Introduction to Apparent
Equilibrium Constants

& 1.1 Brief History of the Thermodynamics of
Biochemical Reactions

# 1.2 Acid Dissociation Constants and Dissociation
Constants of Complex Lons

¥ 13 Binding of Tlydrogen Ions and Magnesium lons
by Adenosine Triphosphate

# 1.4 Apparent Equilibrium Constants of Biochemical
Rcactions

# 1.5 Production of Hydrogen fons and Magnesium
lons in the Hydrolysis of Adcnasine
Triphosphate

# 1.6 pKsof Weak Acids

Two types of equilibrium constant expressions are nceded in biochemistry, The
thermodynamics of biochemical reactions can be discussed in terms of species fike
ATP*~, HATP?~, and MgATP?~ or in terms of reactants (sums of species) like
ATP. The use of species corresponds with wriling chemical reactions that balance
atonis of elements and electric charges; the corresponding equilibrium constants
are represented by K. This approach is required when chemical details are being
discussed, as in considering the mechanism of enzymatic catalysis. But discussion
in terms of metabolism must invelve, in great deal detail, acid dissociation
constants and dissociation constants of complexes with metal ions. Therefore
metabolism 1y discussed by writing biochemical reactions in terms of reactants —
that is, sums of species, like ATP  at a specificd pH and perhaps specified
concentrations of {ree metal {ons thal are bound reversibly by reactants. Bio-
chemical reactions do not batance hvdrogen ions because the pll is held constant,
and they do not balance metal ions for which free concentrations are held
constant. When the pH is held constant, there is the implication that acid or alkali
will be added 10 the system to held the pH constant if the reaction produces or
consumes hydrogen ions. Tn actual practice a buffer is used to hold the pH nearly
constant, and the pH is measured at cquilibrivm. The corresponding equilibrium
constants are represented by K, which are referred 1o as apparent equilibrium
constants because they are functions of pH and perhaps the free concentrations
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of one or more free metal tons. Biochemical thermodynamics is more complicated
than the chemical thermodynamics of reactions i agueous solutions hecause
there are morc independent variables that have to be specified. This introductory
chapter 1s primarily concerned with the hydrolysis of ATP at specifled 7. P, pH,
pMg. and ionic strength. The thermodynamics of the hydrolysis of ATP and
closely related reactions have received a good deal of attention because of the
importance of these reactions in encrgy metabolism.

m 1.1 BRIEF HISTORY OF THE THERMODYNAMICS
OF BIOCHEMICAL REACTIONS

The first major publcation on the thermodynamics of biochemical reactions was
by Burton in Krebs and Kornberg, Lnergy Transformations in Living Matter, 1957,
Before that umie, apparent equilibrium constants had been measured lor a number
of enzyme-catalyzed reactions, but Burton recognized that these apparent equi-
librium constants together with standard Gibbs cnergics of formation A, G® of
species determined by chemical methods can yield A; G° for biochemical species
1o make a table that can be used o caleulate equilibrium constants of biochemical
reactions that ave not been studied (Burton and Krebs, 1953). In retrospect it is
casy Lo see that in 1933 1o 1957 there were some problems that were apparently
not clearly recogmzed or solved. Since Burton was the first, it is worth saying a
little more about his 1957 thermodynamic tables. The firsi table gives A; G values
for about 100 species in biochemical reactions. A large number of these values
were taken from chemical thermodvynaniic tables available in the (950s bul 4
number were new values calculated from mcasured apparent cquilibrium con-
stants for enzyme-catalyzed reactions. A, G" values of species can be readily
calculated when the reactants in the enzyme-catalyzed rcaction are all single
species and A, GY values are known for all of the reactants except one. I is
noteworthy that Burton oniitted the specics of orthophosphate from his table and
that he was pot able to include species of ATP, ADP, NAD,_ , and NAD . His
second table gives standard Gibbs cnergy changes at pH 7 for oxidation-reduction
reactions that were calculated using the convention that JH*] =1 mol L ! at
pil 7: the symbol AG’ was used for this quantity. This table also gives the
corresponding standard cell potentials for these reactions. The third table gives
AG’ values at pH 7 for a number of reactions in glycolysis and alcoholic
fermentation. The lfourth table is on the citric acid cycle, and the fifth table is on
(ibbs energies of hydrolysis. When a biochemical reacuion is studred at a pH
where there 15 a predominant chemical reaction, it is possible to discuss ther-
modynamics in terms of species. But when some reactaniy are represented by an
equilibrinm distribution of several species with different numbers of hydrogen
atoms, this approach is not satisfactory, The quantitative treatment ol reaclions
involving reactants with pKs in the neighborhood of pl1 7 was not possible until
acid dissociation constants of these reaclants had heen determined. Some
measurements of acid dissociation consiantls of ATP and refated substances
{Alberty. Smith, and Bock, 1931) and dissoctation constanis of ionic complexes of
thesc substances with divalent cations (Smith and Alberty, 1956) were made in
this period.

in the 1960s there was a good deal of interest in the thermodynamics of the
hydrolysis of ATP and of other organic phosphates (Alberty, 1908, 1969; Phillips,
George, and Rutman, 1969), but standard Gibbs encrgics of species were not
calculated. The measurement of apparent equilibrium constants for biochemical
reactions was extended in the 1970s (Guynn and Veech, 1973 Veech et al, 1979)
and 1980s (Tewari and Goldberg, 1988).

