Introduction ]

_1 THE EQUILIBRIUM STATE

When substances are mixed and undergo a chemical change, we say
that a chemical reaction has occurred. Relatively few reactions procee;i
.1 such a way that _the rcfmtants are completely consumed and only g
unique product remains. Those rez_mtlons that proceed nearly to comple-
tion are useful because they prowde a basis for quantitative chemical
analysis, but even those reactions which are sufficiently complete to be
ased for analysis are not complete in any rigorous sense. The products
may react with each other, the opposition of the forward and reverse re-
actions resulting in equilibrium, with measurable amounts of the original
reactants present. Such a situation constitutes a source of error in quanti-
tative analysis which can be corrected for.

This book is concerned with equilibrium in reactions that occur be-
tween ions in aqueous solutions. There are several reasons for restricting
ourselves to this apparently narrow field. First, most of the substances
studied in inorganic and analytical chemistry exist as ions in solution.
Second, reactions between ions are often very rapid and can reach a
state of equilibrium almost as fast as the reactants can be mixed. Ionic
reactions at equilibrium have thus been extensively studied, and a large
body of experimental data is available. Third, simple but powerful
theoretical principles governing reactions at equilibrium are known. By
applying these principles, we can make quantitative theoretical predictions
about the results of chemical experiments, including the numerical esti-
mation of many quantities which would be extremely difficult to measure
directly, but which may be of importance for many applications of inor-
ganic and analytical chemistry.

When is a system at equilibrium? The investigator of an equilibri}xm
System is first faced with the problem of whether the system he is studying
I8 truly at equilibrium. There is a very simple test for true e(lllilibr“{m-'

he reaction is allowed to proceed in the forward direction until nothmg
more appears to happen, and the chemical composition of the system 13
d?tel‘mined. Then the same reaction is allowed to proceed in the _r.evel‘SG

rection unti nothing more appears to happen. If the composition of

1
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the svsfem is the same regardless of the direction from which 1t was ap-
yroached, then a true equilibrium exists. '

! It may happen that t]wo substances are mixed but fail ’ro reqct under
m'din:n‘\'- conditions. It may happen that a different composition is reached

from the forward and roverse directions. Such reactions do n(.)t PEEERL b
a true cquilibrium. Many reactions studied in ()rga‘n_i(: chemistry proceed
to one set of products under one condition and to a different set of products
under slightly different conditions. In most cases the products of such

reactions do not reach true equilibrium with the reactants. Rather, ’Fhe

reaction proceeds to one set of products because the rate of the react}on
forming these products is somewhat faster than the rate of thg reaction
forming some other products. There may be hundreds of possible paths
that the reaction could take if all the products could be detected, and this
makes life very complicated for the chemist studying such reactiong. Slow
reactions with many possible paths are characteristic of the chemistry of

covalent bonds. _ .

In contrast, it has been possible in many cases of reactions involving
ions in solution to reduce to simple mathematical statements the laws
governing the concentrations of all the various ions and molecules in an
cquilibrium mixture. This means that so long as we are sure that we are
dealing with a true equilibrium mixture, we can calculate theoretically
the concentrations of all the species present in solution.

Equilibrium as a balance of opposing reactions. Compared to the
mathematics involved in many branches of physics and chemistry, the
calculations here are not difficult. Although the large number of species
present in some solutions makes the equations look formidable, in actual
fact, only a little advanced algebra and some ingenuity are necessary.
It 1s to be hoped that these requirements are not beyond the reach of most
students of chemistry.

A simple and straightforward picture of a chemical equlibrium is that
of the balance of opposing reactions. In approaching equilibrium, the
reactants combine to give products, but the products themselves can com-
bine to give the original reactants. Eventually, a balance is reached at
equilibrium, where the rate at which the forward reaction proceeds is just
balanced by the rate at which the backward reaction proceeds. Equilibrium
1s a dynamic balance, and changes in the concentrations of substances or
the temperature of the solution will shift the position of equilibrium by
altering the relative rates of forward and reverse reactions.

Ior the sake of concreteness, let us consider a particularly well-studied
reaction, the dissociation of acetic acid into its ions, When acetic acid
(CH3;COO0M, abbreviated HAc) is dissolved in water, it releases a hydrogen

ion which combines with a nearby water molecule to give a hydrated
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hydrogen jon (H;O™1) * leaving an acetate ion (CIHL,COO0 ™ abbrovis
AcT). This dissociation does not oceur completely, 'hm‘nnsv’ «‘.}):;‘(.Vl-'.lml
time that molecules of acetie acid are breaking :Anp:n't, :u-vi:u‘tvv i(lﬁn:"m";
hvdrogen ions are recombining. At equilibrium these two prm-t‘-.\-ém (mclt';(
palance cach other, and the concentrations of acetic acid, m-(-.tnt‘(-“im?
and hyvdrogen ion arve independent of the time. Fquilibrium is l'(‘[)l'(/'Hr"llf('(i
by a double arrow in the equation for the reaction: |

Acetie acid + water = acetateion + hydrated
hydrogen ion
HAc 4+ H,O = Ac— + H;0+
H O H H O H+
7 / -
H—C—C + O = H—-C—-C + H—O
RN N AN S
H O—H H O H

The hydrogen ion is also written merely H*' when we do not desire to
emphasize the fact that it is hydrated (see Section 4-1).

The dissociation of acetic acid takes place extremely rapidly, being
essentially at equilibrium only a few microsecondst after a molecule of
acetic acid is introduced into the solution. Measuring the rate of approach
“to equilibrium is very difficult when a reaction occurs so rapidly, and even
though the equilibrium of acetic acid had been thoroughly studied before
1900, it was not until a few years ago that Eigen was able to measure the
rate of dissociation of acetic acid and the rate of association of acetate
and hydrogen ions. The application of an intense electric field to the solu-
tion causes the acetic acid to dissociate to a slightly greater extent than
at equilibrium, and the relazation of the system to equilibrium was meas-
ured by following on an oscilloscope the conductivity of the solution,
which depends on the extent to which the acid is dissociated (see Section
2-3).
Consider a hypothetical experiment, the results of which can be cal-
culated from the above measurements: 100 micromolesf of acetic acid
are mixed instantancously with one liter of pure water. The concentrg-
tions of reactant, acetic acid, and product, acetate ion, are plotted 1n

. . . . : T+
* Also called hydronium or oxonium 10N by analogy with ammonium ion N H.

