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A model of aqueous electrolyte solutions was developed, which

allows the stoichiometric association constant of an ion pair to be

calculated in a mixture of two electrolytes that have one ion in

common if the association constant of the other electrolyte is known

and the activity of either electrolyte is measured. Measurements

of the activity of HC1 in aqueous mixtures with HC1O4 were used to

calculate the stoichiometric association constant of HC1°. It was

necessary tO assume the association constant of HC1O4° was leSs

than in order to make this calculation, that ior. selective

electrodes do not sense ion pairs, and that the free activity cceifi-

cients of an electrolyte are a function only of the effective ionic

strength. No other assumptions were made. The free activity

coefficient is the activity coefficient obtained by dividing the activity

by the free ion concentrations, rather than the total concentrations.

The stoichionietric association constants are defined in terms of

the free ion concentrations also.
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The results obtained for HC1° were then used to calculate the

stoichionietric association constants of the alkali, alkaline earth,

quaternary ammonium and manganese cations with chloride ion.

These results were based upon measurements of the activity of HC1

in an aqueous mixture with the chloride salt of one of the cations

mentioned above. The stoichiometric association constants were fit

to equations of the form

* 2lnKMClA+BI +cIe e

The effective ionic strength,
1e'

is the ionic strength corrected for

the effects of ion pair formation. The stoichiornetric association

constants of NaSO4, KSO4 and MgSO4 were each calculated from

measurements of the activity of the corresponding chloride salt in

a mixture with the sulfate salt of one of these cations. The stoichio-.

metric association constant of NaC1O4° was obtained from measure-

ments of the activity of NaCI in mixtures with NaC1O4.

The stoichiometri.c association constants of the ion pairs were

used to calculate a chemical model for the distribution of species in

mixtures of electrolytes, including seawater. The speciation

obtained in seawater is considerably different than previous estimates

that ignored the formation of chloride ion pairs. The concentration

of the chloride ion pairs with each cation is two to five times greater



than the concentration of the corresponding sulfate ion pairs.

Consequently, the free ion concentrations are much lower in this

model than in previous ones.

The model was used to predict such properties of electrolyte

mixtures as the activity of the solutes, the activity of water and the

conductivity of electrolyte mixtures. Good agreement with experi-

mental data was found in most cases. The root mean square error

of total activity coefficients predicted in mixtures of two electrolytes

was only two percent.. Accurate and precise measurements of the

total activity coefficient of NaC1 in seawater were made to test the

seawater speciation model. The agreement between the predicted

and measured values in 35% seawater was better than one percent.

The relative changes in the speciation and equilibrium

properties of the pore waters of marine sediments, compared to

the overlying seawater, were calculated with the model. It was

found that significant changes in the second apparent carbonic acid

dissociation constant and stoichiometric solubil.ity products may

occur due to the compositional changes caused by diagenetic pro-

cesses.
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PREFACE

This thesis is the result of my investigations into the application

of ion association models to predict the properties of electrolyte

solutions. It consists of a series of manuscripts, which have been

accepted or submitted for publication, in various journals. The

first paper in the series K. S. Johnson and R. M. Pytko wicz, Am.

J. Sd. 278, 1428-1447, 1978) describes the method we have used to

calculate the association constants of the major cations present in

seawater with chloride ion. The application of these results to

the calculation of the activity of salutes in mixtures of electrolytes

is also described. This paper is given in Appendix Ito avoid unnec-

essary repetition, as most of the material in it is also contained in

Chapter I. The first chapter is a review of earlier applications of

ion association models and it is also an extension of the results

contained in the first paper. Measurements of the association

constants of sodium, potassium and magnesium with sulfate are

reported in this chapter. The ion association model is also used

to calculate a number of additional properties of electrolyte

mixtures in the first chapter.

During the time in which the first two papers were in review,

a number of experimental measurements of the same type I used were



independently published. The interpretations of these measurements

were quite different, however. These measurements, which supplement

my results and extend their range of application, and earlier

measurerrnts on similar systems were used to calculate the association

constants of a large number of cations with chloride in Chapter IL

The large number of papers that have been recently published

indicates the renewed interest in the subject area of this thesis.

The stoichiometric association constant of sodium with

perchlorate was measured and the results are reported in Chapter

IlL These measurements are of importance because of the

widespread use of NaC1O4 solutions as ionic media.

Measurements of the total activity coefficient of NaC1 in

seawater are reported in Chapter IV. These measurements supplement

the paucity of experimental data that can be used to test the predictions

of the ion association model.

Finally, the ion association model has been applied in Chapter

V to show the effects that changes in the composition of interstitial

waters of marine sediments have on equilibrium constants in these

solutions. One of the most important contributions of this chapter

is to illustrate the large gaps in our knowledge, where additional

work is needed.

The format that has been used to produce this thesis is relatively

new to the School of Oceanography, and it has aroused some criticism.



The use of manuscripts has resulted in some repetition, but this

has been avoided wherever possible. The evolution of my thoughts

concerning this work are evident in several places. For example.

the statement concerning the effects of ionic hydration on the

model that were made in Chapter I (p. 98 ) have been modified in

Chapter II (p. 147). Many of the improvements such as this are

the result of the anonymous reviews at the journals to which the

papers have been submitted. These reviews are one of the strongest

points in favor of the prepublication of portions of the thesis in the

manner used here. They result in a fresh and expert critique of the

work that is not always possible from the people who have been

close to the work. The reviews have prevented misconceptions

from spreading throughout the whole and they have resulted in

many clarifications. I would, therefore, ask that the reader bear

with the difficulties, as it could have been much worse.
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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 calcu-

lating 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 temporarily as the result of their mutal 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, which 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 covalent

2bonding.

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.
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Still, at any instant a given fraction of the ions in a solution are paired and

the time averaged concentration of pairs will remain constant as long as the

temperature, pressure, and stoichionietric 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 directly, for example, by means of Raman spectroscopy4 and sound

attenuation, and indirectly as a result of their effect upon activity coeffi-

cients, 6 the electrical conductance, theoretical calculations8 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 CA which forms ion pairs can be expressed in two equivalent

Ways

(1)

wherey is the inolal activity coefficient and parens indicate rnolality, though

other concentration units could have been used, as well. 10 The subscripts F

and 'I' refer to the free concentration and to the total or stoichiometric con-

centration of each specie respectively. The free concentration is defined to

be the total concentration of a specie less the number of moles of that specie

tied up in ion pairs. These concepts are illustrated below.



Consider a solution of a strong 1-1 electrolyte, such as NaC1 or KC1,

which is present at a total concentration of 1. 0 molal, and which has a total

mean activity coefficient of 0. 60. The activity of the electrolyte is

a = (0.6 x 1.0)2 = 0.36 (2)

If the concentration of ion pairs is 0. 10 m then the mean free activity

coefficient of the electrolyte is

0.5= 0.36
3= ' - 0.67

0.9

We see, therefore, that ion pairs reduce the total activity coefficient of

an electrolyte relative to the free value. Anomalously low activity coeffi-

dents in single electrolyte solutions have been frequently interpreted as

indicating the formation of ion pairs. 11 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. 13

We will first review the past work done with ion association models before

proceeding to our present results in the final three sections of this chapter.
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II. DEVELOPMENT CF THE ION PAIR CONCEPT

A. Theory of Ion Association

The concept of ion pair formation was introduced by Bjerrum in 1926. 14

He proposed that the coulombic attraction between ions of opposite charges

could temporarily overcome the thermal energy which tends to separate ions

after they have been hydrated in aqueous solutions.

A model was developed by Bjerrurn to predict the degree of ion associa-

tion based upon coulombic interactions alone. He used the Boitzrnann

distribution function to calculate the probability of finding an anion in a
2shell of volume 41Tr dr at a distance r from a cation. This probability

function is

02 2P = (4rT ) exp(z4 /rkT) dr (4)

where n is the bulk concentration of anions, C 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 con-

centration of ion pairs may be found by integrating P with respect to r. The

integration is extended between the limits a = z z e2/2kT and arnax ---+- -
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,-max

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-Huckel. 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

24'ri0 z z e
= 1000 (5)

where Q(b) is a complex integral whose values have been tabulated in a
15,16number of places. is Avogadr&s number.

The association constants calculated from the above expression show a

fair agreement with experimental values, particularly in nonaqueous solvents

with low dielectric constants. 17 Despite this, Bjerrum's theory has been

criticized on a number of grounds, the most serious of which is the definition
16 . 2of a The arbitrary choice of a = z z e / 2ekT means that somemax max -+

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
18detail 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 over-

come the ambiguity in Bjerrums definition of ion pairs. 19 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 calculate stoichiometric (total) activity coefficients arid activities in

multicomponent solutions. 12 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 concentration of all ions. We shall 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 coefficients of ions in aqueous solutions. The first involves the use
11of some equation such as the Debye-Huckel one. The Debye-Hucke3. theory,

however, is only suitable at most up to -0. 003 Mas was shown by Frank and

Thompson2° and 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-Huckel limiting law an

empirical extended form was proposed by Davies

-0.5115 (I)log
1+(0 5 + 0.3!

where F is the molar activity coefficient andl is the ionic strength.

(6)
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This equation was found to fit to within 10% the measured activity coefficients

of a number of salts such as the alkali 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 IV, 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 coefficients can be calculated. All current models contain an adjust-

able parameter of one type or another.

An alternative approach, which has been used extensively in studies of

seawater, involves the assumption that a given electrolyte does not associate.
612

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 activity 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 fdr the determination 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
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composition was the ionic strength principle of Lewis and Randall. 22 This

principle states that the activity coefficient of an ion depends only upon the

total ionic strength of a solution. The total ionic strength is defined as

=(l12j ) (7)

where the summation is over the total concentrations of a,U ions in solution.

The principle as stated above is not completely correct except in dilute

solutions. 6 We shall examine a modified form of it in conjunction with the
6,13.work of Pytkowicz, Kester and Hawley, in this section, and with our new

model. 1

The modified form states that free activity coefficients depend only

upon the effective ionic strength which is defined as

u.2 2-E z.I (i) +ZIz (p) (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 coulombic interactions in a solution which

occurs when ion pairs form.