Tn 1969 Wilhoit picked up where Burton had left off and commled the
standard thermodynamic properties A,G® and A 1I" of species involved in
hiochemical reactions. He recognized the problems mvolved i including species
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of ATP wn such a table and made a suggestion as Lo how o handle 1. In 1977
Thauer, Jungermann, and Decker published a table of standard Gibbs energies of
formation of many species of biochemical interest, and showed how to adjust
standard Gibbs energies of reaction to pH 7 by adding mA;G(H*). where m is
the net number of protons in the reaction.

During the 1960s and 1970s, new nomenclature for treating the ther-
modynamics of biochemical reactions was developed, including the use of K for
the apparent equilibrium constant written in terms of sums of spccics, but
omitting [H']. These changes led to the publication of Recommendations for
Measurement and Presentation of Biochemical Equilibrivan Data by an TUPAC-
IUB Committee {Wadsd, Gutfreund, Privalov, Edsall. Jencks, Armstrong, and
Biltonen, 1976).

Goldberg and Tewari published an evaluation of thermodynamic and trans-
port propertics of carbohydrates and their monophosphates in 1989 and of the
ATP series in 1991, Miller and Smith-Magowan published on the ther-
modynamics of the Krebs cyele and related compounds in 1990,

Alberty (19924, b) pointed out that when the pH or the free concentration of
a metal jon is speeified, the Gibbs energy ¢ does not provide the criterion for
spontancous change and equilibrium. When intensive variables in addition to the
temperature and pressure are held constant, it is necessary to define a transformed
Gibbs energy G* by use of a Legendre transform, as discussed in Chapters 2 and
4. This leads to a complete set of transformed thermodynamic properties at
specilied pH, that is, a transformed entropy §', transformed enthalpy If', and a
transformed heat capacity at constant pressure Cy.,. These changes led lo the
publication of Recommendations for Nomenclature and Tables in Biochemical
Thermodynamics by an [UPAC-ITUBMB Committee (Alberty, Cornish-Bowden,
Gibson, Goldberg, Hammes, Jencks, Tipton, Veech, Westerhoff, and Webb, 1994),

This ntroductery chapler describes the (hermodynamics ol biochemcal
reactions in terms of cquilibrium constants and apparent equilibrium censtants
and avouds references to other thermodynamic properties, which are introduced
later.

B 1.2 ACID DISSOCIATION CONSTANTS AND
DISSOCIATION CONSTANTS OF COMPLEX IONS

Strictly speaking, equilibrium constant expressions for chemical reactions involv-
ing ions 10 aqueous solutions should be written in terms of activities g, of species,
rather than concentrations, The activity of species i is given by @; = y;¢;, where 7,
is the activity coefficient, which is a function of ionic strength. Activity cocfficicnts
of neutral molecules are close to unity in dilute agueous solutions, but the activity
cocfficients of ions may deviate significantly from unity, depending on their
electric charges and the ionic strength. The ionic strength of a solution 1s defined
by [ = {%_]E:fcl-. where z; is thc charge on ion [ and ¢, is its concentration on the
molar scale. When dilute aqueous solutions are studied, the ionic strength 1s under
the control of the investigator and is cssentially constant when the composition
changes during a rcaction. Thus it is convenient 1o take equilibrium constants and
other thermodynamic properties to be functions of the ionic strength so that
equilibrium constant expressions can be written in terms of concentrations. The
cxception to this statement 1s H,O. In dilute aqueous solutions the convention in
thermodynamics 1s 10 omil [H,0] in the expression for the equilibrium constan
beeause its activity remains essentially at unity.

In 1923 Pebye and Hcekel showed that the activity coeflicient 7; of an ion
decreases with increasing ionic strength, according to

logs — — Az2['7? (1.2-1)

where 4 = 0.510651 L~ 12 mol¥/? at 298.15 K in watcr at a pressure of | bar. This
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is referred to as a limiting law becausc it becomes more accurate as the ionic
strength approaches zero. At ionic strengths in the physiological range, 0.05 to
0.25 M, there are significant deviations from cquation 1.2-1. Of the several ways
to extend this equation empirically to provide approximale activily coelticients in
the physiological range, the most widely vsed equation is

Az[1"?
T 1+ 817

logy, = (1.2-2)
This is referred to as the exicnded Debye-TIickel equation. It is an approximation
that gives a good it of data at low 1oni¢ strengths (Goldberg and Tewari, 1991)
when B = 1.6 L'? mol "2, Better fits can be obtained with more complicaled
cquations with more parameters, but these parameters are not known for
solutions involved in studying biochemical reactions. The way that ther-
modynamic properues vary with the ionic strength is discussed in more detail in
Section 3.6.