 One microsecond is onc-millionth or 10—6 of a second. )

1 In this book the term mole is used to represent Avogadro’s number (6.0235 X
1023) of particles of any chemical species. That 1s, one gram-atom, one gram-
molecule, one gram-ion, and one gram-formulu-wcight are all referred to as one

mole. A micromole is 1076 mole.
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Fie. 1-1. Variation of the concentrations o_f undissocAiatec.l apetic acid ar_1<41
accetate ion with time when the initial C(_)n(f(:ntmtmn of gcctlg acid 1s 1.0(_) X 10
mole/liter, and the initial concentration of qcetate ion is zero. Note that
cquilibrium is reached 1n approximately one microsecond.

Fig. 1-1 as a function of time after the instantaneous mixing. The con-
centration of acetic acid decreases rapidly at first, and then more slowly,
until after several microseconds its concentration becomes constant at
66 micromoles/liter. At the same time the concentration of acetate ions
rises to its maximum value of 34 micromoles/liter. These final values
are the equilibrium concentrations present in 10™* molar acetic acid in
water, and they will not change unless some substance is added or the
temperature is changed.

Figure 1-2 shows the approach to equilibrium from the reverse direc-
tion. Here the hypothetical experiment requires that 100 micromoles of
sodium acetate and 100 micromoles of hydrochlorie acid be inst
mixed with one liter of water. (The sodium and chloride ions do not enter
ir}lto the reaction, but are there merely to keep the charges balanced in
the reacting substances.) The acetate jon ¢ ' -
initial vallfz: of 100 mi(:)r<)in}(l)(l(i(/‘(litt:*trL 1;):1 ic(;)ln(f(;r;t;aﬁmn cecreases from its
until it reaches a stable value at 34 ’mitclr)omyl * l'lbt’ flen more SIO\Yly,
the acetic acid concentration ineredcoes ’ CS{ ter. - At the same Flme

! L ioninereases to a maximum value of 66 micro-
moles/liter. Iquilibrium ig reached in several micros ;

centrations are the same as wor : oscconds, and the con-

1C same as were obtained fr et d v

Note that the tofy] o . om the forward 1

/ ( centration of qee

to the sum of acotie acid and acet

at 100 micromoles /1o

oceurs or the dire

direct result

antaneously

| caction.

. tate groups, which is equal
e ate 1on concentrations, remains constant
coffon fr:)( g‘“f:l_(‘:\‘i of ThL .(‘Xt()l.lt to which the reaction
£ e Bt m which equilibrium js approached. This is a
ob the fact that the acetate group (CH3CO0) remains i\nt;ct
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Fic. 1-2. Variation of the concentrations of undissociated acetic acid and
acetate ion with time when the initial concentrations of acetate ion and hydmc%n
ion are 1.00 X 107* mole/liter, and the initial concentration of undissocim?od
acetic acid is zero. Note that the same equilibrium values are reached 3:s in
Fig. 1-1, and that the time required to reach equilibrium is the same in both

cases.

throughout the reaction. Physicists would say that acetate groups are
“conserved,” in the same sense as mass, momentum, and energy are con-
served.

Simultaneous equilibria. The idea of equilibrium arising from two oppos-
ing reactions is a very fundamental one, but it is often incorrectly applied.
Rigorously, the idea can be applied only to reactions, such as the dis-
sociation of acetic acid, which take place in a single step without the
formation of any intermediate species. Many common reactions are quite
complicated when considered in detail and may involve several inter-
mediate species. To consider such reactions as reaching equilibrium from
the opposition of only two reactions is incorrect, and to understand fully
the quantitative effects of changing conditions on the equilibrium, all the
Intermediate species must be taken into account.

For example, when a solution of copper sulfate is mixed with con-
centrated ammonia, it changes to a deep blue-violet color. The overall
Ieaction is often given as

Cutt + 4NH; = Cu(NH)i ™,

found to have four

Since most of the copper in the blue-violet solution 1s . u
ailed measure-

molecules of ammonia attached to it. More careful and .dvt ot
il * 1 ‘ < (.(‘Il il >y
ments of this reaction, in solutions of varymng ammonia con

' . s B - and various
show that four other species are present which contain copper al ‘
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numbers of molecules of ammonia. The reaction can thus be represented

as the five steps,
Cutt o NIy = CuNHf
bt . . NTT oy
(‘lli\ll;;‘ y -+ :\]I‘; — (:ll(:\][;;)z
. : —— Tyt
(fu(NH;;)S'+ + NHy = Cu(NHzy)s
\ i JEEEN N\ y++
Cu(NH,) 7+ + NHy = Cu(NHy)q
T 9§ S % ++
Cll(3H3>I+ + 1\1{3 — (/‘U.(:.\ II;;){,
In salts such as Cu(NHjy) 4804 H0, the tetrammine copper lon
Cu(NHy)Ft is present in the crystal lattice, but in solution some of these
ions lose ammonia molecules, while others may gain one, and all the
possible species containing copper are present to some extent.

X-ray diffraction measurements on crystals of hydrated copper salts
such as CuS0, - 5H,0 show that in these, four water molecules are firmly
bound to the copper ion. In solution, however, spectroscopic studies have
indicated that two additional water molecules are bound to the copper
ion at a somewhat greater distance. The reaction of copper lon with
ammonia would thus be better represented as the replacement of water
molecules by ammonia:

Cu(H,0)§t + NH; = Cu(NH3)(H,0)F T + H,0
Cu(NHjy)(H,0)§ T 4+ NH;z = Cu(NHj)o(H0)5 T + H,0
Cu(NH;),(H:0){ T + NH; = Cu(NH;)3(H,0)5 + + Hp0
Cu(NHj)3(H,0)F T 4+ NHz = Cu(NH3)4(H,0)3 T 4 H,0
Cu(NHj)4(H,0)3 T + NH3 = Cu(NHy)5(H,0) T+ + H,0
A species with six ammonia molecules would be expected to exist, but it
has not. been detected in equilibrium studies. Even at the highest con-
centrations of ammonia that it is possible to obtain in aqueous solutions,

Cu(l\'H?,)(;hL 1s present in indetectably small concentrations.

