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2 Activity Coefficients in Electrolyte Solutions

I. INTRODUCTION

The purposes of this chapter are to review earlier works on ion pairs with emphasis
on the effect of ion pairs upon activity coefficients, and to discuss in detail an ion
association model we have recently developed.' This model is the first one to take into
full account the association of chloride ions with alkali and alkaline earth metal ions,
and it has proven useful in calculating activity coefficients in electrolyte mixtures. We
will further expand the model in this chapter to include ion pairs of sulphate ions with
the alkali and alkaline earth metal ions.

We should define what we mean by ion pairs at this point. We shall use the term
ion pairs to describe entities formed in solution when cations and anions coalesce tem-
porarily as the result of their mutual electrostatic attraction. The ions in such pairs
may retain all, or only part of their water of hydration.

Our definition in theory excludes true complexes that result from covalent bonding,
and pertains, therefore, primarily to what are known as strong electrolytes. In practice,
however, ion pairs are defined operationally when we measure association constants.
This means that we include all associated entities between pairs of ions, whether they
are bonded covalently or electrostatically, in the measured concentration of a given
ion pair (when the technique used does not distinguish between electrostatic and cova-
lent bonding).?

Ion pairs are flickering entities in that two given ions may be free at one moment,
may be associated for a brief period, and then become free again. Still, at any instant
a given fraction of the ions in a solution are paired and the time-averaged concentra-
tion of pairs will remain constant as long as the temperature, pressure, and stoichio-
metric composition of the solution are invariant. One may, therefore, use the methods
of equilibrium thermodynamics to study ion association.?

The existence of ion pairs in solutions of strong electrolytes has been verified di-
rectly, for example, by means of Raman spectroscopy* and sound attenuation,’ and
indirectly as a result of their effect upon activity coefficients,® the electrical conduct-
ance,’ theoretical calculations,® and the solubility of minerals in electrolyte solutions.®

The relationship between ion pairs and activity coefficients is easy to establish and
will be derived formally later on. The activity of an electrolyte C.A, that forms ion
pairs can be exoressed in two equivalent ways

= ¢ a _ c a
acp = (7C,TmC,T) (7A,TmA,T) = (7C,FmC,F) (7A,F mA,F) 1)

where y is the molal activity coefficient and m is the molality, although other concen-
tration units could have been used as well.*® The subscripts F and T refer to the free
concentration and to the total or stoichiometric concentration of each species, respec-
tively. The free concentration is defined to be the total concentration of a species less
the number of moles of that species tied up in ion pairs. These concepts are illustrated
below.

Consider a solution of a strong 1-1 electrolyte, such as NaCl or KCI, which is present
at a total concentration of 1.0 m, and which has a total mean activity coefficient of
0.60. The activity of the electrolyte is

a=(06x1.0)* = 0.36 )

If the concentration of ion pairs is 0.10 m, then the mean free activity coefficient of
the electrolyte is
a °° 0.36 °°F

Yo = (- ) = ( ) =067 &)
(mp)? 0.92




We see, therefore, that ion pairs reduce the total activity coefficient of an electrolyte
relative to the free value. Anomalously low activity coefficients in single electrolyte
solutions have been frequently interpreted as indicating the formation of ion pairs.!!
The application of ion association models to multicomponent solutions — especially
concentrated ones — has been more restricted than in the case of simpler solutions,
because of difficulties in the determination of free activity coefficients and of degrees
of association, although work in this area is accelerating at present.'?:'3

We will first review the past work done with ion association models before proceed-
ing to our present results discussed in the final three sections of this chapter.

II. DEVELOPMENT OF THE ION PAIR CONCEPT

A. Theory of lon Association

The concept of ion pair formation was introduced by Bjerrum in 1926.'* He pro-
posed that the coulombic attraction between ions of opposite charges could temporar-
ily overcome the thermal energy that tends to separate ions after they have been hy-
drated in aqueous solutions.