Since hydrogen ions and metal ions, like Mg*', are often reactants, it is
convenient to define the pH, as —log[H™], where ¢ refers to concentrations,
and pMg as —log[Mg? ). However, a gluss electrode measures pH, =
—log{(H™)[H "3} where a refers to activity. Thus

pH, = logi=(I17)} + pll, {(1.2-3)

i

Substituting the extended Debye-Hekel equation m this equation yiclds (Alberty,
2001d)

AI*?

Mo pl = — 20
PP = P = T 6r1

{1.2-4)
The diflierences between the measured pH, and the pH_ used in biochemical
thermodynamics are given as a function of ionic strength and temperature in
Table 1.1.

These are the adjustments to be subtracted from pl, obtained with a ptl
meler 10 obtam pH,, which 1s used 1n the equations in this book. pH, 1s lower
than pH, becanse the ion atmosphere of 1™ reduces {is activity. In the rest of the
hook, the subscript “¢” on pH will be omitted so that pH = - log|H™ .

In considering reactions in biochemical systems it is convenient {0 move the
activity coeflicients into the equilibrium constants. For example. the equilibrium
constant expression for the dissociation of a weak acid can be writien as follows:

HA=H'+ A" f1.2-5)
X B alH ja(A7) N (HOIH AT AT )
K.(HA) = a(HAY “{HA)HA] (1.2-6)
. K (HA(MAY [H*'I[AT] 107°9[A7]
= = = ‘2"?
K AHA) HH YA [HA] [HA] ( )

The acid dissociation constunt K is independent ol ionic strength, but 1he acid
disseciation constant K, depends on the ionic strength, as indicated by equation
1.2-7. The equilibrium constant expression in cquation 1.2-7 will be used in the
rest of the book, but the subscript “¢” will be omitted. This will make it possible
for us to deal with concenirations of specics, rather than activitics.

The same considerations apply Lo the dissociations ol complex 1ons. For
example, the cquilibrium expression for the dissociation of a complex 1on with a
magnesinm ion can be written as lollows:

MgA' —= Mg?t + A™ (1.2-8)

(Mg J{AT] _ t072A"]
MeA™] 7 TMgA']

-
RMga\ -
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Fable 1.1 pH,-pH_ as a Functicn of lonic
Strength and Temperature

M 10°C 25°C 40°C
0 0 0 0

.05 0.082 0.084 0.086
0.1 0.105 0.107 0.110
015 0.119 0.122 0.125
0.2 (.130 0.133 0.137
0.25 {1138 0.142 0.146

Source: R. AL Atherty, . Phys. Chem. B 105, 7865 {2001).
Copyright 2001 American Chemical Society,

where pMg = —log[Mg? "] and K,,,, is a function of the ionic strength, as well
48 temperature.

Strictly speaking, equations 1.2-7 and 1.2-9 should have ¢” in the denomina-
ior, where ¢ = 1M is the standard concentration, to make the equilibrium
constant dimensionless (Mills et al., 1993). However, the ¢* is omitted in this book
m order 1o simplify expressions for equilibrium constants. Neverthefess, equilib-
rium constants are still considered to be dimensionless. so their logarithm can be
taken.

In using acid dissociation constants and the dissociation constants of complex
ons, it is convenicnt to take the basc 10 togarithms of equations 1.2-7 and 1.2-9
to obtain

_ LA~]
pH = pK, ., + log ([HA]) (1.2-10)
A ]
pMg = pMy,, + log (@:j (1.2-11)
where pKy, = —log Ky, and pKy,, = —log Ky, are functions of ionic strength

al constant temperature. Table 1.3 in the last scction of this chapter gives the pKs
of some weak acids of interest in biochemistry as a function of ionic strength.
WNote that the effect of ionic strength is larger for acids with larger charges. For
polyprotic acids pK, applies to the weakest acid group, pK, to the second
weakest, and so on, in the pH range considered (usually 5 to 9). The calculation of
Table 1.3 is based on the extended Debye-Hiickel equation.

B 1.3 BINDING OF HYDROGEN IONS AND MAGNESIUM
IONS BY ADENOSINE TRIPHOSPHATE

Acid dissociation constants and dissociation constants of complex ions determine
the concentrations of species that are present in a solution atl equihbrium under
specified conditions. lonic dissociation reactions occur rapidly and tend to remain
ai equilibrium during an enzyme-catalyzed reaction. Since ATP (see Fig. 1.1) is
the primary carrier of energy in biochemical systems and since a good deal is
known about its binding propertics, these propertics arce considered here in some
detail.