Wz'Lter moleculgs attached to copper ions can lose hydrogen ions in
solution to form ions like CUOH™* and Cus(OH)F*, which also exist in
equilibrium with the copper ammine complexes:

Cu(H,0)f+ = Cu(H0)5(0H)*+ + H+

H,0  H,0
H,0 '
Y

/OH ‘ H,0
2C0u(H0)f+ = Cu \Cu/

/ ‘\o
H,0

+ 2H* + 2H,0

/
H40 H ‘\Hzo
H,0
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A complete picture ol the renction of copperion with ammao
involves knowledge of many different cquilibrin

[t must be emphasized that all the (reatments diseussed in (his bool

. ‘ _ . HEUNST S book

apply to solutions more dilute than about 0.1 mole /ier

R s / g

nia, therefore,

In concentrated

. ' ry important, and
the general laws which apply to dilute solutions break down

solutions, specthic mteractions between ions become ve

is limitadi over ' Ioven with
(his limitation, however, agreat many systems of practical importance
can be treated e detal; using the general concepts and methods discussed
in Inter chapters,

1-2 THE EQUILIBRIUM CONSTANT

n . " » .' '- » 4 1 L] A} . 3 . 1 y N y ;- " .

I'he basie principle on which the quantitative study of equilibrium
systems is based is the existenee of the equilibrium constant. Guldberg and
Waage in their statement of the “Law of Mass Action” (1865) realized that
cquilibrium was subjeet to quantitative laws. The correet formulation of
the laws governing cquilibrium was made by Van’t Hoff in 1877, and
generalized to various systems during the next thirty years by many work-
ers, the most notable being Van’t Hoff, Ostwald, Arrhenius, Nernst,
and Gibbs.

Let us consider again the dissociation of acetie acid. The cquilibrium

concentrations of undissociated acid, hydrogen ion, and acctate 1ons
measured under various conditions, including varying the concentration of

the acid in pure water, adding hydrochlorie acid, or adding sodium acetate,
are given in Table 1-1. The concentration cquilibrium: constant for the

dissociation of acetic acid is defined by the equation:

i UI+”ch1, (1)
Ko = " (1 Ac]

The concentration
lightly with the
perature of
atmosphere

‘ons in moles/liter.
to vary only s
depends on the tem
pressure of the

where brackets indicate concentrat
constant X', can be seen from Table 11
Values of the various concentrations; Ka
the solution (sce Section 2-4), but noton the
o any detectable extent.
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Tanne 1-1

4 . A(/ ] [(, A( [l)
13 1 \1 Q 2l 1 I lll]J ])Ilh\()(,il\ll() ‘} ()I‘ P l M 1

(All concentrations moles per liter)

——

Acetic acid in water:

Analyvtical

ration® [HAc] [AcT] [H] K.
concentration .
100X 10=5 29 X 10~¢ 7.1 X 107% 71 X 107% 1.74 X 10~
1.00 X 10— 6.6 X 10-5 3.4 X 10~® 3.4 X 107% 1.75 X 10-3
1.00 X 10-3 873X 10~%* 1.27 X 10~% 1.27 X 10~* 1.85 X 10-5
1.00 X 10~2  9.65X 10=3 4.5 X 107%* 4.5 X 10~* 210X 10-5
Acetic acid-sodium acetate mixtures (total concentration 1.00 X 1073):
[HAc] [AcT] [H+] K,
9.0 X 10—4 1.0 X 10—* 1.7 X 10~*  1.89 X 10-5
70X 107* 30X 107* 44X 10=° 1.89 X 10-5
50X 10=* 5.0 X 10~% 1.8 X 107% 1.80 X 105
40X 10~* 6.0 X 10~¢ 1.3 X 10™°  1.95 X 105

Acetic acid-hydrochloric acid miztures (total concentration 1.00 X 1073):

[HAc]

[AcT]

(H*] K,
9.0 X 107* 17X 10~* 1.0X 10~* 1.89 X 10-5
70X 107* 44X 1075 30X 10-* 1.9 X 105
50X 107* 18X 1075 50X 10-% 180 X 10—°
3.0 X 107* 80X 108 7.0 x 10-4% 1.86 X 10—5
10X 107* 20X 10~ 90 x 10-4 1.80 X 10—5

Note: Direct measuremen
feasible.,
metrically, and the concentrat;
known amounts of materi
perimental results of Har
but have been greatly sir

* The anal
dissolved in

ytical concentration is the total number of moles of a substance

a liter of solution. I 10—4 ] : .
centration Cya of acetic acid 15 1.00 X 10T4olar aertie acid, the analytical con-

sentrati . le/liter, wh th 1 con-
centration (HAe] is onl 0.67 —4 mo » Whereas the actual con
acetate and hydrogen ion};. See >]ﬁsigl.ol_l.mole/hter, the rest being present as
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Note that the total amount of solution does not e
lim_mm-vmlsl:mt expression. Only the ratio of t};(‘ nl)m(}’ y )
kind to the total number of solvent moleenyles th-:t!')frnfmmof
of the lons, is important in determining the e

nter into the Cqui-

agiven
concentration

cquilibrium ¢ it]
: ’ |
the solution. o

Irom the first group of data in Table I-1, K, can be s i
as the concentration of acetie acid inereagses. 'l’h'is r(‘su],t:( . f:) e
the clectrostatic interaction of the ions, as distinet fmr;l If);l,r.n(m]y from
interaction.  As l(}rlg as the total concentration of ions in tP: soliifion i
below about 107% mole/liter, K,, as given by Eq. (1) vzn(:i :%f)}lm()n >
about £5%. If a more accurate relation is required, or if m,oro oo(r?(-(-)yt (’mly
colutions are to be considered, the concentrations in Eq. (1/)Im1is“crl})rc;ltr(gl

placed by actwities, which contain corrections for the interionic forces:

Ht} {Ac™)
{(HAc} ' (2)

Ir chemiey)

Ko =1

where the braces distinguish activity from concentration. The activity
equilibrium constant KJ is obtained by extrapolating the concentration
equilibrium constant K, to zero concentration, and has the value K? =
(1.75 £ 0.02) X 107% at 25°C. The relation between activity and con-
centration is discussed briefly in Section 2—4 and in more detail in Chapter
12. For a first approximation, the activity is usually replaced by the con-
centration in moles per liter.