A model was developed by Bjerrum to predict the degree of ion association based
upon coulombic interactions alone.'* He used the Boltzmann distribution function to
calculate the probability of finding an anion in a shell of volume 4nr2dr at a distance r
from a cation. This probability function is

P, = (4nn?)r* exp (z.z,e?/erkT) dr 4)

where n° is the bulk concentration of anions, ¢ is the dielectric constant, and the other
symbols have their usual meanings.

The probability function goes through a minimum with increasing distance from the
cation and then increases with increasing r. The concentration of ion pairs may be
found by integrating P,, with respect to r. The integration is extended between the
limits a,.,, =z-z.€*/2¢ kT and a,, which is the distance of closest approach of the cation
and anion. The upper limit a,,.. corresponds to the minimum in the probability curve.
Bjerrum, thus, defines all ion pairs to be those pairs of ions whose interaction energy
is greater than two times the thermal energy (kT). a, is an adjustable parameter whose
value is often taken to be the distance of closest approach calculated from the Debye-
Hiickel theory or the sum of the crystal radii of the ions. In reality, cosphere overlap
must be taken into consideration.

The integration leads to an association constant at infinite dilution of the form
anN, zz,e?

() Q(b) (%)
1000 T

K =

where Q(b) is a complex integral whose values have been tabulated in a number of
places.'*'* No is Avogadro’s number.

The association constants calculated from the above expression show a fair agree-
ment with experimental values, particularly in nonaqueous solvents with low dielectric
constants.'” Despite this, Bjerrum’s theory has been criticized on a number of grounds,
the most serious of which is the definition of a,...' The arbitrary choice of a,... =
z.z,e’/2ekT means that some ions will be counted as ion pairs, even though they are
not in contact. Petrucci discusses these and other shortcomings of Bjerrum’s theory
in greater detail than is possible here.'®

Fuoss proposed in 1958 a new model, which required that ions be in direct contact
before they were to be counted as ion pairs, in order to overcome the ambiguity in
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Bjerrum’s definition of ion pairs.’* As in the Bjerrum theory, the distance at which
ions come into contact is an adjustable parameter. This model will be discussed in
detail in the final section of this paper, where we will compare the values predicted by
it with those derived from our new model.

The concept of ion association may be used in conjunction with Equation 1 to cal-
culate stoichiometric (total) activity coefficients and activities in multicomponent so-
lutions."* Two types of information are required in order to do this; the free activity
coefficient and the free concentration of each ion, as well as the stoichiometric concen-
tration of all ions. We shalil first consider the means that have been used in earlier
works to obtain the free activity coefficients of electrolytes, and the techniques used
to determine association constants.

B. Calculation of Free Activity Coefficients

There have been two approaches frequently used to calculate the free activity coef-
ficients of ions in aqueous solutions. The first involves the use of some equation such
as the Debye-Hiickel one.'' The Debye-Hiickel theory, however, is only suitable at
most up to ~0.003 M, as was shown by Frank and Thompson.?® We shall be interested
in solutions much more concentrated than this. As an example, the ionic strength of
seawater, of concern to us, is about 0.7.

In an effort to increase the range of the Debye-Hiickel limiting law, an empirical
extended form was proposed by Davies'!

0.5

I
logyiF = 70.51152_21_ (ﬁ- *0.3[) (6)

.5

where y++ is the molar activity coefficient and I is the ionic strength. This equation
was found to fit to within 10% of the measured activity coefficients of a number of
salts — such as the atkali chlorides — at ionic¢ strengths up to 0.10.'' Most of these
salts were thought not to associate and, therefore, the Davies equation has been used
in many studies to calculate free activity coefficients.?! The results of our model, which
will be discussed in Sections III and 1V, show that the alkali chlorides do associate,
and that the interpretation of the Davies equation in terms of free activity coefficients
is in serious error. We do not, therefore, recommend its use.

There are no other rigorous theoretical models available by which free activity coef-
ficients can be calculated. All current models contain an adjustable parameter of one
type or another.

An alternative approach that has been used extensively in studies of seawater, in-
volves the assumption that a given electrolyte does not associate.®*? As an example, it
has been assumed that the alkali and alkaline earth ions do not associate with chloride
ions. The activity coefficients of these salts, which were obtained by dividing the activ-
ity measured in pure solutions of the salt by the total concentration of the salt, are
then assumed to be free activity coefficients and serve as standards for the determina-
tion of the extent of association in other salts. There is a serious difficulty with this
approach, because we have now found that chlorides of alkalis and alkaline earth ions
do form ion pairs.