An ATP ion with four negative charges can bind five hydrogen ions in
strongly acidic solutions, but biochemistry is primarily concerncd with the neutral
region. We will consider only the hydrogen ion bindings that affect equilibrium in
this region, namely the terminal phosphate group with a pK about 7 and the
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Figure 1.1  Structure of adenosine triphosphate.

adenine group with pK aboul 4. The other three pKs are in the neighborhood of
2 or below and can be ignored in treating biochemical reactions. The anions of
ATP bind metal ions as well as hydrogen ions. The dissociation constants for the
complex ions that are formed can be determined by use of acid tilrations because
the binding of 4 metal ion reduces the apparent pK for the phosphate group
(Alberty, Smith, and Bock, 1957; Smith and Alberty, 1956; Silbey and Alberty,
2001). The apparent pK ol the phosphate group 1s the midpoint of the titration of
H,PQ; in the presence of magnesium ions at the desired concentration of free
metal lons, Because of the importance of ATP in encrgy metabolism, a great deal
of data on ihe aad dissocation constanls and the dissocation constants of
complex ions of ATP, ADP, AMP, and P, are available. Goldberg and Tewari
(1991) and Larson, Tewari, and Goldberg (1993} critically evaluated these data
including that on glucose 6-phosphate (G6P). The values for acid dissociation
constants and magnesium complex jon dissociation constants involved in the
ATP series are given in Table 1.2.

Since ATP is made up of three species in the physiological pH range in the
absence of metal 10ons that are bound, its concentration is given by

[ATP] = [ATP*~ ] 4 [HATP* "] + [H,ATP?"] {1.3-1)
Substituting the expressions for the two acid dissociation constants yields

_ATP- 'y, ey
[ATPJ = [ATP ] (1 + K ae + K],-\']'I’KZA'I'I’)

(1.3-2)

The mole fraction r of the ATP in the ATP*~ form at a specified concentration of
hyvdrogen ions is given by

1
FATP ™) = : - (1.3-3)
]+ [H'] 4 arye
KI.ATP R—I ATE KIZATP
The mole fractions of ATP in the other two forms are readily derived:

(]

- 3 K]ATP
HHATP® ) = i {1.3-4

LT T

- -
Kiare KiareKosre
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Tahle 1.2 Equilibrium Constants in ihe ATP Serics at 298.15K

Reaction PRI -0 K= Kir=025 M)
HAMP =H"* + AMP? 6.73 LRE2x 1077 6877 x 10 7
H,AMP = H™ + HAMP~ 399 1023 % 107% 1966 % (074
MgAMP — Mg?* + AMP2- 279 1622x107%  2212x 1077
HADP? —II' + ADP? Kiap 118 6.607x 1078 4689 x 1077
H,ADP =H' + HADP? Koopn 436 436510 % 1612x10 4
MzADP =Mg? + ADP? Kipn 465 2239x10 7 1128%10 ?
MgHADP = Mg2" + HADP? K, 250 3162x10 3 43(13x10 2
TATP3 - =H* =~ ATP*" K 760 2512%107%  3426% 1077
TLATP? =TI7 4+ 1TATP?- Kyarr 488 2089 x 107° 1483107
MgATP? — Mg®" + ATP* Ky 618 6607x1077  1229x107*
MgHATP = Mg*' + HATP' K,  3.63 2344x10 * 1181x10 ?
Mg ALP = Mg®! + MgATI® K, 209 204210 % 2785x1 2
H,PO, =H" + HPC}i" 7.22 6.026 x 1078 2225x 1§77
MgHPO, — Mg?* +HI’Oi" 271 L950% 1077 266x107°7
HG6P =H™ + G6P2 "~ 6.42 3.802x 1077 1404 x 1070
MgG6P = Mg** + G6P*~ 2.60 2512x107%  3462x 1072
Hadenosine' = H' + adenosine 3.50 3162x10 4 3162x10 ¢
ATP* 4 H,0 — ADP*™ + HPOZ 4 117 2946 x 107!

ADP? +H,0=AMP? +HPO;” + H- 6622x10 2

AMP2?~ + H,0 = adenosine + HPO; 1.894 x 10°

G6P?~ 4+ H,0 = glucose + HPOS 8.023 x 10

ATP*™ + glucose = ADP3™ 4+ G6P2~ + HY 3671x 1073

2ADPY” — ATP*™ { AMP? 2248 %10 '

Sonrce: RoA. Alberty and R N, Goldberg, Biochens, 31, 10612 (1992). Copyright [992 American
Chermical Sociely.

[HT]
KisweKoare (1.3-5)
H 1 H I 2 .- >
[, ] + [_" ]_Kz.A'rP
Kiate Kiame

#(H,ATP?7) =

1+

These mole fractions are plotted versus pH al 29815 K and [ = 0.25M mn Fig. 1.2.
Since it is possible to calculate the mole fractions of the various species of
ATP al a specified pH, the average binding of hydrogen ions Ny can be calculated

by use of
v - O[ATP* ] + I[HATP*"] + 2[TLATP? 7] (13-6)
e [ATP] -
K
| e —
ol N NS
5 '
0.4 S
Y SN
L'._ \|
02t.f .
'l T T 7 S !

Figure 1.2 Mole lmactions of three species of AT plotted versus pH al 29815 K and
I =025M (sce Probiem 1.1).