1-3 FORMS FOR THE EQUILIBRIUM CONSTANT EXPRESSION

A general statement of the equilibrium law may be made as follows.
For a reaction of the form

aA + bB = ¢C + dD

where A, B, C, and D are chemical species and a, b, ¢, and d are the numer-
ical coefficients required to balance the equation, the following relation

will be obeyed at equilibrium:
d
o _ 1C°{D}" i
(A} (B}’

where the braces indicate the activity of the species within the braces.
The activity is interpreted as follows:
Activity 18 approximately equal
(See Section 2—4 and Chapter 12:)
ity 1s equal to the mole fraction ©

Tons and molecules in dilute solulion.
to concentration in moles per liter.
The solvent in a dilute solution. Actlv

solvent and is approximately unity.
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Pure solids or Uquids in equilibroum with the solution. Activity is exactly

unity,

' ' j ' - : {tivity is partial pressure of
Gases in equilibriwm with the solition. Activity is partial p

the gas in atmospheres. ' . 1
Victures of Uquids. Activity of a given component 18 approximately

equal to its mole fraction.

The equilibrium constant K® depends only on the tempe.rgtu.re and not
on the pressure or the composition of the system. The e(.lulhbrlum law as
stated above may be considered to be experimentally derived for purposes
of calculations, ;fllthough it can be theoretically derived using chemical

thermodvnamics. We shall consider below some important examples of

the equilibrium law as applied to ionic solutions.

lon product of water. A very important equilibrium in aqueous solu-
tions is the dissociation of water to give hydrogen and hydroxyl 1ons:

H,0 + H,O0 = H;0" 4 OH™,
which is conventionally written
H,O = H* -+ OH™.
In terms of activities, the equilibrium constant relation is

0 _ {HY} {OH"}
{H:0}

K (2)

The activities of the ions are approximately equal to their concentrations,
and the activity of the solvent water is approximately unity. It is cus-
tomary to use an approximate equilibrium constant relation,

K, = [H*][OH"], 3)

where K, is called the fon-product of water.

In very concentrated solutions, or if some other solvent such as alcohol
1s introduced, the activity of water is no longer unity, and the exact
Eq. (2) must be used instead, with the activity of water set equal to its
mole fraction, a number less than unity. Thus the concentrations of

bydrogen and hydroxyl ions in an alcohol-water mixture will be less than
In pure water under the same conditions.

* For gas reactions at hich ivity i 1
. gh pressure, the activity is not preciselv equal to
the partial pressure, but nonideality corrections are usually snliall. v
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solubility product.  Another equilibrinm constant which j
| i ‘ . ! < .I l\‘
eally <imilar to the 1on product of water jo the <olubili .
wlt. If anionice salt 18 present in exeess in o

athemat-
B Y oproduct of 4
ST . Quilibrinm with ite o :
colution, the conecentrations of the ions will be governed '
k h \ &) ) ) 11 * ‘ )“'
um law. Lo example, consider the salt, silver chloride -

uarate
t}lf' f-(l”il”'_

AgCl(s) = Agt o+ (-

The (=) following the formula of a compound indicates th

: . o at it is resent as
q pure solid, and hence its activity is exactly unity ¥ -

. ’ Ihe equilibrium
(\xl)l‘(‘s.\‘l()ll 182
-0 7 Ny —
Ky = -l;\g+} C17}.
Replacing activities by concentrations, we have, approximately,

Ko = [AgT]IC17];

Ko s called the solubilily product constant for the salt. The concentrations
of the ions can be used for approximate calculations, but for accurate cal-
culations at concentrations greater than 107% mole/liter, activities must

be used.

lonization constant of a weak acid. In our discussion of acetic acid.
we have already given an example of a weak acid ionization. The reaction

HAc + H,0 = Ac™ + H3;0T

is conventionally written
HAc = Ac— + HT
and gives the equilibrium expression

o _ {HT}{AcT}
Ka = ")

In dilute solutions, the activities can be replaced by concentrations to
give
[H+][AC_] — KG[HAC].

The terms jonization constant and dissociation cO'lsm_"t are usu_all‘y )u\(ﬁ
interchangoably, but in some situations it becomes %1(\5'11-:11)10 to. (ilj.t(”:f’;llll? o
between jonization (formation of ions) and dissociation (separatlo
Parts),




1-3
12 Introduction A ek base such as ammon)g,
Se. e
weak ba

ium ion and g
a . an ammoniu
lonization constant of ¥, forming an

) Ath wate
n react to some extent wit
(§H ‘
- v < . - - ” |
pdrion NI, + H0 = NI*L,E' -+- OH
kg - | | |
' ion in dilute solution ig
1 g ; reaction in d
mstant expression for this r
T librium-constant
I'he equilibr

approximately

[NH{J[OH™] = K,[NHs],

: i ; ual to
o approximately eq
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e -Cn/trations, and the a(:tl\nty Of- waler 4 ion: constoml of Emmons
ther Cog(/e times K, is called the basic dissocta zé foom B30

nity. Sometimes £ 18 c ne NE . (See dection o—-3.
uithyaquoous ammonia written as NH,OH. (
W -

i i S. hen a:n a;c.d
S'epWise ionilaﬁon cons’on's °| pOIYPrO'lc flt::ld. \‘V : i N 1
can l()s I 6 - 2 t A . 3 IlS eXlk . p =
SOVCT&] III(I y )Cn(l( l’lt ) ) ) O | ‘
/ } » l’t 1 ts H I -IC t “(I. 0 tll X [Im(;ntal (lzlla_

H3;PO, = H,POy + HT [H+][H2PO4—] - Kal[H3PO4]
H,POy = HPO; + Ht [HH[HPOT] = K.2[H,PO7 ]
HPOT = PO; + H*+ [(HY)[POY] = K,3[HPOT]

The numerical index on the equilibrium constant, gives the ch
1on that is formed in the reaction,

replaced by concentrations.

arge on the
Here, as before, activities have been

Stepwise formation constq
protic acid equilibria are the
These are usually written in t
dissociation constants, I
chloride comple

nts for complexes, Similar to the poly-
cquilibria for the form
he reverse direction, as

or example, the f
XCs may be re

ation of complex ions,
formation rather than

ormation of the four cadmium
presented by the four equilibrig,

Cd*+ 4 - — CdC1+ [CdC1T] = K, [CdtH)Clm)
CdCIt + - — CdCl,

[CdCL] = KylcactHo
CdCly + CIm = cqqyp

[CdCleT] == K3[CdC12][Cl_]
CdCl; + Clm = CdCly [CdClT] = K4[CdCI—][Cl_]
The numerical ipge
chloride 10nS in the

complex formeq n
replaced

-
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the solution. Thus a cation-exchange resin can lose hydrogen ions to the

solution and gain metal ions from the solution, the equilibrium
17 Y (resin) -+ M (solution) = M F(resin) -+ H ' (solution)

being established. IFor a given type of resin, the ratio of the activity of g
given ion on the resin to the activity of the same ion in solution is a con-
stant, called the partition coeflicient (by analogy with solvent extraction).