We have recently used a third alternative to obtain free activity coeffi-

cients of electrolytes. In this method the free activity coefficients are
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simply obtained from Equation 1 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 detail 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. 2 For example n.ot all ion pairs have a distinct

frequency at which they absorb electromagnetic radiation. Au 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. 2

We will review three methods for measuring ion association which

we believe have a general application. These methods are based upon

conductivity, solubility, and potentiometric measurements. For a more

general discussion of the measurements of ion association one should consult
11,23the references by Davies and by Naricollas. In Section III of this chapter

we will review a potentiometric method which we have recently introduced

which greatly simplifies the measurement of ion association constants and

which 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.



13

The determination of the association constant is based upon the measurement

of the equivalent conductance of a solution A which is defined to be

K 1000
AM

(9)

K is the conductivity of the solution and M is th.e total molar equivalent

concentration. The factor 1000 appears because K is defined in terms of cm:3.

In solutions where the ion pairs bear zero net charge it is assumed that

only the free ions contribute to the equivalent conductivity.
18 If this is true,

the degree of ionization in solutions where the ion pairs have zero charge may

be obtained from the ratio of the equivalent conductance measured experi-

mentally to the equivalent conductance of the free ions

= =
(10)

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 which is commonly used to evaluate the equivalent conductivity
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of free ions is that developed by Fuoss and Orisager. 25 They obtained an

equation of the form

* 0 05
A = A - + log

F +
(11)

to predict the equivalent conductance of free ions in solution. The derivation

of this equation is based upon a model which uses an ion atmosphere similar
25 o.to that of the Debye-Huckel theory. In this equation A is the equivalent

conductivity at in.uinite 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 A0 however, J is also a function of the distance of closest

approach between the ions a0.

The degree of ionization is related to the thermodynamic association

constant } by the equation18

a.=1-Kc2M
C,FZA,F

CA

(12)

where YCAO is the molar activity coefficient of the ion pair. and XA F

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
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of the pairs. The free activity coefficients of the ions are usually obtained

from an equation such as 6 which is related to the Debye-Huckel theory.

Equation 10 may now be written for electrolyte CA in the form

* 0 05ACAACACA(.TE

CA T ACA C, FA, F (13)

where all terms with MT 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, the equivalent

conductivity at infinite dilution, the distance of closest approach, and the

thermodynamic association constant of the ion pair. 18 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 conduc-

tivity of a solution and the conductivity calculated from Equation 13. Petrucci

discusses one method by which this may be done. 18

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 asymetric electrolytes without making

assumptions about the conductivity of ion pairs. 26 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 Mg504, in which the ions



bear a charge greater than one, conductivity measurements give accurate

values for the thermodynamic association constants. The theory for conductivity

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 which 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. 9, 21, 27, 28 In general one

measures the solubiity of some relatively insoluble mineral in various

solutions. The thermodynamic solubility product of a mineral such as

gypsum (CaSO4 2H20) is defined to be

K = EcaJ, Eso1 F F aHO) (14)

The brackets indicate the molarity of the enclosed species

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 equili-

brium 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. 6 This product is termed the stoichiometric solubility product.

Changes in the product of the total concentrations of calcium and sulphate, in

different solutions, are assumed to be due to changes in the degree of ion
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association. The association constants of the various ion pairs are then

obtained from an analysis of the changes in solubility. There are many differ-
18,21,27ent ways in which this technique may be applied. 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
28solutions, all at a total ionic strength f 0. 700. We shall only consider

the first portion of their work in which they measured the solubility in 15

solutions containing Na4, MgZ+, Ca24, C1, SO42 and C104. 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. 6 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 stoichio-

metric association constant of any ion pair CAfl+ is defined to be

* LcA

CA LCJF AJ (15)

In Equation 15, the concentration of the ion pair. If the free activity

coefficients are the same in all solutions the stoichiometric association

constant of each ion pair is also the same in each solution (see Section III.

A. 6 Elgquist and Wedborg also assumed that the only ion pairs that
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would form were CaSO40, MgSO40, Na504, MgC1 and CaC1+.

The distribution of ionic species in the solution may be obtained from a

system of mass balance equations, an equation for the stoichiornetric asso-

ciation constant of each type of ion pair and the stoichiometric solubility

product of gypsum. As an example, the mass balance equation for SO4 is

CSOJJT = SO4IF + CNaSO41+ [MgSO40]+[CaSO40] (16)

The stoichiometric association constant of Ca504° is

CCaSO']
CaSO4 E]F [SOJ

(17)

The stóichiornetric solubility product is

[CaF[SO43F
(18)

The complete system of equations is developed by Elgquist and Wedborg. 28

2+
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

stoichiornetric association constants and the stoichiometric solub ility product

of gypsum are known. Elgquist and Wedborg obtained the most probable

values of all of the constants by finding the set which gave the minimum error

in the prediction of the total concentration of Ca2+ present at equilibrium in
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each of the fifteen solutions they examined. The error in predicting £CaJ T

is defined to be

C [Ca] - LCaalc).z ('9)

where the superscripts obs and caic indicate the total concentration of CaZ+

observed in the solution and that calculated to be present in the solutiOn,

respectively. The summation is extended over all 15 solutions in which

measurements were made.

This method for determining stoichiometric association constants is

simple and requires no complicated equipment except a computer for per-

forming the calculations. However, the assumptions used in the example that

we have considered tend to oversimplify the problem. We shall see 1aterin

this chapter that free activity coefficients are not constant at a given total ionic

strength as the effect of ion pairs upon the ionic strength must be taken into

consideration. As a result, the stoichiometric association constants may not

be the same in all of their solutions. This can only be determined by calcu-

lating the effective ionic strength in each solution alter 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. C]. ion

pairs with Na+ and K4 should play an important role, as should ion pairs with

C104, in the solutions used by Elgquist and Wedborg. 1

3. Potentiornetry
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Some of the most useful techniques for the determination of stoich-

lometric association constants are those based upon potentiometry. There

are a number of different methods by which potentiometry can be used to

measure ion association constants. 6, 13, 29, 30 We will review only the method

used by Pytkowicz and Kester to determine the association constant of Na+

with SO4 to illustrate potentiornetric procedures. 6

Equation 1 is common to any method based upon potentiometry which is

used to determine ion association constants. This equation will be derived

formally now before we begin to examine its application. The derivation we

present is based upon that given in Robinson and Stokes. 10

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

be

2 = 55.51 H 0 + (1) 1J., (20)

where p. is the chemical potential. The summation extends over all the

solutes in the solution, and (1) is the concentration of each component. This

expression holds true for whatever form is attributed to the solutes. For

example, in a solution of NaC1 we could consider the solute to be NaC1 or

Na+ and C1 ions. In a pure solution of a 1-1 electrolyte CA the total free

energy may be expressed by

(21)
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where the subscript I 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

= 55.51
P..04(c) Fc,F+(A) FA,F+(A)

CA0
(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 solvent we obtain

(C)TCT+(A.TAT= (C) FIJ.CF+(A3 FA,F+ (cA°)P.CA0 (23)

The ion pairs are in equilibrium with the free ions and we can equate

the chemical potential of the two free ions, 31 yielding

CA°
}.LCF +

We now expand the chemical potentials in Equation 23 in terms of the

standard state and of the activity of each component:

(24)

= (C) T.LCF Tln(C) + (A) ,FiF+.Ilfl (A) FA,F (25)
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We have also taken Equation 24 into account in order to eliminate the terms

representing ion pairs.

The standard chemical potential of a specie must be the same whether

or not we consider a portion of it to be involved in ion pairs. 10 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 where there are no ion-ion inter-

actions. 16 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 c and a are equal to 1.

(C)T?C,T(A),TYA,T(C) !YC,.(A)H.?A,L (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 which pertains only to the
32activities of single ions, i. e.

(C) T ?C,T() FC,F (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 tru then there would be little point in discussing ion
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association from a potentiome'tric point of view. Ion pairs have been observed

directly in solutions by a number of physical measurements. For example.
0 33the Ran-ian spectra of MgSO4 ion pairs has been detected Ln aqueous solutions.

The formation of Na+ and Mg ion pairs with SO42 has also been detected

indirectly through the effect of these ions on the Rarnan spectra of HSO4.4

The anomalous adsorption of sound in MgSO4 solutions can also be attributed

directly to the dissociation of MgSO4° pairs. Further evidence for the

independent behavior of ion pairs can be found in the fact that potentiornetric

determinations of association constants usually give good agreement with

34 . 8other methods and with theory.

Pytkowicz and Kester made use of ion selective electrodes to measure

the association constants of NaSO4, MgSO4 and CaSO4 6, One

important consequence of their work, which will have a strong influence on

the model we will introduce in Section III, 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 NaSO4.6

Pytkowicz and Kester assumed that Na+ and Cl did not associate when

they measured the stoichiometric association constant of NaSO4 . If this

were the case, activity coefficients measured experimentally in pure NaC1

solutions may be assumed to be free ones. Pure NaC1 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 NaC1-Na2SO4 mixtures only the amount of association in excess of the
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NaC1,° will be detected.

The degree of association in a solution consisting of NaC1 and Na2SO4

was obtained by measuring the potential of a sodium sensitive glass electrode

versus a saturated calomel electrode in the mixed solution. The potential of

the same electrode pair was also measured in a solution of pure NaC1 whose

composition was varied by titrating with a concentrated NaC1 solution until

the potential became the same as that measured in the NaCI-Na2SO4 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

!Na (Na)mF ?r: F = (Na) F "Na, F (28)

where superscripts p and m refer to the pure NaC1 solution and to the mixture,

respectively.

Equation 28 may be used to find the free concentration of Na+ after

rewriting it in the form

p
p(Na) F = (Na) F m

'Na,F

The free concentration of Na+ in the pure solution may be set equal to the
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stoichiornetric concentration since this solution is assumed to be unassociated.

The ratio of activity coefficients of Na+ in Equation 29 was initially set equal

to 1. 0 and an approximate value for the concentration of free Na+ in the mixture

was calculated. The concentration of NaSO4

from a mass balance equation

(NaSO4)m = (Na)Tm - (Na)Fm

in the solution was obtained

(30)

In order to obtain an improved estimate of the free concentration of Na+

in the mixture, Pytkowicz and Kester now calculated the ratio of the free

activity coefficients in Equation 28. They postulated that free activity

coefficients are a function only of the effective ionic strength of a solution.

II this assumption is correct, then the free activity coefficients of Na+

in the mixture will be the same as that in a pure NaC1 solution at the same

effective ionic strength as the mixture. Pytkowicz and Kester calculated the

effective ionic strength of the NaC1-Na2SO4 solution using the initial estimate

of the free concentration of Na+. The free activity coefficient of Na+ was

estimated by the mean salt method.