The relation between free activity coefficients and the composition of a solution
must also be understood before they can be applied. One of the first suggestions for
the dependence of free activity coefficients on solution composition was the ionic
strength principle of Lewis and Randall.?* This principle states that the activity coeffi-
cient of an ion depends only upon the total ionic strength of a solution. The total ionic
strength is defined as




Ip = [1zp°m] < M

where the summation is over the total concentrations of all ions in solution. The prin-
ciple as stated above is not completely correct except in dilute solutions.® We shall
examine a modified form of it in conjunction with the work of Pytkowicz, Kester, and
Hawley®'? in this section, and in conjunction with our new model.’

The modified form states that free activity coefficients depend only upon the effec-
tive ionic strength, which is defined as

=TE, 2 p) 2 1
I = [Biz;%my g + Tiz,1%m, g n (8)

The first summation extends over the free concentration of the ions in solution and
the second summation extends over the concentration of all ion pairs in the system. z,
is the net charge on the ion pair. This equation accounts for the change in the coulom-
bic interactions in a solution, which occurs when ion pairs form.

We have recently used a third alternative to obtain free activity coefficients of elec-
trolytes.” In this method the free activity coefficients are simply obtained from Equa-
tion | in pure solutions of the electrolytes where the total activity coefficients are
known. This method requires that we know the ratio of free to total concentrations
of the electrolytes to calculate the free activity coefficients from Equation 1. We shall
examine this technique in more detat! in Section IV.

C. Measurement of Association Constants

There are a number of methods available for the measurement of ion association
constants. Each technique has its own peculiarities and limitations. Furthermore, each
method may be suited to the measurement of only a limited number of ion pairs.? For
example, not all ion pairs have a distinct frequency at which they absorb electromag-
netic radiation. An additional complication is that two different methods may not give
the same results when used to measure the concentration of the same ion pairs, if both
methods are not equally sensitive to all forms of ion pairs of a given electrolyte.?

We will review three methods for measuring ion association that we believe have a
general application. These methods are based upon conductivity, solubility, and poten-
tiometric measurements. For a more general discussion of the measurements of ion
association one should consult the references by Davies and by Nancollas.*** In Sec-
tion III of this chapter, we will review a potentiometric method that we have recently
introduced, which greatly simplifies the measurement of ion association constants and
eliminates many assumptions used in the techniques discussed below.

1. Conductivity

Conductivity measurements are one of the methods used most frequently to obtain
association constants,** but are limited to rather low concentrations. The determina-
tion of the association constant is based upon the measurement of the equivalent con-
ductance of a solution A, which is defined to be

K 1000
A= — (9)

MT, eq

x is the conductivity of the solution and M.,., is the total molar equivalent concentra-
tion. The factor 1000 appears because x is defined in terms of cm?.

In solutions where the ion pairs bear zero net charge, it is assumed that only the
free ions contribute to the equivalent conductivity.'® If this is true, the degree of ioni-
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zation in solutions where the ion pairs have zero charge may be obtained from the
ratio of the equivalent conductance measured experimentally to the equivalent con-
ductance of the free ions

M
a=xF

_ A
™ (10)
My A

where A* is the equivalent conductivity defined in terms of the free ions. In order to
apply this method the equivalent conductivity of the free ions must be known and this
is where the difficulties of the method arise.

Theoretical expressions are generally used to evaluate A*. Thus the accuracy with
which the degree of ionization of a solution may be calculated depends on the accuracy
of the theoretical expression used for the conductivity of solutions.

The theory that is commonly used to evaluate the equivalent conductivity of free
ions is the one developed by Fuoss and Onsager.?® They obtained an equation of the
form

*

A=A *S(MF}O‘S +]1‘MF ‘Og MF+JMF (11)

to predict the equivalent conductance of free ions in solution. The derivation of this
equation is based upon a model that uses an ion atmosphere similar to that of the
Debye-Hiickel theory.* In this equation, A° is the equivalent conductivity at infinite
dilution and S, E, and J are all parameters developed in the theory. The parameters S
and E can be calculated from first principles and a knowledge of A°; however, J is
also a function of the distance of closest approach between the ions a,.