With a cation-exchange resin, only positively charged species from the
solution will exchange with the resin, and with an anion-exchange resin,

only negatively charged species from the solution will exchange. Ion-

exchange experiments have therefore been used primarily to determine
whether the principal complexes in solution are positively or negatively

charged.
The ealculation of equilibrium constants from ion-exchange data involves

fitting the data to a theoretical curve calculated from the known partition
coeflicients. The partition coefficient of an ion depends primarily on its
charge, and only slightly on the nature of the ion. Thus ion-exchange

methods are suitable for studying the equilibrium between a series of
complexes such as bt PbhClt, PbCly, PbCly, and PbCly, where the
charges vary widely. However, ion exchange is unsuitable for studying
a series of complexes with an uncharged ligand, such as AgT, AgNHY,
and Ag(NH;) T, since the partition coefficients of all these ions will be
nearly the same, and almost no effect of ammonia concentration will be

observed.

2-2 POTENTIOMETRIC METHODS

The most widely applicable methods for determining equilibrium con-
stants depend upon the fact that the potential of a reversible electro-
chemical cell is directly related to the activity of the ions involved in the

cell reaction by the Nernst equation (Eq. 2, Section 1-5). For example,
the potential of the cell used by Harned and his associates to determine

the dissociation constants of weak acids (Iig. 2-5),

Pt | Hao(g) | HA, AT, H+, Cl~ | AgCl(s) | Ag,

depends on the activities of hydrogen and chloride ions in the electrolyte
solution. The overall cell reaction is

AgCl(s) + 4H,(g) = Ag + HT + CI7, E° = +40.222 volt,

and according to the Nernst equation, the potential of the cell is

F — 10.222 — 0.05915 log {H*} {CI7}.
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platinum black

Fig. 2-5. Cell used by Harned and coworkers to measure the dissociation
constant of a weak acid.

If the activity of chloride ion is held constant by using a fixed concentra-
tion of potassium chloride in the electrolyte, and the hydrogen ion results
from the dissociation of a weak acid, then changing the amounts of weak
acid and its salt present will vary (H*} according to the equilibrium

constant
(HT}{A7} = K.{HA\}

and hence vary the potential of the cell.

The potential of such a cell measures the activity of hydrogen ion in the
electrolyte resulting from the dissociation of the weak acid. T he concen-
trations of HA and A~ can be determined from the known amounts of
acid and salt put into the solution, and with suitable corrections, the
equilibrium constant can be determined. In this cell the hydrogen gas
electrode is reversible to hydrogen ions and acts as a “meter” measuring
the activity of hydrogen ion in the solution. It is called the endicator
electrode. Since the concentration of chloride ion is fixed, the potential of
the silver-silver chloride electrode does not vary, and it is called the
reference electrode. _

The general technique of measuring equilibrium constu‘mts' potentio-
metrically is to set up an electrochemical cell which has an indicator elec-
trode reversible to one of the ions to be studied, and a reference elefttrode
of fixed potential. Usually it is not possible to set up such a cell ynt}?out
a liquid junction, and so the principal uncertainty in most investigations
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tion potential between the reference electrod,.

arises from the liquid-june
and the solution being «udied. The cell of Tig. 2 5 ig important becayge

it does not have a liquid junction.

One of the handiest and most widely used indicator
clectrodes is the glass clectrode, which is reversible to hydrogen ions,
Although the hydrogen gas clectrode is the. primary standard for the
clectrode potential scale, it is easily upset by the presence of oxidizing
agents or heavy metal ions in the solution. Because the potential of a glass
arises by the transfer of hydrogen 1ons through a thin glass
an oxidation process, the glass electrode is insensitive
ents, ete., and can be used to measure hydrogen
vy any system. The glass electrode forms the
' which have found wide application.
2-6, the two electrode systems

The glass electrode.

electrode
membrane and not by
to metal ions, oxidizing ag
ion concentrations in nearl
basis of the commercial “pH meters,’
The entire cell 1s set up as shown in Iig.

being enclosed in separate tubes:

salt
bridge

unknown
solution

glass He.

membrane

KCl ' Hg2Clz(s)

KCl, HAc

Ag ' AgCl(s)

calomel (Hg-HgsCly) half-cell is fixed by the concen-
tration of KCl in the right-hand electrode; the potential of the silver
chloride electrode is fixed by the concentration of KCI in the left-hand
electrode; and the hydrogen ion concentration inside the glass membrane
(to its left) is fixed by the concentration of acetic acid. The only variable
left is the hydrogen ion concentration in the unknown solution. The
potential of this cell has been found experimentally to vary over a wide

The potential of the

Paste of
Hg.Cl, + Hg

Ag coated
with AgCl

KCIl-HAc solution{~ ~—_[1. —] - KCl solution

Glass membrane —|

- Capillar
Unknown solution - opgningg

Fig. 2-6. Apparatus for measuring pH with a glass electrode.
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| ?ther e!ectr?des. If it is desired to mv.estigate equilibria involving met:

.ons, the indicator electrode can sometimes be made of tl K metal
For example, the solubility products of silver S(J,];S tcaon ;‘)“’ m‘(‘t?ll el
using a silver wire as an indicator electrode in a S()]llfi()fl ::(u:“'r(td by
known concentration of the anion, and saturated with the silv \mwdlmm,% a
reference electrode is connected to the solution by a salt b;*i.d J‘(‘(/r ;(; -
with Example 5, Section 1-5, where the solubility product of iil.vor ((;rﬁiage
is determined 1n a cell using a silver and a silver chloride ele‘ctroldo/) -

Anions can be detected by means of a solution saturated ;i'ith a metal
salt of the anion and an electrode of the metal. A silver chloride electrode
can thus be used to measure the activity of chloride ion in the cell shown
in Fig. 2-5. Hydroxyl 1ons can be detected with a glass electrode, since
the product of hydrogen and hydroxyl lon qctivities is fixed by the self-
dissociation equilibrium of water.

