tris (pK, = 8.1) with 1 mol L~ ' HCI.
The volume at the start is assumed to be 1.0 litre. Note that the pH 7.5
buffer has a rather poor practical buffer capacity in the acid direction.

Consider the preparation of one litre of 0.05mol L ~'
Tris-HCI buffer at pH 7.5 from solid Tris” (the conjugate
base) and a stock solution of 1 molL ~' HCI. We would
start by dissolving 0.05 mol of Tris® in a volume of water
somewhat less than 1 litre. Concentrated HCIl would then
be added until the pH was 7.5 (In practice, the pH would be
monitored with a glass electrode and a pH meter.)
Additional water would then be added to bring the volume
to exactly one litre. The titration curve for Tris is shown in
Figure 4.

The volume of HCl required to prepare the buffer can be
estimated from the fraction of the Tris that must be
converted to the conjugate acid form (eqns [31] to [33]).

_ [Tris"]
pH = pK, +log [Trist]
_ [Tris’]
7.5=28.1+log [Tris*] [31]
o [Tris?]
0.6 = log [Tris*]
. [Tris™]
0.6 = log s [32]
[Trist] _ 3.98
[Tris®] 1

" [Tris*] = %(0.05 mol L") = 0.04 mol L™ [33]

Thus 80% of the original 0.05mol of Tris’ must be
converted to Tris . This requires the addition of 0.04 mol
of HCl, or 40 ml of the 1 mol L ~ ! stock solution. One could
also start with 0.05 mol of Tris hydrochloride and convert
0.01 mol to the conjugate base by the addition of 0.01 mol
of NaOH (provided that the presence of Na™ in the buffer

isnot undesirable). Perhaps the most convenient procedure
is to mix 0.05molL ™' solutions of Tris® and Tris
hydrochloride to the desired pH. An advantage of this
method is that overtitration with one component can be
reversed easily by adding more of the other component; the
buffer concentration will remain 0.05 mol L~ '. If, instead
of HCI, the conjugate acid of Mops (pK, = 7.2) or Mes
(4-morpholineethanesulfonic acid; pK, = 6.2) is used to
titrate the Tris, buffers with high capacities over a broader
pH range in the acid direction can be prepared.

Effect of Temperature

Temperature affects the degree of dissociation of weak
acids and bases. The phenomenon is described by the van’t
Hoff equation (eqn [34]).

A[1i0n(T2 - Tl )
a@Ty 2.303RT2T1

where AH,,, is the enthalpy of ionization. If the AH,y, is
close to zero (as it is for phosphate, pyrophosphate and
carboxylic acids), the pK, and hence the pH of a buffer will
be relatively insensitive to a change in temperature.
However, for many buffers AH,,, is in the range + 25
to + 54kJmol ~'. As a result, the pH of the buffer will
change appreciably with changing temperature. For
example, a S0mmol L ~ ' Tris buffer prepared to have a
pH of 8.1 at 25°C will have a pH of 8.68 at 5°C and a pH of
7.80 at 37°C (ApK, per degree is about —0.03; Tris™
becomes a stronger acid as T increases). Tables listing the
pK, values of various buffers at different temperatures or
the ApK, per degree of temperature change are available.
Clearly, the most reliable procedure is to adjust the pH of a
buffer to the desired value at the temperature at which it
will be used.

Kaar,

log = pKaar, — PKaar, = 34]

Effect of lonic Strength

Ionic strength, 7, is a measure of the concentration of
charged particles in solution. The value of 7 can be
calculated from eqn [35].

=1y "Mz} 35]
Here M; = the molarity of the ion and Z; = the net charge
(regardless of sign). Charged buffer components contri-
bute to the ionic strength of a solution and, in turn, ionic
strength affects the activity coefficients of buffer compo-
nents. (In general, the higher the value of /7, the lower the
value of the activity coefficient.) Ionic strength may
influence biological activity. Consequently, variations in
I should be considered when preparing a buffer. For
example, if one wished to prepare a series of buffers to
measure the activity of an enzyme at different pH values, it
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would be advisable to adjust all the buffers to the same
ionic strength (so that the observed effects are a result of pH
differences alone, not differences in 7 as well as pH). This
can be accomplished by calculating 7 for each buffer and
then adding an innocuous salt (e.g. NaCl) to bring all of the
buffers to the same final 7 value. If the enzyme is sensitive to
high ionic strength, 7 can be minimized by using a buffer
in which one of the components is uncharged, e.g.
50 mmol L ~ ! potassium Pipes (1,4-piperazinediethanesul-
fonic acid) at pH 6.8 (where the only charged species are
25mmol L ™" Pipes ~ and 25mmol L~ ' K*) instead of
50mmol L ~ ! potassium phosphate, which contains ap-
proximately 25 mmol L ~ "HPO3 ", 25mmol L~ ' H,PO;
and 75mmol L 'K *.

Because activity coefficients are highly sensitive to ionic
strength, buffers often display a change in pH upon
dilution. For example, when a phosphate buffer is diluted
with water, the activity coefficient of HPO3 ~ (the activity
coefficient, v, of the more highly-charged species) increases
to a greater extent than does the activity coefficient of
H,POy , producing a rise in pH. In contrast, dilution of a
Tris-HCI buffer results in a decrease in pH (because the
activity coefficient of Tris™ increases while the activity
coefficient of Tris’ remains essentially constant). One way

to account for ionic strength effects is to define apparent
pK, values for different total ionic strengths. For example,
the apparent pK,, of phosphate is 6.8 in a 0. molL ~!
buffer, compared to 7.2 at infinite dilution.

At high dilutions of buffer, another factor — a change in
the degree of dissociation of the conjugate acid — may also
affect the pH. Clearly, to avoid problems, a concentrated
stock buffer should be prepared so that it has the desired
pH after dilution and at the temperature of use.
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