The degree of ionization is related to the thermodynamic association constant K by
the equation®®

Ye,FYAF

“zl*KazMT‘_})"—T“‘_" (12)
CA

where yc.° is the molar activity coefficient of the ion pair. yc,» and y,,r are the free
molar activity coefficients of the ions. The activity coefficient of the ion pair is usually
set equal to one, since we are considering only ion pairs with zero net charge. We will
see later that an activity coefficient of unity is not necessarily true — even in dilute
solutions — due to the dipolar nature of the pairs. The free activity coefficients of the
ions are usually obtained from an equation such as Equation 6, which is related to the
Debye-Hiickel theory.
Equation 10 may now be written for electrolyte CA in the form

Aca = 9ACA = Ay — S(aMp)*S + EaMplog (aMp) + JaM

~KeA®MpACAYC pYA F 13
where all terms with M, raised to a power greater than 1.0 have been dropped. We
see from this equation that the total equivalent conductivity of a solution, in theory,
depends upon three unknown constants, (1) the equivalent conductivity at infinite di-
lution, (2) the distance of closest approach, and (3) the thermodynamic association
constant of the ion pair.** These three values may be obtained by using least squares
fitting techniques to select values for these constants, which minimize the difference
between the measured conductivity of a solution and the conductivity calculated from
Equation 13. Petrucci discusses one method by which this may be done.!®

The major difficulties with this method are that the Fuoss-Onsager equation is valid



only up to a concentration of 0.01 M for univalent electrolytes,?® and that it cannot
be applied to asymmetric electrolytes without making assumptions about the condug-
tivity of ion pairs.?® At concentrations as low as 0.01 M, the degree of ion association
is not detectable for most ion pairs of univalent electrolytes. For electrolytes such as
MgSO,, in which the ions bear a charge greater than one, conductivity measurements
give accurate values for the thermodynamic association constants. The theory for con-
ductivity is still under development, however, and the maximum concentration limit
of the theory is gradually being extended. Even so, conductivity measurements are
most suited for the determination of thermodynamic association constants and cannot
be used to obtain the degree of ionization at high ionic strengths — except by indirect
methods that require additional assumptions about activity coefficients, especially
those of ion pairs. 12

2. Solubility

The measurement of the solubility of minerals has been used by a number of workers
to obtain ion association constants.®??”-2% In general, one measures the solubility of
some relatively insoluble mineral in various solutions. The thermodynamic solubility
product of a mineral such as gypsum (CaSO, - 2H,0) is defined to be

_ y . 2
Ksp = Mca, pMso,,F Y ca,F¥s0, .F (81,0 (14)

The product of the free concentrations of the ions in the mineral will be a constant at
a given temperature and pressure (When the mineral is at equilibrium in the various
solutions), if the free activity coefficients are the same in all solutions. This will happen
when the effective ionic strength does not vary.® This product is termed the stoichio-
metric solubility product. Changes in the product of the total concentrations of cal-
cium and sulphate, in different solutions, are assumed to be due to changes in the
degree of ion association. The association constants of the various ion pairs are then
obtained from an analysis of the changes in solubility. There are many different ways
in which this technique may be applied.®2'?” We shall consider only one to provide
an example.

Elgquist and Wedborg examined the formation of ion pairs among the major ionic
constituents of seawater from the solubility of gypsum in various solutions, all at a
total ionic strength of 0.700.** We shall only consider the first portion of their work,
in which they measured the solubility in 15 solutions containing Na*, Mg, Ca*, CI,
SO.*, and ClO, . The total concentration of each of these ions was known in the
solutions, after the gypsum reached equilibrium.