The several equilibrium constants involv
protic acids or the formation of complex 1ons can be measured by poten-
tiometric methods. By titrating one reacting species with the other in the
presence of an indicator electrode reversible to one of the species, it 18
possible to obtain the concentration of that species under a number of
conditions. A plot of the experimental data is then fitted by @ theoretical
curve, the best fit determining the values of the various equilibrium

constants. (See Section 9-3.)

od in the dissociation of poly-

2-3 CONDUCTIVITY METHODS

The ease with which an ionic s
the concentration of lons presch
upon the nature of the lons. If one of the spe¢
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1865 to 1910, INohlrausch, Ostwald, and Arrhenius used thig

I'rom
of water, the dissociation con-

techmique to determine the ion-product
«tants of weak acids and bases, and the solubility products of salts. Many
of these measurements were surprisingly acceurate, and have been verified
by modern studies using much more sophisticated techniques.

Equivalent conductance. An important parameter in discussing the
solutions is the equivalent conductance, A, defined as follows:

conductivity of
1 1 em apart, the specific

In a cell where the electrodes are 1 em square anc
. . . __I .
conductance k (reciprocal of the resistance, units ohm™") of a salt solu-

tion of concentration C moles/liter is given approximately by the relation

o = 220
1000
where 2 is the total number of positive charges on the ions from one formula
unit of the salt. The concentration of the solution is 2C equivalents/liter.
The proportionality factor A 1s called the equivalent conductance of the
solution, and has units em2-.ohm ™ Lequivalent—'.  The factor of 1000
appears in the equation to convert from liters to cubic centimeters.

In the period from 1869 to 1880 Kohlrausch and his coworkers measured
very carefully the conductances of a large variety of solutions, and dis-
covered that they fell naturally into two classes. The first type, strong
electrolytes, had an equivalent conductance that varied only slightly with

160 -
140 |

> O0—O0—0 5
1201 KCI (strong)

100

60

40
HAc (weak)

20

0 1 2 3 4 5 6
C, millimoles/liter

Fia. 2-7. Equiva_lent conductance as a function of concentration for a weak
electrolytp (acetic acid) and a strong electrolyte (potassium chloride). Circles
are experimental points. (Data from Nernst, Theoretical Chemistry. New York:

Macmillan, 1923.)
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the (‘011('(‘1\“’1\“”“‘ of the solution. Salts such as sod;

pitrale, and S()(hu.m acetate; acids such !N(}; N])f o "_}ll(iri(](,’ potassinm
DASCS such as sodium and potassium hv(h"m(i-\(’]"u‘)vhlnrur and nitric;
ctrong clectrolytes. The other type, weak (-l;w-t(l EL“ y
ctance that varied markedly with tlu"(‘()’n](‘-(()-y“\

o and
Into the clasy of

condll nt St" had an equivalent,
S -dr S acl : itration o ' g :
Acetic and hydrofluorie acids were typical weak electrolyt f t:,/ solution,
. \ . *NQ N )P - & - UL (‘S. k1 .
exporinc ntal results are shown in Fig. 2-7. Note that for K('(fm(‘ of the
(\100»“.01_\19, the equivalent conductance is almost independent % f:} strong
ndent ot the con-

centration of the solution. The curve through the data is the extrapolati
' apolation

curve

A= Ao — AC = 130.2 — 79v/C,

where C is the C(.)ncentration in moles/liter, A is an empirical constant

and Ao.: 1.30..2 is the extrapolated value of the equivalent COIl(ill(ft‘;lll(‘(;

at infinite dilution. o
On the ojcher hand, the equivalent conductance of the weak electrolyte

id is very small at high concentrations and very large at low con-

acetic ac

centrations. This effect results from the dissociation of molecular acetic
acid into acetate ions and hydrogen ions being governed by a chemical
equilibrium.

Kohlrausch’s law of independent migration. For strong electrolytes,
e Ao of the equivalent conductance at infinite dilution
he KCI curve in Fig. 2-7) can be considered
contributions of the two ions. This is Kohl-
f ions. Kohlrausch showed that Ag
approximated by combining
For sodium nitrate, the

the extrapolated valu
(intercept at A = 130.2 of t
to be the sum of independent
rausch’s law of tndependent migration 0O
for one strong electrolyte could be very closely

the values for three other strong electrolytes.
measured value of Ag is 105.33, and the calculated value is

NaCl + KNO3 —
Ao = 108.99 + 126.50 — 130.10

KCl = NaXNOs
105.39
independently.

I

assuming that the salts consist of ions that migrate

Ostwald’s dilution law. Ostwald used this law to estirpate the equi'va-
finite dilution. Qodium acetate 15 &

lent conductance of acetic acid at in . o - dilution ean
strong electrolyte, and its equivalent conductance at infinite dilu 1311 itt h
nnea w

easily be found, by extrapolation, 1o be 87.4'. If this is coml
values for hydrochloric acid and sodium chloride,
NaAc + HCL — NaCl = HAc
Ao = 874 1 8794 — 109.0 = 357.8

ained for acetic acid. The ratio of the

a value of A, = 357.8 can be obt
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nductance of acetie qeid ot a measured concentration to this estimated
COL [ (W < : { ‘

s 3 1 akoe \ v \(rrove -
value when itoas completely dissociated 1s tnken to be the degree of dig
<octation of the acid: B

(Ae7] A

= Ao
Iinowing the concentration of acid ¢ and the measured (‘q-unal( nt con-
ductance A, one casily obtains the concentration of acetate 10ns:

[;\C—] = 'A" °

A\ 0

If onlv pure acetice acid and water are present n the solution, one hydrogen
ion is formed for each acetate 1on:

[H1] = [AcT] = aC'.
The concentration of undissociated acid is obtained by difference:
[HAc] = C — [AcT] = (1 — a)C.

The values obtained experimentally were found to obey the equilibrium
relation:

- 2
. [HYAcT] _ _eC _ A%C _ 178 % 10-5
Ko = [HAc] 1 —a  Ao(do — ) '

This is Ostwald’s dilution law. The solid curve for acetic acid in Fig. 2-7

was calculated by means of this equation.