7
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The numbers of hydrogen ions bound that are caleulaled using this equation ate
hased on the arbitrary convention of not counting the additional 12 hydrogen
atoms in ATP. Thus, the average number Ny of hydrogen ions bound by ATP is
given by
[(H'] 4 AH']
N. = Kiarr_ KiareKoar
H [H+] [H-i—iﬁ

-+ s
Kiar  KiaeKoaw

{1.3-7)

At very high pH, the binding of H* approaches zero, and below pH 4 it
approaches 2.

In dealing with binding, it is convenient to use the concept of a hinding
polynomial (Wyman 1948, 1964, 1963, 1975; Ldsall and Wyman, 1938; Hermans
and Scheraga, 1961 Schellman, 1975, 1976: Wyman and Gill, 1990). The poly-
nomial in the denominator of equation 1.3-7 is referred to as the binding
polynomial P. It is actually & kind of partition function because it gives the
partition of a reactant between the various specics that make it vp. The binding
polynomial for the binding of hydrogen ions by ATP is given by

- +72
P:]-l—[H ]+ LA (1,3-8]

-
K 1ATP KlATP KZA'I'P

The average binding of hvdrogen ions is given by

-~ _[H'] dpP dlnp —1 dlnP

Ne = GI ]~ dlnfH] ~ infio) dpH

(1.3-9)

Equation 1.3-7 is readily obtained from equation 1.3-8 by use of equation 1.3-9.

Substituting the valuecs of the two acid dissociation constants of AT at
29815 K, I bar, and I = 025M from Table 1.2 into equation 1.3-7 or 1.3-9 yields
the plot of N versus pH that is shown in Fig. 1.3.

Figure 1.3 shows that the aad tiraton curve for a weak acid can be
calculated from its pKs, and this raises the question as to how the pKs can be
calculated from the titration curve. This can be done by first integrating equation
1.3-9 to obtain the natural logarithm of the binding potential %

{ Nﬁ d[H']—{dIn¥ =P + const. (1.3-10)
LH™] ’
or
—lo{l0) | NypH = {dInP = In P + const. (1.3-11}
Ny
175"
1.5
1.25
[ T
0.75
0.5
0.25
4 5 6 TS g o

Figure 1.3 Binding of hydrogen ions by ATP ar 298.15K and [I=023M (scc
Problem 1.2).
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The acid dissociation constants can be caleulated from In P by fitting the plot of
P versus [H™] with a power series in [117].

ATP also binds magnesium ions as shown by the three complex ion
dissociation constants in Table 1.2, Incorporating these species into equations
1.3-1 and 1.3-2 yields the following binding polynomial lor ATP:

H* H'7]? Mg?- Mg2*]H* Mgit]?
=1+--[——]+ [H'] +[_’g_]_+['g ]} ]Jr { g_r]
Kl AT K‘J A'I'PK IAIP K IATP K l.A'I'PF‘cIATP KSATPF‘_%ATP

(1.3-12)

P

Now the binding of hydrogen ions 1s given by the following partial derivatives of
the binding polynomial:

o :[H+]< P ) _ - (amP) Z[H+](ﬁln}’)
TP A e In(10) 3 2pH ETHTY e

(1.3-13)

The average binding of magnesium ions Ny 18 given by the following partial
derivatives of the binding polvnomial:

_ [Me2*)/7 P 1 {EInPY oo [ @lnP
N = —— —= = =[Mg~” T o
W= Tp ((‘;[M 2-]),,,, In( 10 (ang (M e 1),

il
(1.3-14)

These differentiabions yield

[H™] 4 TP Mg
- - B r
Nr _ K 1ATP K 1ATFP KZA'I‘P K 1ATP K4-.-\TP
R =

T DT M) Mgt aIRT [Me

- - -
k1 Al K 1 A'I'I’K AT K JATP K 1ATH K-H\'I'P K 3}'\'1'PK SATP

(1.3-15)
[Mg**) Mg JIH*] ~ 2[Mg* ]
K;MEZ _ ‘RSAIPz K!ATPF‘;G:-\TP KIBZ;:—TPK.S:;\TP s
CLOUT OUT Mg] Mg HT] | Mg
K 1ATE K 1ATP KEATP K.’JATP K LATPE K4ATP K-RATP K SATE
(1.3-16)

Figure 1.4 shows a plot of N, versus pH at several values of pMg. It is evident
that the apparent pK of ATP in the neighborhood of 7 is reduced to about 3 in

Ny
1LTSEY
1.5
125

0.75
0s . N,
025 S e e

3 g é 7 R g PH

Figure 1.4 Binding of hydrogen ions by ATP at 298.15K, f =0.25M. and pMg 2, 3, 4,
5, and G {see Problem 1.3).
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e T e T e
3 4 6

5 pME

Figure 1.5  Binding of magnesium ions by ATP at 298.15K. [ =025M, and pH 3. 4, 5,
6, 7. 8 and 9 (see Problem [.4).

a MgCl, solution with [ Mg?**] = 107% M at ionic strength 0.23 M. Experimental
plots of this type make it possible to caleulate K, pp and Ko e (Smith and
Alberty, 1956).