The mean salt method for calculating single ion activity coefficients is

based upon the Maclnnes assumption that the activity coefficients of and

C1 are equal. 36 KC1 solutions are completely dissociated then the free
+ 12activity coefficients of Na can be calculated from the equation
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2
'±NaCl

'Na (31)
±KCl

The activity coefficients on the right hand side both correspond to the activity

coefficients obtained experimentally in pure solutions of NaCI or KCI which

have a total molality equal to the effective ionic strength of the mixture. The

activity coefficient of Na+ in the pure NaC1 solution which had the same activity

as the mixture may also be estimated by the mean salt method.

A revised estimate of the free concentration of Na in the mixture may

now be obtained by substituting the new values for the activity coefficients of

the two solutions into Equation 29. The effective ionic strength of the mixture

was then recalculated and the whole procedure was repeated until the effective

ionic strength became constant. The stoichiometric association constant of

NaSO4 was then calculated from the equation

*
(NaSO4)m

NaSO4
(Na)Fm (O4

(32)

This method is fairly general and can be applied to any system where

there is an electrode which is sensitive to one of the associating ions. There

are a number of conditions which will be by-passed in our new procedure and

which are required in this older method. The liquid junction potential of the

reference electrode must be the same in the standard NaG], solution and in the

mixture in order for the activities to remain the same. The values of the
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liquid junction potential cannot be tested, however. The accuracy of the single

ion activity coefficients estimated for Na+ cannot be determined directly

either. The Maclnnes assumption is only one of several conventions available

for separating the activity coefficients of neutral electrolytes into the

components for each ion. 37,38 Any errors should be mostly cancelled out,

however, since only ratios of single ion activities were used in the calculations.

The effect of any of these errors can be tested indirectly.

The stoichiometric association constant of NaSO4° is related to the

thermodynamic association constant by means of

'tNa,F'rSO ,F
NO4 (33)

NaSO4

The thermodynamic association constant is invariant at a given temperature

and pressure and the stoichiornetric association constant of NaSO4 is a

function only of the free activity coefficients which depend upon the effective

ionic strength. Pytkowicz and Kester found that the stoichiometric association

constant was indeed constant in solutions of varying composition but constant

effective ionic strength. This observation provides strong evidence that the

assumptions used in their method are self consistent.

Butler and Huston modified this method so that there was no need to

estimate single ion activity coefficients. 30 They have also eliminated the

need to use a saturated calornel electrode as a reference electrode. Many
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of the assumptions used by Pytkowicz and Kester are, therefore, eliminated.

Butler and Huston applied their method to the determination of the association

constants of NaHCO and NaCO. If we use their modified method to

determine the association constant of NaSO4, using the data of Gieskes,

the results are within 15% of those obtained by Pytkowicz and Kester. As we

shall see in Section III the major problem with the method of Pytkowicz and

Kester is the assumption that Na4 and C1 do not associate. The neglect of

NaCI0 ion-pairs causes the association constant for NaSO4 to be nearly a

factor of 5 smaller than the result obtained in the present work.

D. Calculation of Activity Coefficients in Multicomponent Solutions

1. NaC1-Na2SO4 Solutions

Interestingly enough, the results of Pytkowicz and Kester yield a self -

consistent view of solutions and have been used by them to demonstrate that

an ion association model can yield accurate predictions of activity coefficients

in electrolyte solutions. The activity coefficient of NaC1 in NaC1-Na2SO4

solutions can be calculated from the relation

(Na)tm

'NaCl,T = 'NaCl,F (______
5

(Na)tm
.1

(34)

In this equation,
NaCl, F is the activity coefficient of a pure NaC1 solution

at the same effective ionic strength. as that of the solution in which the ratio

(Na)'/(Na)mT is calculated. The ratio Cl)/ (Cl)tmT should also appear
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inside the parenthesis of Equation 34, but since the C1 is assumed to be

unassociated the ratio is 1.0. The following identity

CNa)mF
1

(Na) 1
+ NaSO4 (SO4)mF

may be substituted into Equation 34 to yield the result

(35)

1 (36)log
;:;ci,

= log r.;:1 : +
log

1
+ aSO4 4

This equation was used by Pytkowicz and Kester to calculate activity

coefficients of NaCl in mixtures of NaCl and Na2SO4, all at a constant total

ionic strength of 0. 700. 6 The activity coefficients that they calculated are

in very good agreement with the experimental measurements of Gieskes
39(Figure 1).

The activity coefficients of electrolytes determined experimentally in

binary mixtures at constant total ionic strength are often found to obey Earned' s

rule.4° This rule is an empirical relationship which in a mixture of

electrolytes A and B may be expressed as

1ogy =logy AB+AB (37)
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Figure 1. Comparison of the total mean activity coefficients of NaCI in

mixtures with Na2SO4 calculated by Pytkowicz and Kester6 and measured by

Gieskes. The triangles are the activity coefficients calculated in solutions

with a total ionic strength of 0. 7, while the circles represent calculations in

solutions with a constant effective ionic strength of 0. 7. The shaded area

represents the values measured by Gieskes at a total ionic strength of 0. 7.

From Pytkowicz and Kester. 6
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is the activity coefficient of electrolyte A in its pure solution at the

same total. ionic strength as the mixture.
A

and
A

are constants which

depend upon the electrolytes in the mixture and the total ionic strength of

the mixture.4° XB is the mole fraction of component B. In many cases,

is equal to zero. 40

Pytkowicz and Kester demonstrated that this Harneds rule equation can

be derived from the ion association model provided that the total ionic

strength is replaced by the effective one in which the charge contribution of

ion pairs is taken into account. 6 They expanded the second term on the

right hand side of Equation 36 and obtained the expression

log
T

= log 'cNaCl, F 1
(SO4)'T + ( (SO4))2 .... (38)

The constants k1, k2 and so on may be calculated from the equation

(K50/(l + (39)

i 2(2.3026)i

The k.. terms become constants if the term (Na)m is much less
1 NaSO4 F

than one or when (Na)'F is approximately constant. 6 When either of these

conditions is met, the ion association model leads directly to Earned's rule.

The activity coefficients calculated in the NaC1-Na2SO4 mixtures are observed

6to obey Harried' s rule.

The model developed by Pytkowicz and Kester can, therefore, be used
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to explain the behavior of the activity coefficient of NaC1 in mixtures with

Na2SO4 through the formation of ion pairs. However, the activity coefficient

of NaC1 is also observed to obey Harned's rule in solutions of NaC1 and KC1.41

These solutions were thought earlier to be completely dissociated and, therefore,

some other mechanism was considered necessary to explain Harried' s rule in

solutions of the alkali chlorides. 6 We will gee in Section III, however, that

these solutions do appear to be associated and that Earned' s rule can be

predicted also in mixtures of the alkali chlorides by an association model.

2. Garrels and Thompson Model

We shall now consider the application of ion association models to

seawater, a fairly complex electrolyte solution. The total concentrations

of the ten most common ions in seawater are listed in Table 1. Garrels

and Thompson, in their pioneering work, applied the concept of ion association

to estimate a comprehensive ion pairing model which could be used to

approximate the actual ionic forms of the major ions present in seawater. 12

Their model was used to estimate the total activity coefficients and the

activities of eight major ions.

Their work was based upon thermodynamic ion association constants,

which have the form for any ion pair

KCAaCaA (40)

In order to use these constants to calculate the concentration of ion pairs in

seawater they had to first estimate the free activity coefficients of all the ions
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Table I

MolaJ.ities of the ten major ionic species in sea water with salinity equal to
34. 8. The total ionic strength is 0. 72.

Cation rn Anion in

Na+ 0.4833 C1 . 5636

Mg 0.05496 SO .02915

CaZ+ 0.01060 HCO3 .00219

0.01054 .00022

Sr 0.00009 Br .00087



34.

and the activity coefficients of all ion pair3 at the ionic strength of seawater.

The thermodynamic association constants may then be multiplied by the

appropriate activity coefficients to obtain the stoichiometric association

constants for each type of ion pair in seawater. The free concentration of

each ion is then calculated from the stoichiometric association constant of

each ion pair and a mass balance equation for each ion. The total activity

coefficients and the activity of each component are calculable from the free

concentration and the free activity coefficient.

As a simple example of this procedure, consider a 0. 3333 m solution of

some electrolyte CA2. The thermodynamic association constant of the ion
+pa.r CA ts

+

K 6.0O= CA
CA CA

(41)

- In order to calculate the free concentration of CZ+ and A in the solution, we

need the free activity coefficients of the ions and of the ion pair. Assume

that we have found the following values:
, F 0. 28 A F = 0. 63 and

= 0.63. We can then calculate the stoichiotnetric association constant

CA from the relation

- 'C,FA.F
CA 'CA =1.68

CA

(42)

The total concentrations of C2 and A are related to the free concentrations
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by the equations

(C) 1= (C) F+(CA) (43)

(A)
T (A)F+ (CA (44)

The above relations may be rearranged and substituted into Equation 42 to

yield a single equation in one unknown, the concentration of the ion pair. If

we solve this equation we obtain (CA+) = 0. 154. This value can be used to

calculate the free concentration of each ion and, in conjunction with Equation

1, the activity and activity coefficient of each ion. We obtain for each of

these quantities the following values

(C) = 0. 179

(A) F
0.513

= (0. l79)(0. 28) = 0.0501

= (0.513)(0.63) = 0.313
0.0501

'C, 0.3333 0. 150

0.323
T

=
0.6666 = 0.484

Garrels and Thompson estimated the free activity coefficients of all ions

by the mean salt method. As we noted earlier, this means that they assumed

that the free activity coefficients of and of Cl are equal. If all solutions

of the chlorides are unassociated then the free activity coefficients of Na+ may
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cations such as Mg the equation for

3
±Mg Cl2

Mg 2 (45)

They assumed, however, that the free activity coefficients were a function

only of the total ionic strength of a solution. The activity coefficients of the

chloride solutions used in the mean salt method were, therefore, obtained

from measurements in solutions with the same total ionic strength as the

seawater they were examining. This does not seem completely reasonable

since the formation of ion pairs should alter the charge distribution in

solution and, therefore, the activity coefficients of the ions. The error in

seawater is not too great, however, as the total and effective ionic strengths

are fairly close if one assumes that chloride does not associate. Carrels

and Thompson also assumed that pure solutions of KHCO3 and K2CO3 were

unassociated. They used the mean salt method in pure solutions of these

salts to calculate the free activity coefficients of HCO3 and CO32.