Solubility from conductance measurements. Similarly, for pure water,
the concentrations of hydrogen ions and hydroxyl ions must be equal.
By measuring the specific conductance (0.043 X 10~ % ohm™Y.em™1) of
the purest water obtainable, Kohlrausch obtained the ion product of

water: K,, = 1.17 X 107'* at 25°C.
A saturated solution of pure barium sulfate in this ultrapure water had a

specific conductance 2.785 X 107% ohm™'.em™'. Subtracting the con-
ductance of the pure water, and making use of the equivalent conductances
of other barium and sulfate salts to estimate the equivalent conductance
of barium sulfate at infinite dilution, Kohlrausch was able to calculate the
concentration of barium and sulfate ions in the saturated solution to be

0.957 X 107° mole/liter.
The solubility product of barium sulfate was thus
K, = [Ba™1][SO7] = 0.917 x 1077,

ghiChl is in agreement with measurements based on solubility measured
rectly.
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lon-pair formation. Conductivity measurements can be used to stindy

(he formation of 1on pairs in concentrated solntions,

| ’ . Flectrostatio inter-
ween 1ons of opposite sign canse them to group togetl

actions bet .
lowly under the influence of the clectrie fiold

1er and
to move "\”r." 3 ) . H"{ '1-‘i1l‘,{
more ~‘“Phi"“('m“d 1}1(-()1‘1(-5 . ('Oll(]!lt.'m.m-(g in which the visegng drag of
{he water molecules 1s Zl(f.('(}llll'((’(l 'fur, it is possible to measure the cquilit-
um constant for ion-pair formation,

9-4 NONIDEALITY, TEMPERATURE, AND SOLVENT EFFECTS

According to the solubility-product law, the solubility of a salt should
be unaffected by the addition of a salt having no ions in common with it.
This is not in fact the case. Figure 2-8 shows the solubility of silver indate
in solutions containing added potassium iodate and potassium nitrate.
As s predi(-ted by the solubility-product law, the solubility of the salt in
potassium iodate solutions decreases to a great extent as the concentration
of potassium iodate is increased. However, the solubility of silver iodate
in solutions of potassium nitrate is scen to increase, not remain constant,
as the concentration of potassium nitrate is increased. This increase is a
result of the interionic forces resulting from the addition of extraneous
jons to the solution, even though no chemical reaction occurs between the
ions of potassium nitrate and those of silver iodate.

I
0.20
i

1

0.15 5

KXNOj; solution

T

0.16

0.14

T

0.12

0.10 ¢

0.08

0.06

Solubility of AglOy, millimoles/liter

0.04

0.02 KI0Oj3 solution

; |

t + -

()lllll 77‘
0o 2 4 6 8 10 12 14 16

Concentration of salt, millimoles/liter

Fie. 2.8, Effe
exXperime
Potassiyr
lodate, |

ct of added salt on the solubility of AglOs. The circles are
ntf‘l points obtained in potassium nitrate solutions. The curve for
n iodate solutions was calculated from the solubility product of silver
Data from Kolthoff and Lingane, J. Phys. Chem. 42, 133 (1938).]
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with these observations, the soly-

Activity coefficients. In accordance
bility-product Iaw can be written
Koo — (AT 105 = (A1 ITOFT747, a

g set equal to its concentration times

ity dlver ion 1
o activity of the stlver 1 . : : .
o . iodate 10n 1s written as

where - |

~ . ; 2 ) (? 4 1(3
an activity cocflicient Yy, and the activity ()f t Y o
the product of 1ts concentration and an activity coe _lu 'nt 1_}. yf:ry
dilute solutions, the activity approaches the concentration, and the activity

.. .
coeflicients become unity. ' . .
Experimentally, we can determine only the product {+7_ since we
cannot isolate individual lons, but must always deal with el(:(ftrl(:ally
neutral solutions. Therefore, the activity coeflicients of salt solutions are

given as the geometric mean

Vo= N V4V

This mean activity coefficient is found to depend on the total 1onic strength

I of the solution, defined to be
=14 Cef; (2)

that is, the concentration C; of each ion (¢) is multiplied by the square of
its charge z;, all the terms for the various ions in solution are added to-
gether, and half the resultant is the ionic strength. Ior a simple salt like

KNOg, the ionic strength is equal to its concentration:
= 3(K*]-1? + [NOz] - [—1]?),

1
I =[K*] = [NOz] = C.

I

F or the mixture of potassium nitrate and silver iodate, the ionic strength
1s the sum of the concentrations of the two salts: |

= 3((K*] 4 [NO3] + [Ag*] + [107)),

CKNO3 =+ OAgIO3-

I

I
I

'Izui, b?/ adfling vari(.)us. amounts of potassium nitrate to saturated silver
1odate solutions, the ionic strength of the solution is varied at will.

* m . .
conc% r}lltSr :i’ mbO_I Jis sometlme§ used to distinguish activity coefficients based on
molality (rlr?(;lle;npcmolj‘els v lltfe * Irom activity coefficients based on weight-
. °r Kilogram of water) which are i . ,
Hivery concentrated solutions, these are nearly eQUg;Yen the symbol 7. Except
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Fig. 2-9. Extrapolation of solubility to zcro ionic strength. The circles are
the same experimental points that were plotted in Fig. 2-8.

Activity coefficients from solubility. The activity coeflicient ¥4 can be
calculated as follows: The measured solubilities are extrapolated (171g. 2-9)

to zero ionic strength, where v = 1, giving a value of
Sy = 1.733 X 10— % mole/liter

strength. The thermodynamic (activity)

for the solubility at zero ionic
y to be

solubility product is calculated from this solubilit

K% = 8§ = 3.00 X 10— 8 mole?/liter?.

: 0.0(il—
0.05
1.00 )
=~ 0.04—
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l ‘ 1 J l g ' 0.12
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tivity coeflicient
nt values (circle

. Fic. 2-10. (a) Variation of ac
nitrate solutions. The circles are the same experime
in Fig. 2-8. (b) Fit of experimental activity-cocefficic
Debye-Hiickel limiting law: —log Y+ = 3V
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Then the mean activity coeflicient is caleulated at each concentration
from the measured solubility S by means of relation (1):

K, K3
2 == 'Y 'Y___ = —_——— il == s " 3
TET T Agtl107] s )

These activity coeflicients are plotted in Fig. 2-10 as a function of the
ionie strength. The measured values of v are fitted quite closely by the
equation

logio 7y = —3V1, (4)

which is the line drawn through the data in Fig. 2-10(b). This form ig
theoretically predicted by the Debye-Hiickel theory (Section 12-2) with g
coefficient of 0.509 at 25°C, instead of exactly one-half.