Figure 1.5 shows a plet of N’_ﬂg versus pMge at scveral valucs of pH. As the
hydrogen ion concentration Is increased, the binding of magnesium ions is
decreased because of the competition for the same sites,

Equations 1.3-15 und 1.3-16 can be used (o make three-dimensional plots of
Ny, and as functions of pH and pMg. These plots are given in Figs. 1.6 and 1.7.
The buck planc of Fig. 1.6 gives the hydrogen ion binding of ATP in the essential
abscnec of Mg (more accuratcly, pMg = 6), At pMg 2 the apparent sccond pK
of ATP is less than 5. Figure 1.7 shows that below pMg 5 there 18 essentially no
binding of magnesium 1on and that binding increases to a number a little greater
than 1 at pMg 2 and pH = 6 but is climinated by Turther reduction of the pH.
Figurcs 1.4 to 1.7 can also be obtained by plotting derivatives of the binding
potential (sce cquations 1.3-13 and 1.3-14), raiher than by use of equations 1.3-15
and 1.3-16 {see Problems 1.5 and 1.6).

A remarkable fact about Figs. 1.6 and 1.7 1s that at any given pH and pMeg,
in Fig. 1.6, the slope in ihe pMg direction is the same as the slope in pH direction
i Fig. 1.7 at that pH and pMg. This i1s because the mixed partial derivatives of

Figure 1.6 Plot of Ny versus pH and pMg for ATP at 298.15K and 7 =025M (sec
Problem 1.3}
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Figure 1.7 Plot of Ny, versus pH and pMg a1 29315 K and 7 = 0.25M {sec Problem 1.6).

a lunction like P are cqual.

" BNy ) (51"1\13) 1.3-]
! . (1.3-17)
(\(;ng T.P,pH PH S p ove

In thermodynamics, this is referred to as a Maxwell equation. This equation is
derived later in Section 4.8. Thus the effect of pMg on the binding of hydrogen
ions 15 the same as the effeet of pH on the hinding of magnesium ions; in short,
these arc reciprocal effects. The bindings of these two 1ons are referred to as linked
functions. Equation 1.3-17 can be confirmed by plotting these two derivatives, and
the samc plot is obtained in both cases. This would be a lot of work to do by
hand, but since Mathematica® can take partial derivatives. this can be done
reacdily with a computer. The two plots are identical and are given in Fig. 1.8.

B 1.4 APPARENT EQUILIBRIUM CONSTANTS OF
BIOCHEMICAL REACTIONS

In this section we consider the hydrolysis of adenosine triphosphate to adenosine
diphosphate and inorganic phosphate, first at a specified pH in the absence of
metal ions that are bound and then in the presence of magnesium 1ons. At

Figure 1.8 Plot of (@ﬁ’mg;‘ﬁpl—l_} or {(Ng/dpMg) versus pH and pMg at 298.15K and
I'=025M (sce Problem 1.6).

i1
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specified pH (and pMg) the biochemical reaction is written in terms of sums of
speCies:

ATP + H,O = ADP + P, (1.4-1)

Biochemical textbooks often add a H™ on the right-hand side, but this is
stoichiometrically incorrect when the pH is held constant, as we will see in the
next section. It is also wrong, in principle, as we will scc in Chapter 4, since
hydrogen atoms arc not balanced by biochemical reactions because the pH s held
censtant. The statement that the pH is constant mecans that in principle acid or
alkali is added o the reaction system as the reaction occurs to hold the pH
constant, In practice, a buffer is used to hold the pH nearly constant, and the pH
15 measured at equilibrium.

The expression for the apparent equilibrium constant K’ for reaction t.d4-1 is

_[ADP][P]
T [ATP]

LN

{1.4-2)

because the activity of water is taken as vnity in dilute agueous solutions at each
temperature. The apparent equilibriwm constant K is a function of T, £. pIl,
pMg, and ionic strength. In the neutral region in the absence of magnesium 1ons,
ATP, ADP, and P, cach consist of two specics, and s0

([ADP?> 71+ [HADP? " D([HPO; ] + [H,PO, |)

[ATP* | —|HATP* "]
_ [ADP?TJ[HPO; "] (1 + [H* J/K, appll + [H /K 3
[ATP*"] (1 + [H' VK, qp)
— lR’ref [I + [H-’]r'IJK].-\DP]{] + |.II+J-":IK1Pi) l] 4_-;}
[H'] (1 +[H')K are) o

where K¢ 1s the chemical equilibrium constant for the chemical reference reaction
ATP*” 4+ H,0 = ADP*™ + HPO, ™ + H' (1.4-4)
. [ADP* J[HPO; J[H"] -
Kref - [AATP4_] “4-3)

Since the acd dissociation constants are known, the value of K, can be
calcutated from the value of K' at a pH in the neutral region in the absence of
metal ions by using equation §.4-3. Values of K_; at zero ionic strength are given
in Table 1.2 for six reference reactions,

When magnesiom ions or other metal ions are bound reversibly and a wider
range of pH is considered, equation 1.4-3 becomes more complicated. Therefore
it is convenient to use the nomenclature of binding polynomials introduced in
equation 1.3-8. The binding polynomial of ATP is given in equation 1.3-12, and
the binding potentials for ADP and P, are as follows:

H' H*)? Mg?* Mg ][H" .
po oy WHU U Met) Mgy
K 1ADP KI,ADPKZADP K.}ADP KIADPK-‘I-ADP

[H7], [Mg*"]
Pp=l4t =425 2 (147
P Kll‘, KZP;

Thus the apparent equilibrivm constant for the hydrolysis of ATP as a function of
[H'Tand [Mg®*]is given by

_ PAI}I’I__J_I:!-

LH™ 11

Singe the chemical equilibrium constants in this equation are known at rzero 1onic

strength at 298.15 K and are given in Table 1.2, K' can be calculated at any pH

K

' ref

(1.4-8)



L.5 Production of Hydrogen Jons and Magnesium lons

Figure 1.9 Plot of the base {0 logarithm of the apparent equilibrium constant for the
hydrolysis of ATP to ADP and 1°; at 298.15 K and 0.23 M ionic strength (sce Problem 1.7).

in the range 3 to 9 and any pMg in the range 2 to 7 at a specified ionic strength.
The dependence of K' on pll and pMg is shown in Fig. 1.9; log K' is plotted
versus pll and pMg since K° vartes over many powers of ten in these ranges of
pH and pMg.

In Chapter 4 we will be interested in --RTn K', where the gus constant R
is 831451 1 K~! mol™, und so this quantity in k] mol™’ is plotted versus pH
and pMg in Fig. 1.10. The pH dependencies of the apparent equilibriumt constants
of biochemical reactions were discussed by Alberty and Cornish-Bowden in 1993,

m L5 PRODUCTION OF HYDROGEN IONS AND
MAGNESIUM IONS IN THE HYDROLYSIS OF
ADENOSINE TRIPHOSPHATE

The calculation of the binding of hydrogen ions Ny, for ATP discussed in Section
1.3 can be applied to ADP and P, so that the change in binding of H™ in the
hydrolysis of ATP can be calculated using

ANy = No(ADP) + Nu(P,) — N (ATP) — | (L5-1

where the — | 15 for the two protons in water minus the proton in HPO, , which
15 treated as the base species of inorganic phosphate in the reference reaction. The

=30
—RTIh K" -35

Figore 1.16 Plot of —RTInK' in kI mol ™! versus pIf at 298.15K and 025M ionic
strength (sec Problem 1.7).

13
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chunge in the binding of magnesium ions in the hydrolysis of ATP at specified ptl
Is given by

ANy = Nu{ADP) + N\ (P} — Ny (ATP) (1.5-2)

Since Ny, and N, can be calculated for these reaclants. A, N, and A Ny, can be
calculated us 4 function of pH and pMg. However, when a compuier is available
there is an easier way 1o do this by using equation 1.3-13 for the binding of
hydrogen ions and 1.3-14 for the binding of magnesium ions. For cxample,
equation 1.5-1 can be writicn

AN = __1__(6]11PADP) ] (EIILP,_I)
TRT (i) \ épH Jowe  I(10)\ dpH |

. .

Mg

1 /éinpP, S
n ekl 114 | {1.5-3)
In(10y 4 dpH oMy

where of course T und P ure also held constant. Note that this same result is
obtained by simply differentiating the expression for In K' (equation 1.4-8) with
respect to pll. Thus

{ ((3 InK'
AN, = — —— l.5-4
r''H n{10) \ dpH )ng ( )
The change in binding of Mg? ' ions can be calculaled using
I {élnkK"
A NG o A 1.5-5
(oMe In(10) (3DMg)pn 0

Since K' is a pretty complicated function of pH and pMg, it would be very
difficult to carry these calculations out by hand. However, with Marhematica the
calcuiations can be done quickly. Figure 1.11 shows the change in the binding of
hydrogen ions in the hydrolysts of ATP as a function of pH and pMg. At high
pH the change in binding is —1 mole of H' per mole of ATP hydrolyzed. as
expected from the reference reaction, which predominates at high pH. The
products bind fewer hydrogen lons, and so there is a net production of hydrogen
ions in the biochemical reaction. In the presence of magnesium ions there are
conditions where the change in binding is positive, which indicates that hydrogen
1ons are consumed in the hydrolysis of ATP under these conditions,

tigure 1.12 shows the change in binding of magnesium 1ons as a function of
pH and pMg. Magnesium ions are always produced in the hydrelysis because

Figure 1.11 Change in the binding of hydrogen ions in the hydrolysis of ATP a3 a
function of pH and pMg at 298.15K and 0.25 M ionic strength (see Problem 1.8).



Figure 112 Change in the binding of magnesium ions in the hydrolysis of ATP at
298.15K and 0.25 M jonic strength (see Problem 1.9).

they are more strongly bound by ATP than by ADP and P, The change in
binding approaches zero as the concentration of free magnesium ions approaches
zero, and it also approaches zero at high concentrations of magnesium ion and
high pH, where the principal reaction is Mg,ATP + H,O =MgADP +
MgHPO, + H™.