The activity coefficients of charged ion pairs were set equal to the

activity coefficient of HCO3. This approximation was made on the basis of

the similar size of ion pairs and of the HCO3 molecule. However the ion
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pairs are not covalently bonded species, and may in reality show a quite

different behavior than that of HCO3. The activity coefficients of neutral

ion pairs were set equal to the activity coefficient of H2CO3 measured in

solutions at the same total ionic strength as seawater. This choice has also

been criticized on several grounds. In slightly basic solutions such as

seawater, the greatest fraction of the H2CO3 determined analytically is
42present as CO2. Furthermore, the ion pair is dipolar and should behave

similarly to the charged ions of which it is composed. 8

The free activity coefficient of S042 was determined from the total

activity coefficient of K2SO4. Since this solution is associated, the total

activity coefficients were corrected for association by means of Equation I.

The free activity coefficients determined for all species considered by

Carrels and Thompson are listed in Table 2. These free activity coefficients

were then combined with thermodynamic association constants to give the

stoichiometrj.c association constants for all of the species they believed to

form ion pairs in seawater. The stoichiom'ric association constants were

used with mass balance equations to solve for the free concentrations of all

the major ionic species in seawater. The distribution of ionic species obtained

by Carrels and Thompson is shown in Table 3. This distribution is strongly

influenced by the fact that Cl, the anion present in by far the greatest abun-

dance, is assumed not to form ion pairs. This means that only a small

percentage of the cations can be tied up in ion pairs because they far outnumber

the anions available for association.

The total activity coefficient of each neutral electrolyte may now be
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The free activity coefficients used by Garrels and Thompson. 12

Ion Ion Pair

Na+ 0.76 NaHCO3 1.13

0.64 NaCO3 0.68

MgZ+ 0.36 NaSO4 0.68

CaZ+ 0.28 KSO4 0.68

S042 0. 12 MgHCO3 0.68

HCO3 0.68 MgSO4 1.13

CO32 0.20 MgCO3 1.13

CaHCO3+ 0.68

CaSO4 1.13

Ca.0O3 1.13
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Table 3

The distribution of the major components of sea water with a salinity of
34.3%, obtained by Garrels and Thompson.

Ion Molality % Free % M-SO % M-HCO3 % M-0O3
(total) Pair Pair Pair

Na+ .4752 99 1.2 0.01

Mg24 .0540 87 11 1 0.3

Ca,24 .0104 91 8 1 0.2

K4 .0100 99 1 -

Ion Molality % Free % Na-X % Mg-X % Ca-X % K-X
(total)

Cl .5543 100 - - - -

2
SO4 .0284 54 21 21.5 3 0.5

HCO3 .00238 69 8 19 4 -

CO3 .000269 9 17 67 7 -



obtained from Equation 1. The results of these calculations are shown in

Table 4.

The approach used by Carrels and Thompson suffers from one major

difficulty. The activity coefficients of all single ions and ion pairs in solution

must be known so that the stoichiometric association constants may be

calculated. However, it is not possible to measure single ion activity

coefficients directly. Thus, all their calculations are subject to some

uncertainty because of the method used to obtain free activity coefficients

(basically, the Maclimes assumption which eventually was questioned by

Maclimes himself). This problem may be avoided, however, if one has

measured the stoichiornetric association constants in the solution of interest.

3. Model of Pytkowicz and Hawley

A program was undertaken at Oregon State University in order to

measure the stoichiornetric association constants for the most abundant ions

in seawater. These stoichiometric asociation constants were measured in
6,13,35solutions with compositions different than that of seawater. Pytkowicz

and Kester demonstrated that the association constants of NaSO4 and MgSO4°

did not depend upon the composition of the solution in which they were deter-
6,34mined, but only upon the effective ionic strengtn. This conclusion was

supported by the results of the work done by Pytkowicz and Hawley. 13 The

results obtained in solutions with compositions simpler than that of seawater,

but whose effective ionic strength was the same, were used to calculate the

major ionic species present in seawater. The distribution of species

calculated by Pytkowicz and Hawley is shown in Table 5 13



Table 4

The total mean activity coefficients of neutral electrolytes in sea water,
calculated by Carrels and Thompson12 (Column 2) and by Pytkowicz, Atlas
and Culbersori43(Column 3).

Electrolyte y1(G.T.) (P.A.C.)

NaC1 0.694 0.659

KCI 0.637 0.621

MgC12 0.504 0.463

CaC12 0.471 0.445

Na2SO4 0.333 0.343

K2SO4 0.297 0.318

MgSO4 0. 143 0. 146

Ca.904 0. 129 0. 137

NaHCO3 0.55 ó.59

KHCO3 0.51 0.56

Mg(HCO3)1 0.37 0.40

Ca(HCO3)2 0.35 0. 39

Na2CO3 0.21 0.24

K2CO3 0. 19 0. 23

MgCO3 0. 074 0. 087

CaCO3 Q 067 0. 083



These results were obtained by using the assumption that the cations

Na+, K+, CaZ+ and Mg2 did not associate with Cl. was assumed not

to associate with HCO3 or CO3 also. No assumptions had to be made

about the activity coefficients of ion pairs in order to make this estimate of

speciation. It was necessary to estimate single ion activity coefficients in

order to measure the stoichiometric association constants, but in most cases

ratios of activity coefficients were used, as in t:he work of Pytkowicz and

Kester, 6 so that any errors tended to be cancelled out.

The total activity coefficients of the ions present in seawater were

calculated by Pytkowicz, Atlas and Culberson using the distribution of

species in Table 43 They used the mean salt method in conjunction with

the effective ionic strength principle -to calculate the free activity coefficients

of Na+, I<+, Mg, CaZ+ and C1 in seawater. The free activity coefficient

of S042 was obtained from the equation

(Na) T z
(SO4)

1
(46)

(Na) (SO4) 1NaSO4,T
Na,F

The terms in the brackets in this equation were obtained in a pure Na2SO4

solution which had the same effective ionic strength as that of the seawater
+ 2-(0. 668). The free concentrations of Na and SC)4 were obtained by means

of the stoichiornetric association constants measured by Py-tkowicz and Kester.

The total activity coefficients of the ions were calculated from Equation 1
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Table 5

The distribution of the major components of sea water with.a salinity of 34.
obtained by Pytkowicz and Hawley. 13 They also included triple ions in their
model such as Mg CO3. These polynuclear species are a significant portion
only of the CO32_(g2CO32+ 7. 39% and MgCaCO3Z+ - 3. 82%).

Ion Molality % Free % M-SO % M-HCO3 % M-CO
tota1)

Na+ 0.4822 97.71 2.24 0.05 0.01

Mg2+ 0.05489 89.15 10.31 0.24 0. 17

CaZ+ 0.01063 88.39 10.82 0.29 041

0.01062 98.85 1.15 - -

Ion Molality % Free % Na-X % Mg-X % Ca-X % K-X

C1 .5622 100 - - - -

SO4 .02906 3.U1 37.13 19.47 3.96 0.42

HCO3 .00213 81.33 10.73 6.45 1.50 -

CO3 .000171 7.98 15.98 43.86 20.96 -



and the ratio of the free to total concentration of each ion, with the exception

of HCO3 and CO32. The total activity coefficents of these ions were

obtained from the ratio of the thermodynamic and apparent dissociation

constants of carbonic acid in solutions of varying composition. These

total activity coefficients have been combined to yield the mean total activity

coefficients of the major electrolytes present in seawater. The results are

shown in Table 4.

These results are somewhat different than those obtained by Garrels

and Thompson. 12 The differences are probably due to the additional assump-

tions that Garrels and Thompson had to make. However the main features

of both models are essentially the same because the same basic assumptions

concerning the association of chlorides were made in these researches.

The crucial tests for ion-pair models were met in the work of the

Pytkowi.cz team, namely, that stoichiornetric association constants were

independent of the solution composition at a given ionic strength and that the

constants determined in simple solutions could be applied to more con-

centrated ions such as seawater (within the framework of no chloride ion-pairs).

III. AN IMPROVED ION ASSOCIATION MODEL

We have seen in our discussion of earlier work with ion association

models that the validity of the results have been limited by the necessity to

assume that chloride solutions are not associated, and by the need to estimate

single ion activity coefficients. Furthermore, at times cells with liquid

junctions were used. Estimates of the activity coefficients of ion pairs were
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required for those models based upon thermodynamic association constants.

In this section, we will review a model recently developed by us which elimin-

ates the need for making the assumptions listed above.

We used potentiometric measurements to determine stoichiometric

association constants and estimates of free activity coefficients were not

necessary since only activities of electrolytes were used in our calculations.

The stoichiornetric association constants were determined in solutions having

simple compositions and, therefore, the measurement of activities were

relatively easy. The association constants were found to depend only upon

the effective ionic strength of the solutions in which they were determined

and not on the actual ionic species present. These association constants

can, therefore, be used in more complex solutions. We will see in Section

IV of this paper how these constants can be applied to calculate activity

coefficients in complex electrolyte solutions. This constitutes a stringent

test of our ion pair model.

A. Association of HC1

We will now develop in detail the method used by us to obtain stoichia-

metric association constants. As a first step, we determined the stoichio-

metric association constants of 11+ with C1 over a range of effective ionic

strengths. The values of were determined from a comparison of the

activity of HCI in solutions of pure HC1 and in mixtures of HC1 and HC1O4.

The stoichiometric association constants of HC1° were then used to determine

the stojchiornetric association constants of Na+, K+, Mg2 and Ca2+ with

Cl . We have also measured the association constants of the cations



mentioned above with S042 at a limited number of ionic strengths which were

near that of seawater. In order to explain the procedure that we have used

to obtain it wiil be necessary to first examine the assumptions that we

used and their implications.

.L Theory

Two of the assumptions inherent in our model have been discussed

earlier in this paper. Firstly, we assumed that ion selective electrodes do

not respond to ion pairs. The evidence supporting this assumption has

already been considered in sufficient detail earlier so that no further dis-

cussion is warranted at this point. We have also assumed the validity of the

effective ionic strength principle which we have discussed in terms of the

work of Pytkowicz and Kester. 6 We made only one modification to this

principle, as was stated earlier. The effective ionic strength was expressed

in molar rather than molal units.