Elgquist and Wedborg assumed that the free activity coefficients of the ions were a
function only of the total ionic strength of the solution instead of the effective ionic
strength, which takes ion pairs into consideration.¢ Since all of their solutions were at
the same total ionic strength, the free activity coefficients were assumed to be the same
in each solution. The stoichiometric association constant of any ion pair CA™ is de-
fined to be

MCAH+
* —

Kca (1s)

MC,FA’A,F

In Equation 15, Mc,n+ is the concentration of the ion pair. If the free activity coeffi-
cients are the same in all solutions the stoichiometric association constant of each ion
pair is also the same in each solution (Section III. A. 1.).¢ Elgquist and Wedborg also
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assumed that the only ion pairs that would form were CaSO.°, MgS0.,°, NaSO,",
MgCl*, and CaCl*.

The distribution of ionic species in the solution may be obtained from a system of
mass balance equations, an equation for the stoichiometric association constant of
each type of ion pair, and the stoichiometric solubility product of gypsum. As an
example, the mass balance equation for SO.*" is

Mgo,,r = Mso, F * Mnaso,” * M Meso, *Mcaso,  (16)

The stoichiometric association constant of CaSQO,° is
M,.
Cas0?
Ktaso, = ——=2224 (7
Mcy pMso, | F

The stoichiometric solubility product is
* —_
Ksp = Mca, p Mo, F (18)

The complete system of equations is developed by Elgquist and Wedborg.?® These
equations can be used to calculate the total concentration of Ca®* that would be present
in each solution in equilibrium with gypsum, if all of the stoichiometric association
constants and the stoichiometric solubility product of gypsum are known. Elgquist and
Wedborg obtained the most probable values of all of the constants by finding the set
that gave the minimum error in the prediction of the total concentration of Ca?* present
at equilibrium in each of the fifteen solutions they examined. The error in
predictingMc,,r is defined to be

. bs cale
E=3x(M° - 2
iz ( Ca, T d Ca, T )i a9

where the superscripts obs and calc indicate the total concentration of Ca** observed
in the solution and that calculated to be present in the solution, respectively. The sum-
mation is extended over all 15 solutions in which measurements were made.

This method for determining stoichiometric association constants is simple and re-
quires no complicated equipment except a computer for performing the calculations.
However, the assumptions used in the example that we have considered tend to over-
simplify the problem. We shall see later in this chapter that free activity coefficients
are not constant at a given total ionic strength, since the effect of ion pairs upon the
ionic strength must be taken into consideration. As a result, the stoichiometric associ-
ation constants may not be the same in all of their solutions. This can only be deter-
mined by calculating the effective ionic strength in each solution after the association
constants have been determined. Furthermore, in a study such as this, one should
consider the formation of as many ion pairs as possible. Cl- ion pairs with Na* and K*
should play an important role, as should ion pairs with ClO,", in the solutions used
by Elgquist and Wedborg.*

3. Potentiometry

Some of the most useful techniques for the determination of stoichiometric associa-
tion constants are those based upon potentiometry. There are a number of different
methods by which potentiometry can be used to measure ion association



constants.®13293° We will review only the method used by Pytkowicz and Kester to
determine the association constant of Na* with SO,* to illustrate potentiometric pro-
cedures.®

Equation 1 is common to any method based upon potentiometry that is used to
determine ion association constants. This equation will be derived formally now, be-
fore we begin to examine its application. The derivation we present is based upon that
given in Robinson and Stokes."

The total free energy of a solution, per kilogram of water, is defined to be

o= + W -
G = 555luy o+ % mu (20)

where u is the chemical potential.® The summation extends over all the solutes in the
solution, and m is the concentration of each component. This expression holds true
for whatever form is attributed to the solutes.® For example, in a solution of NaCl we
could consider the solute to be NaCl or Na* and CI- ions. In a pure solution of a 1-1
electrolyte CA the total free energy may be expressed by

G = 55.51 “H20+mC,T“C,T+mA,T”A,T (21)

where the subscript T again refers to the total concentration of each ion. This equation
is correct whether or not there is association in the solution, since the total free energy
is independent of how we represent the solution. If there are ion pairs in the solution
we may also write the free energy as

G =555y ot Mo pke, r T MA R HEAFTMCA® BCA®
(22)

where the subscript F refers only to the free ions and the subscript CA° refers to the
ion pairs. Equating Equations 21 and 22 and cancelling the term representing the sol-
vent we obtain