IFigures 1.1) and 1.12 are related n the same way as the binding curves for a
single reactant (see equation 1.3-13); that 13, the slope of the plol of A Ny in the
pMg direction is the same as the slope of the plot of A Ny, in the pli dircction.
This 15 a consequence of the reciprocity relation:

(’aA,NH) _ (@Ar!\'m) (1.5-6)
oPME J b pH Sy pome

K

This equation is derived later in Section 4.8,

The change in the value of the apparent equilibrium constant with pH and
pMzg and the production or consumption of hydrogen ions and magnesium ions
by the biochemical reaction are really two sides of the same coin. The effects of
pH and pMg on K’ are due to the fact that the biochemical reaction produces or
consumes these ions. This is an example of Le Chatelier’s principle, which states
that when an independent variable of a system at equilibrivm 1s changed, the
equilibrium shifts in the direction that tends to reduce the effect of the change. [f
the reaction preduces hydrogen ions, lowering the pH will cause K7 to decrease
because the system is doing what 1t can 10 reduce the eltect of the pH change.

B 1.6 pKs OF WEAK ACIDS

In this chapter we have seen that acid dissocialion constants are needed to
calculate the dependence of apparent equilibrium constants on pH. In Chapter 3
we will discuss the calculation of the cffects of jonic strength and temperature on
acid dissociation constants. The dutabase described later can be used Lo calculate
pKs of reactants at 298.15 K at desired ionic strengths. Because of the importance
of pKs of weak acids, Table 1.3 is provided here. More experimental measure-
ments of acid dissociation constants and dissociation constants of complex ions
with metal ions are needed because they are essenilal for the interpretation of
experimental cquilibrium consianis and heals of reactions. A major dalabase of
acid dissoclation constantls and dissociation constants of metal ion complexes is
provided by Martcll, Smith, and Motckaittis (2001).

1.6 pKs of Weak Acids

15



16 Intreduction to Apparent FEquilibnium Constants

Table 1.3 pKs of Weak Acids al 298.15 K in Dilute Aqueous Selutions as a
Function of Tonic Strength {See Prohlem 1.10)

I=0M I=010M I=02M
acetale 4.75 4.54 4.47
acetylphosphate K, 8.609 8.20 8.12
acetylphosphate K, a1l 4.90 4.83
adenine 4.20 4.20 4.20
ammonia 9.25 9.25 9.25
ATP K, 7.60 60.74 6.47
ATP K, 4.68 404 383
ADP K| 7.18 6.53 6.33
ADP K, 4.36 393 379
AMP K| 6.73 6.30 6.16
AMP K, 399 3.7 3N
adenosine 347 3.47 3.47
bisphosphoglycerate 756 730 6.83
citrate K, 6.39 575 5.54
atrate K, 4.76 4.33 4.19
isocitrate K| 6.40 376 5.55
socitrate K, 4.76 433 4.19
coenzyme A 8.38 g.16 8.10
HCO, K, 10.30 9.90 .76
H,CO; K, 6.37 6.15 6.08
cysteine 8.3% 8.16 8.09
dihydroxyacetone phosphate 5.70 5.27 5.13
fructose 6-phosphate K| 6.27 5.84 5.70
fructose-1,6-hiphosphate K| 6.63 379 5.52
fructose-1,6-biphosphate K, 6.05 541 520
{umarate K, 4.60 4.17 4.03
fumarate K, 309 2.8% 2.81
galactose 1-phosphate K, 6.15 372 5.58
glucose 6-phosphate K 6.42 599 5.85
glutathione, 8.34 7.91 777
glucose |-phosphate K| 6.50 6.07 393
glyeeraldehyde phosphate 5.70 5.27 5.3
glyeerol 3-phosphate 6.07 6.24 6.10
malate K, 5.26 4.83 4.69
oxalate K, 4.28 3.85 371
phosphoenoipyruvate 7.00) 6.36 6.15
2-phosphoglvcerate 7.04 7.00 6.79
3-phosphoglycerate 7.53 .89 6.68
phosphate K, 7.22 6,79 0.65
py¥rophosphate K, 9.46 2.6 8.33
pyrophosphate K, 6.72 6.08 587
pyrophosphate K, 2.26 1.83 1.69
ribose 1-phosphate K, 6.69 6.26 612
ribose 5-phosphate K| 6.69 6.26 6.12
succinale K| 5.64 5.21 5.07
succinate K 4.21 3.99 392
succinylcoA 4.21 4.00 393
thioredoxin, 4 K, 8.64 8.21 8.08
thioredoxin, ., K, 8.05 T.83 7.76




The equations and calculations described in this chapter are very vseful, but
so far we have not discussed thermodynamic properties other than equilibrium
constants. The other properties introduced in the next three chapters provide a
better understanding of the energetics and equilibria of reactions. We will consider
the basic structure ol thermodynamices in Chapter 2 and then to apply these idcas
to chemical reactions in Chapter 3 and biochemical reactions in Chapter 4.

1.6 pKs of Weak Acids
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