This change in concentration scale was made because the electrical

interactions of ions are a function of the distance between ions. When two

solutions have the same effective ionic strength, defined on the basis of the

volume of solution, the coulombic interactions will be the same in both

solutions as long as the dielectric constant is the same. If we define the ionic

strength in terms of the amount of charge per kilogram of waler then-the

electrical interactions depend not only upon the amount of charge in a kilo-

gram of water, but also upon the volume occupied by the water. Consider

solutions of pure HCI and HCIO4, both with a total molality of 1.000. If

these solutions are -unassociated then they have the same effective ionic
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strength, defined by Equation 7. The densities of these solutions are quite

difieren however, and the molarjtjes of these solutions are 0. 97 and 0. 94,

respectively. The coulombjc interactions in the HCI will, therefore, be

slightly stronger than in the HC1O4 solution. It is often convenient, therefore,

to use concentrations in units of molarity when the ionic strength of a

solution is being considered.

The effective ionic strength is then defined as

i=fJz.12r1j zIzpJ3 (47)(i j.j L F 2

and the remaining equations are expressed in terms of rnolarities.

The effective ionic strength principle is a cornerstone of our model and

we shall consider it at this time in greater detail. As we observed earlier,

if one assumes that aqueous solutions of the alkali and alkaline earth chlorides

are completely dissociated, the effective ionic strength principle cannot be

used to predict activity coefficients in mixtures of these electrolytes but

leads to self-consistent results in NaC1-Na2SO4 solutions . There are two

possible explanations for this inconsistency; either the effective ionic strength

principle is not valid or these halides are associated. We will now show

that this later explanation is most likely.

Pytkowicz and Kester demonstrated that Harned' s rule can be derived from
6

an ion association model in mixtures of NaC1 and Na2SO4. We will extend

this argument further and show that the Harned' s rule behavior of activity

coefuicient measured in mixtures of the alkali and alkaline earth chlorides



can also be explained by an ion association model. We will conclude from

this that solutions of the alkali and alkaline earth chlorides and hydrochloric

acid are associated.

In the place of a rigorous mabhematical derivation we will show by an

example that Earned' s rule in an aqueous mixture of two univalert salts, with

one ion in common, can be derived from an ion association model. Examples

of such mixtures would be solutions of HC1 and EdO4 or solutions of NaC1 and

KC1. The following discussion of such mixtures is taken from Johnson and

Pytkowicz.

Consider two univalent salts, CA and DA, which have stoichiometric

association constants 0. 1 and 0. 2 respectively. The effective ionic strength

ranges between 0.854 in pure DA to 0.916 in pure CA in mixtuies of these

two salts held at a constant total ionic strength of 1.0 ( [A]
T = 1.0). This

range of effective ionic strengths is small enough to allow us to assume that

the free activity coefficients of CA and DA are roughly constant in all of

the mixtures especially since activity coefficients of 1-1 salts are relatively

insensitive to changes inthe ionic strength in this concentration range.

We will calculate next the total activity coefficients of CA and DA in a

series of solutions in which LA] T = Let us assume that the mean

free activity coefficients of both salts are 0.9. We can then calculate the

mean total activity coefficients of both salts from the equations

[c]
E.

1C.4,T (IC,FXA,F LCj T [AJT'
(48)
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[Dl EAJ
0.5

1±Da,TDFLAFtD] (49)

The free concentrations of CA and DA were found by means of the stoichia-

metric association constants and mass balance equations similar to

Equations 16 and 18.

The results for several calculations of the- total activity coefficients of

CA and DA are shown in Figure 2. The plots of the total activity coefficients

are linear in accord with Harneds s rule.

This type of example could have been repeated with other values of the

stoichiozuetric association constants to yield plots of the logarithm of mean

activity coefficients with different slopes and intercepts than the preceeding

ones. Changes in the values of the free activity coefficients would produce

additional changes in the intercepts of these plots. If we had chosen, for

example, stoichiometric association constants of 0.44 and 0. 26 with 0. 809

for the mean free activity coefficients of both salts we could have obtained

activity coefficients very close to those obtained in mixtures of NaC1 and

KCI at a total ionic strength of 1. 0.

Harned' s rule can, therefore, be explained in terms of ion association

models. This can be shown to be true, not only for mixtures of univalent

electrolytes, but also for mixtures of univalent arid divalent electrolytes.

We have assumed, therefore, that all electrolytes whose activity coefficients

obey Harned' s rule are associated. The experimentally measured activity

coefficients of these salts must be total activity coefficients and should,
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therefore, not be independent of the composition of the solutions in which

they are determined.

We must measure the activity coefficients of each salt in order to

determine the association constants of two electrolytes in a mixture whose

activity coefficients obey Harried? s rule. This is difficult to do with a pre-

cision of better than several percent when the ionic strength of the solution

becomes less than 1.0 arid that is not good enough to allow association

constants to be determined at ionic strengths near that of seawater.

This problem was avoided by the following method. We made a reason-

able assumption about the degree of association in some reference electrolyte

(HC104) and then calculated all other association constants relative to this

value. When the association constant of one electrolyte is known, then we

only need to measure the activity of one of two solutes in order to obtain

the unknown stoichiometric association constant. Our next assumption

concerns the electrolyte chosen by us to be the reference one as well as the

value set for the association constant of this reference electrolyte.

We decided to use as a reference, the electrolyte with the smallest

association constant that we could find. We concluded from several lines of

evidence that this was the case for the association between H+ and C104

The first line of evidence is based upon the behavior of activity coefficient's

in mixtures of two electrolytes with different association constants. We

demonstrated that in a series of mixtures of two electrolytes at a constant

total ionic strength, the activity coefficients of both components increase

when the pr000rtion' of the electrolyte with the smallest association constant
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increased. 1
From an analysis of the available data, we found that the

activity coefficient of HC1 increased in mixtures of HC1 with alkali chloride

salts as the proportion of HC1 increased in the mixtures.4° This indicates

that HC1. has a smaller stoichiometric association constant than those of

common alkali chlorides. However, in mixtures of HC1 and HCIO4 the

activity coefficient of HC1 decreases as the proportion of HC1 in the mixture

increases.45 This observation led us to conclude that the association constant

of with C104 must be significantly smaller than that of the other

electrolytes we examined.

This conclusion is supported by direct measurements of the degree of

association in HC1O4 solutions. Akitt and coworkers used a number of

techniques, including Ranian spectroscopy, proton magnetfc resonance and35

Cl magnetic resonance to examine the degree of association in aqueous

perchioric acid. 46, 47 They found no detectable association by any of these

techniques at ionic strengths below 6.0.

The available evidence seems to indicate that the association constant
+ - -7H and C104 is very small. We have assumed that 10 , a.

48value which pertains to the formation of HC1O4 molecules and not ion pairs.

This value was chosen simply so that we could insert a non zero number into

our computer programs to see the effects and assumed changes in the value

of Our results are independent of the value used for 1<HQ as

long as it is less than 10.

We have now examined the assumptions of our model in sufficient detail

and we can developthe procedure used to obtain Kc1. We will begin by
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developing the three equations which are the key to our method.

As we stated earlier, the stoichiornetric association constant of HC1

was obtained from a comparison of the activity of HC1 in pure HCJ. and in a

mixture of HC1 and HC1O4. We may write the ratio of the activities in these

two solutions as

P rwJ fci1' 2 .2
HCl L L

HCl
[H]m rcir

m m (50)

The composition of the mixture of HC]. and HC1O4 is arbitrary and it may be

any solution in which the activity of WCI has been determined experimentally.

We will not fix the molality of the pure solution of HCI. as it will become a

variable in our analysis which depends upon the composition of the mixture

and the activity measured in the mixture. At this time we will simply

stipulate that the rnolarity of the pure HC1 solution is such that the pure

solution and the mixture are at the same effective ionic strength. If this is

true, then we may cancel the free activity coefficients in Equation 50 since

they will be the same in solutions of equal effective ionic strength. Thus,

HCl E.
(5l

[Hy. [cit

As both solutions are at the same effective ionic strength we may also write



(52)

Let us now examine the relationship between the stoichiometric

association constant of HC1° in pure HC1. solution as well, as in a mixture

of HC1 and HC1O4. As we pointed out earlier, the stoichiometri.c association

constant is related to the thermodynamic association constant by means of

H, E. Ci F (53)
x

HC1

The thermodynamic association constant KHC1 is a constant at a given

temperature and pressure and is independent of the c'oniposition of the

solution. Since the free activity coefficients in Equation 53 are a function

only of the effective ionic strength at a constant temperature and pressure,

the stoichiometric association constant must also be a function only of the
a.

effective ionic strength. In this case, must be the same in both the

pure HC1 solution and the mixture if these solutions are at the same effective

ionic strength and, therefore,

HCl
H C1 3P

F Cl F

(54)



Equations 51,52 and 54 provide the fundamental relationships between

the activity of HC1 and the stoichiometric association constant of HCI. In

order to solve for the concentrations of all ion pairs and the total concentration

and activity of the pure HC1 solution which has the same effective ionic

strength as a given mixture of HC1 and HC1O4, we developed the following

equations.

The mass balance relations are

EH]T=tH?F+ Hcl°j (55)

[Cl]'F= LH]F (56)

= HmF .icio4°J' (57)

tc1 = tCl1mF + ci°]m (58)

= lO + (59)

Each of these mass balance equations provides one additional constraint on

the possible concentrations of ion pairs in the system.

We may obtain the concentration of HC1O4° ion pairs from the stoichio.-

metric association constant
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[FTclO]xno4
(60)

-7
10

tHJmECl0mF

The activity of the pure HC1 solution is related to the total concentration

of pure MCi by

a - (rH1P 2 )2
(61)HCI J THC1,T

We may obtain the values of xS1 T
from an empirical equation that has

been fit to values of the activity coefficient of pure MCi solutions that have

been reported in the literature. This empirical equation is a function of the

total concentration of MCi and it will be discussed later. We may simply

write it now as

P riPHCl,T- I.
(62)

Equations 51, 52 and 54 through 62 are a system of eleven simultaneous

non-linear equations which may be solved for the unknowns

o1X m th
ci,'r

ici°j i'j. cf
F' EHC1 j, [Cij,. Ecio F and

LHC1O°. The only information required is the fraction of HC1 and activity

of MCi in a mixture of HCI and HC104 and the empirical equation which gives

the total activity coefficient of pure HC1 as a function of the total concentration
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of pure HC1.