Measurement of standard potential by extrapolation. In the same way
that the solubility of a salt can be extrapolated to zero ionic strength to
get the activity equilibrium constant, the potential of a cell can be extrap-
olated to infinite dilution to obtain the standard potential. Consider the
cell shown in Fig. 2-5, when the electrolyte is pure hydrochloric acid:

Pt | Hy(g, 1 atm) | HCI | AgCl | Ag.
For this cell, the Nernst equation has the form
E = E° — 0.05915 log {H" {CI7}.
Since in pure hydrochloric acid,
[(H*] = [CI7] = Cyey,
we may rewrite this equation as follows:

E 4 0.1183 log Cyey = E° — 0.1183 log v,. (5)

The left-hand side of Eq. (5) contains only measurable quantities; C'yc 1S
known from the amount of H(] put in the solution; £ is the measured
potential of the cell at this concentration.

If the electrolyte behaved ideally, the right-hand side of the equation
should be a constant, equal to the standard potential. In fact, as can be
seen from Fig. 2-11, the quantity on the left-hand side of Eq. (5) varies
slightly with the concentration of HCI. Extrapolation to infinite dilution
(zero concentration), as we did for the solubility product in Fig. 2-9, gives
the standard potential E°, since by definition, Y, = 1 at infinite dilution.
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Flg. 2-11. Extrapolatiqn of cell potential to infinite dilution in order to
obtain the standard potential of the silver-silver chloride electrode. [Data from
Harned and Ehlers, J. Am. Chem. Soc. 54, 1350 (1932)].

The value obtained,
E° = -0.2224 volt,

is the standard electrode potential of the silver-silver chloride electrode as

well as the standard potential of this cell.

fficients. This same cell can
E° has been determined.
in a solution

Potentiometric measurement of activity coe
be used to determine values of 74 for HCI, once
Using the known value of E° and the measured value of £
of a given concentration Crcl, one can calculate the activity coefficient
from (5):

E°—E

log V4 = —0-—1—18'3—— — log Cuci-

cen made of the activity

d in mixtures of water with other solvents,

in order to test the various theories of electrolyte behavio‘r.. Figure 2-12
is a plot of the values obtained for the mean activity coefhu‘ent (zf hydro-
chloric acid in water at 25°C by Harned and Ehlers 1n 1933. Note thgt
the limiting law of Debye and Hiickel (Eq. 4) 1s appr(?xlmately true 10
dilute solutions, but that in more Conccntrated solutions the activity
coefficient increases and actually exceeds unity in very concentrated solu-

Extremely accurate measurements have b

coefficient of HCI in water an
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t obeved. (Data from Harned and Owen, Physical

Fig. 2-12. Activity coceflic
New York: Reinhold, 1958, p. 716.)

Note that the limiting law 1S no
Chemastry of Electrolyte Solutions.

1.0
0.8
0.6

Yy
04+

02
—o—
|

0 | 1 I
0 0.05 0.10 0.15 0.20
C, moles/1000 gm water

Fie. 2-13. Aectivity coeflicient of zinc sulfate. Note that the values are
much smaller than for hydrochloric acid. (Data from Harned and Owen, op. cit.,

p. 564.)

tions. Theoretical relations taking into account the sizes of the ions are
able to predict this dependence on concentration (see Section 12-2).

For polyvalent ions, the activity coefficients are smaller as well as more
strongly dependent on concentration, most likely due to ion-pair formation
.(see Section 12-1). The measured mean activity coefficient of zinc sulfate
1s shown in Fig. 2-13.

Te.mperafure dependence of equilibrium constant.  Although most
§t1}d{es of ionic solutions have been made near room temperature (25°C)
it is 1.n"ceresting to note the effect of temperature on these equilibria Th(;
.solublh.ty products of most salts increase steadily with temperature . This
1s consistent with the observation that the dissociation of most c;'ystals
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qu 9_14. Temperature dependence of the solubility product of silver
chloride. [Data from Owen and Brinkley, J. Am. Chem. Soc. 60, 2229 ‘22‘313
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Fic. 2-15. Temperature dependence of the ion product of water. (Data
from Harned and Owen, op. cit., p- 638.)

into hydrated ions requires considerable energy, and thus the solution
process is endothermic (requires heat). The temperature dependence of
the solubility product of silver chloride is shown in Fig. 2-14. A plot
of —log Ko as a function of temperature 1s almost linear and very easily

interpolated.

The temperature dependenc
larly (Fig. 2-15), since the dissociation of water to its ions also 18
thermic process.

The temperature dependence of the ionization constants of weak acids

is not so simple, since many of them g0 through a transition from exo-
This is reflected 1n a

thermic to endothermic near room temperature.

e of the ion product of water behaves simi-
an endo-
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Fia. 2-16. Temperature dependence of the ionization constant of acetic
acid. (Data from Harned and Owen, op. cit., p. 755.)

maximum in the temperature dependence of K,. Figure 2-16 is a plot of
K, for acetic acid as a function of temperature. Note that the maximum
occurs very close to 25°C.

It is possible to predict the temperature dependence of an equilibrium
constant if sufficient thermodynamic data are availlable, but in practical
cases, graphical extrapolation and interpolation of K in the region around
25°C can be done accurately enough for most purposes from only a few
experimental points, or by analogy with similar compounds.

Nonaqueous solutions. The addition of other solvents, such as alcohol,
to water may affect the equilibria in a solution in two ways. First, the
activity of water itself will be reduced by the presence of the foreign sol-
vent, and second, the activity coeflicients of the various ions will be changed
because the diclectric constant of the medium in which they move will
have changed. Such solutions may be of practical interest, since the solu-
bility of many salts is much less in mixed aqueous-alcohol solutions than
1t is in pure water. Such solutions are also of theoretical interest since they
provide a controlled way of varying the dielectric constant of the solvent
in order to test the theories of ionic Interaction.

Reactions in completely nonaqueous solutions are becoming more and
more important in analytical methods, since titrations of very weak acids
and bases, which are impossible to carry out in water because its dissocia-
tion produces too great a concentration of hydrogen or hydroxyl ion, be-
come very simple in organic solvents such as ethylene glycol, methyl
1sobutyl ketone, or ethanol, which dissociate hardly at all. Equilibria in
nonaqueous solutions will be considered briefly in Section 124, when we
discuss Hammett’s acidity function, but generally speaking, nonaqueous
solutions are outside the scope of this book. :
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