Me ke, T Y MATHATSM cploF YMp pua p Y MCA® BCA® (23)
The ion pairs are in equilibrium with the free ions and we can equate the chemical
potential of the two free ions,*! yielding
Hca® = HeFptuaFR 24)

We now expand the chemical potentials in Equation 23 in terms of the standard state
and of the activity of each component:

(] 7
Mmooy ¥ RUInme poyep)tma rug p* RT Inmy pyy p) =
meq et RTInme gy p)¥ma pup g+ RTInmy pya p) (25)

We have also taken Equation 24 into account, in order to eliminate the terms repre-
senting ion pairs.

The standard chemical potential of a species must be the same, whether or not we
consider a portion of it to be involved in ion pairs.*® This is true because the standard
chemical potentials are obtained by extrapolation from infinite dilution — where the
concentration of ion pairs is zero — to an ideal state of unit molality of the solute —
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where there are no ion-ion interactions.'® As a result of this, all terms involving the
standard state may be cancelled in Equation 25. We are then left with a reduced version
of Equation 1, in which cand a areequal to 1.

mepYe,rMA,TYA,T T MC,FYC,FMA,FYAF (26)

This equation can also be derived for multicomponent solutions, or for electrolytes
with a higher valence. It is equally valid when the concentrations are defined on some
other scale such as the molarity. Pytkowicz, Duedall, and Connors have also derived
a form of Equation 1 that pertains only to the activities of single ions,*?i.e.,

merye,r T Mc,FYCF (27)

Ion pairs must behave as distinct chemical entities in order for one to apply Equation
1, that is, ion selective electrodes must be insensitive to ion pairs, If this were not true,
then there would be little point in discussing ion association from a potentiometric
point of view. Ion pairs have been observed directly in solutions by a number of phys-
ical measurements. For example, the Raman spectra of MgSQ,° ion pairs have been
detected in aqueous solutions.*® The formation of Na* and Mg?* ion pairs with SO,>
has also been detected indirectly through the effect of these ions on the Raman spectra
of HSO, .* The anomalous adsorption of sound in MgSO, solutions can also be attrib-
uted directly to the dissociation of MgSO,° pairs.® Further evidence for the independ-
ent behavior of ion pairs can be found in the fact that potentiometric determinations
of association constants usually give good agreement with other methods®* and with
theory.®

Pytkowicz and Kester made use of ion selective electrodes to measure the association
constants of NaSO,”, MgSO.®, and CaS0.,%.°*% One important consequence of their
work, which will have a strong influence on the model we will introduce in Section
111, is the result that Harned’s rule can be derived from an ion association model. We
will examine this in greater detail after we review the procedure used by those authors
to measure the stoichiometric association constant of NaSO,.®

Pytkowicz and Kester assumed that Na* and CI- did not associate when they meas-
ured the stoichiometric association constant of NaSO,". If this were the case, activity
coefficients measured experimentally in pure NaCl solutions may be assumed to be
free ones. Pure NaCl solutions were the standard, therefore, against which the degree
of association in test solutions was measured. If, on the other hand, there is association
in the NaCl solutions, then in NaCl-Na,SO, mixtures, only the amount of association
in excess of the NaCl° will be detected.

The degree of association in a solution consisting of NaCl and Na,SO, was obtained
by measuring the potential of a sodium-sensitive glass electrode vs. a saturated calomel
electrode in the mixed solution. The potential of the same electrode pair was also meas-
ured in a solution of pure NaCl — whose composition was varied by titrating with a
concentrated NaCl solution until the potential became the same as that measured in
the NaCl-Na,SO, mixture. The activity of Na* was then the same in both solutions
when the potentials were equal if the liquid junction potential of the saturated calomel
electrode had not changed, an assumption of the method. The activity of Na* in both
solutions could, therefore, be equated by means of

_ - ) (D)
INa ~ mgln;?F 75\1’2?1? = m(I\?a,FVNa,F (28)

where superscripts p and m refer to the pure NaCl solution and to the mixture, respec-
tively.