We have used measurements of the activity of HC1 in mixtures of HC1

and HC1O4 at 25. 0 C from four different sources to solve this system of

Equations. 1
These activities were all reported on the molal concentration

scale. The concentrations and activities in these solutions were converted

to the molar scale by means of the equation.s10

[] p
(i) (1+0.001 (i) W) (63)

L -:

YjYjçj (64)

where p is the density of the solution, is the density of pure water at the

temperature of the solution and VT is the molecular weight of each electrolyte

in the solution. The summation is extended over all electrolytes in the solution.

The densities of the solutions were estimated from the following equation

EQ.(i) ,

1

zQ. (65)j.
The factor Q takes on the values 1, 3 or 4 when i is a 1-1, 2-1 or 2-2 elec-

trolyte, respectively. The summation extends over each neutral electrolyte

in the solution and is the density of a pure solution of an electrolyte measured
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at the same total ionic strength (on the rnolal scale) as the mixture. This

equation yields densities with an accuracy of better than 0. 1%. The densities

of the pure solutions were obtained from empirical equations which had been

fit to the data in the International Critical Tables by linear regression.

These equations were of the form

p. = a. + b.I
1

(66)

The coefficients of these equations which were found for various electrolytes

are listed in Table 6.

The activity of the pure HC1 solution was obtained from the total molar

ionic strength in the following manner. The molality of the HC1 solutioza was

calculated from the molarity using Equation 63. The mean total molal

activity coefficient of pure HC1 at 25 C was then obtained from. the following

empirical equation which had been fit to the data of Harned and Ehlers5°

A (I )Q.5

(67)

where is the total ionic strength defined on the molal scale. The constants

of this equation are listed in Table 7. These molal activity coefficients were

converted to the molar scale using Equation 64. The activity o.f the pure

solution was then calculated using Equation 61.
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TabLe 6

Constants of Equation 66 used to determine the densities of- solutions of
various pure electrolytes a Z5. O C. The constants were determined by a
least squares fit to the data in the International Critical Tables. 49

Electrolyte a. b. maximum I,

HC1 .99756 0.01655 1.8

HCLO4 .99784 0.04528 1.1

NaC1 .99780 0.03810 1.5

KC1 .99808 0.04303 1.5

MgCL2 .99735 0.02448 2.0

CaC12 .99727 0.02901 1.7'

Na2SO4 .99806 0.03943 1.8

K2SO4 .99818 0.04313 1.9

MgSO4 . 99831 0, 02835 2. 8



60

Table 7

The constants of Equation 67 used to calculate mean total molal activity
coefficients of various electrolytes. The constants for NaCI, KCI, MgCl2
and CaC12 were obtained by Pytkowicz, Atlas and Culberson.67 The constants
for Na SO4 and K SO42 2 were obtained from the data in Robinson and Stokes. 2

The constants for HCI were obtained from the data of Harned and Ehiers.

Electrolyte AD BD CD DD ED MC
T

HC1 -0. 5108 1. 212 0. 2097 -0 1292 0.0585 1.0

NaC1 -0.5108 1.350 0.04366 0.00937 0 1.0

KCI -0.5108 1.307 0 0 0.002075 1.0

MgCl2 -1. 0216 1. 800 -0. 03365 0. 1156 -0. 04101 1. 2

CaC1 -1.0216 1.501 0.07898 -0.01547 0 1.2

Na2SO4 -1. 021.6 1. 138 0.05795 -0. 1334 0.04992 1. 8

K2SO4 -1.0216 1.0274 0.003167 -0.02374 0.004180 1.3
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The system of equations was simplified before solving by eliminating

as many of the unknowns as possible by simple subsitution. For example,

in all equations the quantity [HrF was replaced byf3
T

- IClJ. This

reduced the number of equations and unknowns to four. This system was

then soi.ved by a simple iterative process. Si The complete results for one

sample calculation are shown in Table 8.

2. Results and Discussion

The results obtained by Sohnson and Pytkowicz are shown in Figure 3.

A complete list of their results may be found in Table 3 of their article.

Their results were fit to an empirical equation of the form

inK =AK+BKI (68)

for which the constants AK and BK may be found in Table 9.

The stoichiometric association constants calculated by Johnson and

Pytkowicz from the four different sets of data all show good agreement at ionic

strengths above 0. 1, except for those obtained from the data of VasiJ)ev and

Glavina. The results obtained from these data are approximately 20% higher

than those based upon the other three data sets. This disagreement probably

arises from the standard potential used by Vasiltev and Glavina for the Ag/AgCl

electrode. They measured the standard potential themselves and the value
55they obta.ned is systematically lower than other values. The stoichiometric

association constants calculated from the data of Vasjl e'i and Glavjna do

follow the same trend with effective ionic strength as the other results.

Johnson and Pytkowicz have discussed the reasons for the large scatter

at low values of Briefly, this is due to the fact that the sensitivity of
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Table 8

In this table we will examine the calculation of from the measured

activity of HC1 in an HC1-HC1O4 mixture, in order to demonstrate that the

results satisfy the requirements of the model. The composition of the mixture

is: LC1mT = 0. 1708, Ecior T = 0.4248, cHirn 0. 5956 and
T =

0. 810. The concentrations of ion pairs in the mixture are: EHcr= 0. 0185

and cior = 9. 8 x 10g. The concentration of the pure HC1 solution with

the same effective ionic strength was found to be = 0.6474 and the

concentration of ion pirs was LHCl°j 0.0702. The activity coefficient is

±HC1, T 0.777.

The effective ionic strengths of the two solutions are

1e = 1(0. 1708 - 0.0185) + (0. 4248 - 9.8 1Q) + (0. 5956 - 0.0185 -

9.8 x 10)j = 0.5771

1e = 0. 6474 - 0.0702) + (0. 6474 - 0.0701)J = 0.5772

The effective ionic strengths are the same in the two solutions (rounding

errors account for the small difference).

The ratio of the activities are

am 0.8 io2 0. 1708 0.5956 = 0. 2638
2 2a p 0.777 0. 6474
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The ratio of the free concentrations of and Cl in the two solutions is

C1JF EHjmF (0. 708 - 0.0185) (0. 5956 - 0.0185) = 0.2638
rC1FF tHF (0.6474 - 0.0702)2

These two quantities are, therefore, equal.

The stoichjometric association constants of HC1° in the two solutions

are

0.0185

LH' 1]F (0. 1708 - 0.0185) (0. 5956 -0.0185) = 0.2105

CHC1°F
=
0.0702

= 0. 2107

(0.6474 0.0702)2

The stoichiometric association constants are, therefore, the same in the two

solutions and all the requirements of our model are met.
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Table 9

Constants of Equation 68 for the various sichiornetric association constants

Ion Pair B< Range of

}rC1° -1.179 -0.9816 0.1 -1.00
NaCI° -0. 5365 -1. 0016 0.1 -0.88
KCI° -0.491 a -0. 4636 0. 1 -0. 81

MgCl+ 0.6515 _O.0112 0.38-0.70
CaCI+ 1.073 -0. 442 0. 37-0. 70

NaSO4 2. 285 0 0.46-0. 54

KSO4 2.481 0 0.46-0.51

MgSO4° 3.73 0 0.51-0.54

I
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to the activity of MCi increases at low ionic strengths, while at the

same time the error in measuring the activity increases at low ionic strengths.

The error in the measurement of also depends upon the ratio

Cl/ClO4 in the mixed solution. When this ratio becomes larger than one

the properties based upon the composition of the mixture and upon the pure

Nd become very similar. The errors in determining the association constant

are then magnified because small errors in the measurements of the activities

in the two solutions are a very large proportion of the actual difference in

activity of the solutions.

The scatter of the data obtained at ionic strengths greater than 0. 1 and

having a Cl /C104 ratio less than one is about. ±5%.

We shall now examine the values that we obtained for the stoichiornetric

association constant of MC1° so that we may ascertain if the results meet

the requirements imposed by our model and to determine if the values obtained

are reasonable in light of other evidence.
0

Our model recuires that the stoichiometric association constant of MCi

be independent of the composition of the solution in which it was determined as

long as the effective ionic strength is constant. In Figure 4 we plotted all the
'a-

values of that we obtained between effective ionic strengths of 0. 9 and

0. 99 against the ratio of Cl to ClO4 in the solution. There is no significant

trend with respect to the solution composition in any of the sets of association

constants up to a ratio of one and even beyond a ratio of one the stoichiometric

association constants remain constant within the precision of the measurements.

The slope of a regression line through all of the data is 0. 000 ± 0. 004. We
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can, therefore, conclude that the stoichiornetric association constant of

is indeed independent of the composition of the solution at constant

effective ionic strength.

The values that we obtained for are minimum ones because of the
0assumption about the association constant of HC1O4 . If were

-2 *larger than 10 then would also increase.

One may now ask whether the values of that we have obtained are

of a reasonable magnitude. The best value that has been available for the

thermodynamic association constant of HC1° at 25'C is 7. 9 x IO, a value

six orders of magnitude smaller than the ones that we have obtained.

This association constant was calculated by Robinson from the vapor

pressure of HC1 gas over an aqueous solution of HC1. The mole fraction of

HC1° in solution was calculated from RaoulV s law, which yields. the equation

. 2' (69)
HC1

is the partial pressure of HCJ. gas over an aqueous solution, is the

vapor pressure of pure HC1, and X is the mole fraction of undissociated
HC1

HC1. Equation 69 is strictly valid only for ideal solutions but we will

consider it to yield a satisfactory first approximation. The mole fraction of

HC1° obtained from Equation 69 refers to the amount of molecular HC1° in

the solution, since the vapor pressure is proportional only to the molecular
0form of HC1

In order to explain the discrepancy between Robinsons result and ours,



we must assume the majority of HCI° is in the form of solvent separated

ion pairs. Solvent separated ion pairs will not contribute to the vapor

pressure of HC1 gas and so cannot be detected by vapor pressure measure-

ments. The ratio of solvent separated ion pairs to molecular ion pairs at

infinite dilution is approximately 0. 3/7. 9 x 10 = 4 x 10g. This conclusion

is supported by an interesting paper by Duncan and Keppert who estimated

the heat of formation of various ion pairs by means of a thermodynamic

cycle. They found that, in the case of NaC1°, the ion pair would be

unstable if the ions were in direct contact. If there was a single water

molecule separating the ion the heat of formation became favorable. This

situation appears to evidently apply to HC1.° ion pairs also.

Other values that have been obtained for the thermodynamic association

constant of HC1° range from 0. 09 to 0. 003. These values were obtained

by Hogfeldt based upon the Hammett acidity function, The range of values

results from the uncertainty in extrapolating the stoichioxnetric association

constants cbtained at high ionic strengths to iriIinite dilution. These values

are somewhat lower than the value we obtained = 0.31-0. 52) by

extrapolating our results to infinite dilution. They do indicate, however,

that our results are not unreasonable.

B. Association of Alkali and Alkaline Earth Chlorides

Theory

We have shown that the results obtained for K1 are a function only of

the effective ionic strength and that they appear to be accurate. We have used,

therefore, the values of KHC1 obtained from Equation 6& to calculate the
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stoichiornetric association constants of the alkali and alkaline earth chlorides.

The method used to obtain these association constants is very similar to that

used for and it includes the same assumptions. We will illustrate it only

for K' because the extension to other salts is straightforward.NaC1

The stoichiornetric association constant of NaCI was calculated using

the activity of EC1 that had been measured in a mixture of HC1 and NaC1. If

we take the ratio of the activities of HC1 measured in a pure MCi solution and

in a mixture of MCi and MaCi we obtain Equation 51 when the two solutions are

at the same effective ionic strength. Since the effective ionic strength is the

same in both solutions we also have

= = CciJ. (.7.0)

The stojchjometric association constant of MCi will also be the same in the

two solutions, and Equation 54 will hold for this system.

The stoichiometric association constant of HC1 may also be obtained

from Equation 6 8 after writing it in the form

in )= A + Z( cC1JF (71)

LH]m1mF

This was done since I = 1JmF. Finally, a system of mass balance equations

similar to those used to solve for may be written for all components.
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[HJ'. + [HC1°J m
(72)

[ciJ C13. + [HC1°J + [NaC1°] (73)

= LNa]F + CNaC1°J
m

(74)

The mass balance equations for the pure HCI solution are the same as

Equations 55 and 56. The activity of HC1 in the pure solution may be obtained

by the same process that was used when we. solved for

We now have a system of eleven equations in eleven unknowns which may

be solved to obtain The procedure used to solve these equations i.S

the same as that for

The stoichiometric association constants for the other alkali and alkaline

earth metals may be obtained from a similar set of equations. in the case

of the alkaline earth metals we must also modify the equation for the effective

ionic strength in the mixture to take into account the double charge on the

metal ion. The equation for I , when solving for 1 , is thene MgC1

I = 0.5 (4 [Mg3 + [C1JmF EHJm. + IgCl") = LClJ. (75)

2. Results and Discussion

The equations above have been solved to obtain the stoichiometric

association constants for MaCI°, KC1°, MgCl and CaCit 1 The results we
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-obtained are shown in Figures 5 through 7. A numerical tabulation of these

results can be found in the paper by Johnson and Pytkowicz. Equations of

-the same form as Equation 68 were fit to these results with the use of a

weighted least squares regression. The constants for these equations are

listed in Table 9.

The stoichiornetric association constants obtained for all salts again met

the requirement that they depend on].y- upon the effective ionic strength. In

Figure 8, we have plotted all, the results obtained for
rac1 at effective

ionic strengths between 0. 81 and 0. 88 against the ratio H+/Na+ in the

solution. There is no significant trend with the solution composition.

There are a few values that have been reported in the literature for the

association constants of the alkali and alkaline earth chlorides with which

our results can be compared. We will examine first those available fo?

NaC1° and K Cl°.

Several workers studied the association constants of MaC1° and KC1° by

means of conductivity measurements. Davies examined the conductivity of

solutions of univalent chlorides up to concentrations of 0. 01 M and found that

in all cases the conductivity could be predicted by means of the original

Onsager conductance equation. 63 It was on the basis of these results that

most workers accepted the idea that the alkali chlorides are completely

dissociated in aqueous solutions. Similar results are found if one uses the

Fuoss-Onsager equation discussed in Section 25 However, Fuoss and Hsia

recently expanded the Fuoss-Onsager equation to include higher order terms.

This revised equation has a term in M1 and it is claimed to be valid up to
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0. 1 M. Chiu and Fuoss used this expression to examine the conductance of

KC1 and NaC1 solutions up to 0. 1 M. 64 They obtained thermodynamic as so-

ciation constants for NaC1 and KCI of 0. 92 and 0. 80 respectively. We shall

see in Section IV that, if our values of the stoichiometric association constants

are extrapolated to infinite dilution, we obtain values which lie within the

range 0.55 to 0.90 for NaC1 and 0.60 to 1.1 for KC1. The agreement between

the two methods is, therefore, satisfactory.

Paterson, Jalota and Dunsmore obtained 0. 2 for the thermodynamic

65association constants of NaC1 and KC1. They used the conductance

equation of Fuoss and Hsia but went only up to 0. OSM. Chiu and Fuoss

showed that the uncertainty in determining association constants as small as

that of NaCI. and KC1 increased rapidly as the maximum concentration became

much less than 0. 1.64 If the maximum concentration of the solutions analyzed

was 0. 04 they concluded that any association constant between 0 and 2 could

be used in their equation to reproduce the conductance of NaCl and KC1. The

difference in the maximum concentrations used in the analysis of Chiu and

Fuoss and of Paterson, Jalota and Dunsmore, therefore, explains the

discrepancies in their results.

Although the constants of Chiu and Fuoss tend to agree with ours, their

results can only be considered tentative until all terms in the equation for the

conductivity of solutions are known;.

Millero calculated values for the stoichiometric association constant of

NaC1° from considerations of the partial molal volumes of NaCI solutions. 6o

There are a number of assumptions in his method which cannot be tested
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directly. His results do, however, show Lair agreement with ours as they range

from 0.19 in 0.25 M NaC1 to 0. 17 in 1.0 M NaC1.

Our results for the stoi.chiometric association constants of NaCL° and

KC1° are, therefore, in good agreement with the results that have been obtained

by two independent techniques.

Stoichiometric association constants for MgCl+ and CaC1+ were obtained

by Elgquist and Wedborg who determined the solubility of gypsum in various

aqueous solutions, all with a total ionic strength of 0.7. They obtained the
* *values K = 0.48 and K = 1.20. These association constants areMgC1 CaCI

systematically lower than ours. This is not surprising because Elgquist

and Wedborg did not consider the formation of NaC1° or KC1° ion pairs and,

therefore, overestimated the free concentration of Cl . This caused their

stoichiometri.c association constants to be too low.

Nakayama also obtained a value of 0. 9 for the stoichionietric association

constant of CaCf by means of the solubility of gypsum.. 21 This value was

obtained in a solution with an effective ionic strength of 0. 6. He did not

consider NaC1° ion pairs and his result is, therefore, too low.

C. Association of Na+ and K+ with

Our results for NaC1° and KC1° were used to determine the stoichio-

m.etric association constants of NaSO4 and KSO4. In the case of Na50 the

activity of NaC1 measured in a mixture of NaC1 and Na1SO4 was used and the

system of equations employed to determine the association constant for NaSO4

was arialagous to the one far MgCl+. All that was required was a change in

the subscripts in Equations 51, 54 through 56, 61, 62, and 71 through 75
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which had been used to obtain .lgCl The subscript Mg was replaced by SO4,

the subscript Cl was replaced by Na, and H was substituted by Cl. The

appropriate set of constants also had to be substituted into Equation 67 so that

it yielded the activity coefficient of NaC1. 67 These constants are listed in

Table 7. In this manner we obtained a system of eleven nonlinear equations

which were used to obtain the stoichiometric association constant of NaSO4

The stoichiometric association constant of KSO was obtained in a similar
4

manner except that the subscript Cl was replaced by K.

The results that we obtained for the stoichiometric association constants

of NaSO4 and KSO4 are shown in Tables 10 and 11. The activity coefficients

measured by us in the mixed solutions were obtained by the same procedure
61 . -which was used by Plath, Johnson and Pytkowicz. The cation sensi.tive

electr.odes were made of glass (Orion 94-11A.and Markson 1002). The other

activity measurements were obtained from literature sources. 39. 68 All

measurements were converted to molarities.

There is good agreement between the association constants for NaSO4

calculated from the data of Gieskes39 and from our results. However, in

none of the solutions examined by Gieskes was the ratio of Cl/SO42 less

than 1.0. The error in his data is, therefore, relatively large and his

results were presented only for comparative purposes.

There is good agreement between our results for KSO4 and the results

obtained using Christenson and Cieskes data. 68

The range of effective ionic strengths over which the stoichiometric

association constants of NaSO and KSO4 have been examined was small



Table 10

Results obtained for K

NaSO4

[ciT. rsor4 T NaC1

0.04955

0. 04947

0.04948

0. 04952

0. 04944

0. 2564

0. 2286

0. 2970

0.3136

0. 3299

0. 3463

0. 3789

0. 1267

0. 1613

0.591

0. 589

0.. 586

0. 583

0. 574

0.641

0.629

Ie

0.464

0.485

0.502

0.518

0. 538

0.402

0.424

*
K
Na504

9.43

9. 24

9.41

9. 63

11.4

10.3

10. 3

80

Source of

This work

This work

This work

This work

This work

Fe!. 39

Ref. 39



Table 11

Results obtained for K

so 1m
T 44 T *.:KC1

0.04897

0.04891

0. 04889

0.04879

0.04888

0. 1223

0. 1157

0.1198

0. 1605

0. 1534

0. 1580

0. 2338

0. 2279

0. 2319

0.3003

0.3179

0. 3356

0. 3534

0.3679

0. 2866

0. 2889

0. 2875

0. 2737

0.2761

0. 2745

0. 2488

0. 2509

0. 2495

0. 575

0. 568

0.562

0. 560

0. 556

0. :6

0.573

0.575

0. 578

0. 576

0.578

0. 583

0.581

0.582

I-e

0.466

0.475

0.484

0. 505

0. 514

0.487

0.476

0.482

0.494

0.486

0.492

0.512

0. 503

0.506

KSO4

9.41

10.7

12. 1

11.9

12. 9

10.8

12. 3

11.5

11. 5

12.7

11.8

12.3

14. 0

13. 5

81

Source of

This work

This work

This work

This viork

This work

Ref. 68

Ref. 68

Ref. 68

Ref. 68

Ref. 68

Ref. 68

Ref. 68

Ref. 68

Ref. 68
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and1 therefore, we have simply averaged our results. The stoichiornetric

constant for NaSO4 is 9. 89 0. 9 over the effective ionic strength from

0.46 to 0.54. The stoichiometric association constant of KSO4 is 11.9

1. 2 in solutions of effective ionic strengths between 0.46 to 0. 52.

The stoichiometric association constants for NaSO4 and KSO4 have

been determined in a number of studies by other investigators at ionic

strengths near those examined by us. Garrels and Thompson obtained the
* 12values KNQ = 0.70 and KKSO = 1.03 in seawater. Pytkowi.cz and Kester

obtained = 2. 02 at an effective ionic strength of 0. 66. Elgquist and
1

*
Wedborg found the values = 1. 22 and = 1. 84 in solutions for

which the total ionic strength was 0. 70.28These results, which are in fair

agreement with each other, are all about a factor of 5 lower than our present

ones. These association constants were obtained under the assumption that

C1 does not associate with Na+ and the discrepancy between these results

and ours is not surprising. If we recalculate the results of Pytkowicz and

Kester6 for the association constant of NaSO4 by taking the formation of

NaC1° into account we obtain an association constant which lies within 20% of

our present value.

The precision of the stoichiometric association constants obtained by us

for NaSO4 and KSO4 is about 10%. This, of course, does not include the

possibility of systematic errors which can affect the accuracy of our results.

The stoichiornetric association constant for NaSO4 is based upon the

determination of two other stoichiotnetric association constants, and

NaC1' as well as upon, the value assumed for KHQ. A systematic error
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in any of these measurements would be propagated through all of them. The

extension of our method to the determination of other stoichiometric association

constants by means of or should be done with caution.
2+ a-D. Association of Mg with SO4

In this section, we will discuss the method we have used to obtain the

stoichiometric association constant of MgSO4° and the results that were

obtained.

The stoichiornetric association constant of MgSO4° can be calculated if

the activity of MgC12 is known in a mixture of MgC12 and MgSO4. The system

of equations used to determine K may be developed in a manner analogous
4

to that used for any of the other association constants which have been dis-

cussed. One must only keep in mindthat the activity of MgC12 is defined by

the equation

2
MgCl2 EMgJ F Mg, (Cci.

: cl.
(76'

and that the effective ionic strength of the mixture and pure solutions are

defined as

I (4 {Mg]m + LCI3m. + 4[SO4]m + vtgClm) (77)

= (4.fMg 1. + MgCl1JP
) (78)



The activity of MgC12 in a mixture with MgCl1 and MgSQ4 was deter-

mined potentiometrically. The cell consisted of Mg (Orion 92-32) and

Cl (Corning 476065) sensitive electrodes. The response of this cell was

only 95% of the theoretical Nernstian value at 25° C based upon measurements

in pure MgC12 solutions. We, therefore, used a special procedure similar to

that of Pytkowicz and I<ester6 to determine the activity of MgC12 in the mixture.

The potential of the cell was measured to *0. 1 mV in a mixture of MgC12 and

MgSO4 at 25. 0' C. The mixture was then replaced by a pure solution of

MgC12. The change of solutions was accomplished without moving the

electrodes as this has been shown to cause shifts in the standard potential of

the cell. 69 The concentration of the pure MgC12 solution was such that the

potential was greater in this solution than in the mixture. The pure solution

was then, titrated with deionized distilled water until the potential was the

same as that measured in the mixture. The potential was then redeterrnined

in the mixture and only runs where the difference between the initial and

final value was 0. 2 mY or less were accepted.

The potential of the electrode pair is determined by the equation

E = E° + S log
Mg ci (79)

where E° is the standard potential of the electrode pair and S is the slope of

the electrode pair. In the ideal case, S RT In 10/nP = 29.58 mV. However, as

we noted, our cell had a slope of only about 28. 0 mV. If the value of S is the sarr

in both solutions, the activity of MgC12 will also be the same in the mixture
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and the pure MgC12 solution. We have assumed this to be true. If not, the

error will be relatively small.

The composition of the pure MgC12 solution can be determined from its

initial composition and the amount of water added. The activity of MgCl2 in

pure solution can then be calculated from the molality of the solution and the

total activity coefficient of MgCl2 determined from Equation 67 into which the

appropriate constants have been substituted (Table 7).

Once the activity of MgC12 has been measured in the mixture and then

converted to the molar concentration scale using Equations 62, 63 and 65,

the stoichiometric association constant may be calculated. The activity

coefficients and stoichiometric association constants that we have obtained

are listed in Table 12.

At ionic strengths near that of sea water the stoichiometric association

constant of MgSQ4° is approximately 42.. 0. This value is considerably larger

than the results which have been obtained by other workers in solutions with

similar ionic strengths. Kester and Pytkowicz found a value of 10. 2. for the

stoichiometric association constant of MgSO4° in solutions with an effective

ionic strength of o.
70 They did not consider the formation of NaCI° or

MgCl ion pairs in the test solutions or the standard solutions which they

examined however. As a result their values will tend to be too low.

Elgquist and Wedborg found a value of 12.3 but again, they neglected to

consider the formation of NaC1° or MgC1O4+ ion pairs which would result in

underestimating the concentration of Mg504° and overestimating the free

concentration of Mg- in solution.



Table 12
.1.

Results obtained for 5MgSO

[so4J ±MgC12 'MgCl2,

0.3960 0.3958 0.379 0.6146 43.0

0.3966 0.3964 0.382 0.6278 39. 1

0.3003 0.3002 0. 390 0.5171 39.0

0.2953 0.2945 0.388 0.5001 43.0

0.2951 0.2949 0.387 0.4968 44.4

0.2987 0.2984 0.387 0.5027 43.7



The results that we have obtained when extrapolated to zero ionic

strength, are not inconsistent with a value of. 1.8 X 102. This is the value

listed by NancoUas for the thermodynamic association constant of MgSO40. 71

IV. PROPERTIES OF MULTICOMPONENT SOLUTIONS

The most useful property of ion association constants obtained in

simple solutions is to calculate the speciation in more.cornplex mixtures

and to then use these results to predict properties such as mineral solubilities,

activity coefficients, the attenuation of sound and the conductivity of multi-

component solutions. The purpose of this section is to examine the application

of the model developed by us in Section III to predict the properties of complex

- solutions, with emphasis upon the calculation of activity coefficients.

A. Activity Coefficients of Solutes in Multicomponent Solutions

.L Theory

Our stoichiometric association constants have met the tests to which

they have been subjected so far. There is, however, an even stronger test

which we shall examine next. It should be possible to use the association

constants to calculate free and total activity coefficients in solutions with a

composition different than that in which the constants were determined with

no assumptions beyond those used so far. We will now apply our model to this

problem and calculate activity coefficients in rnulticomponent solutions. These

activity coefficients will, then be compared with experimental ones in order to

test the accuracy of the association constants.

Our first calculation will be that of the free activity coefficients, based
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upon extensive available tabulations of experimentally measured total activity

coefficients in single component solutions. These calculations use the total

activity coefficients, Equation 1, and our stoichioxnetric association

constants.

Let us consider as an example the calculation of the free mean activity

coefficient in a 1.000 rn NaC1 solutions. The molarity of this solution at Z5C,

obtained from Equation 63, is 0. 9787. Next we need to calculate the free

concentration of NaC1 present in the solution. This requires an iterative

procedure since we do not lnow the effective ionic strength of the solution

and, therefore, the stoichiometric association constant. Let us guess, as a

first approximation, that the effective ionic strength is equal to the total ionic

strength 0. 9787. In this case, the stoichiometric association constant

obtained from Equation 68, in which the appropriate constants from Table 9

have been substituted, is 0. 219. We can now use this estimate of raC1
to

obtain a better guess of the effective ionic strength by solving the following

quadra.tic equation for NaCl°J

* cNaCl°]
K =0.219=NaC1 ([NaJ T - [NaCl°J)2

(80)

This equation yields tNaC1°J = 0. 1505 and the new estimate of the effective

ionic strength is 0. 9787 - 0. 1505 = 0. 8282. After five such iterations the effec-

tive ionic strength converges upon the value I 0. 8086. The effective ionic

strength is also equal to the free concentration of C1 and Na+ in this system
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as neutral ion pairs make no contribution to the effective ionic strength.

The free activity coeffIcient of NaCI. can now be calculated. The total

activity coefficient of a 1. 000 m NaC1 solution is 0.657. Subsitituting this

value into Equation 64 we obtain a total molar activity coefficient of 0. 669.

The mean molar free activity coefficient is, therefore,

NaCl,F = 0.669 ( = 0.809 (81)

This is the free activity coefficient of NaC1 in any solution with an effective

ionic strength of 0. 8086.

The free activity coefficient of any electrolyte at any effective ionic

strength may be found in this ,manner as long as measurements o the asso-

ciation constant and the total activity coefficient of the pure electrolyte are

available. In Figure 9 we plotted the free activity coefficients of HC1, NaCI,

KC1, MgC12 and CaC12 as a function of effective ionic strength. These values

were obtained essentially by the same procedure as that outlined above for

NaC1. The total rnolal activity coefficients of each electrolyte as a function

of the total tnolal ionic strength were obtained from functions of the same

form as that of Equation 67. The constants for these equations are listed in

Table 7.

It is interesting to note that the differences between the free activity

coefficients are much less than the differences between the total activity

coefficients of these salts. This occurs because the total activity coefficients

reveal not only the effect of the ionic strength, but also that of ion pairs.
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Figure 9. The mean free activity coefficients (molar) of a number of

electroles are plotted against effective ionic strength.
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The free activity coefficients of a number of electrolytes at an effective ionic

strength of 0.6 are listed in Table 13. The total activity coefficients of these

electrolytes at a total ionic strength of 0. 6 are also listed. The maximum

difference between the free activity coefficients of the univalent electrolytes

is 0. 057 while that for the corresponding total activity coefficients is 0. 154.

As an additional check on the accuracy of K, we plotted in Figure

9 values of the mean molar activity'coefficient of HC104 obtained experi-

mentally. If the association constant of HC1O4 is less than l0 then these

values can be considered to be essentially free activity coefficients and there

should be good agreement between them and other free activity coefficients.

This is found to be the case and the agreement gives us additional confidence

-2in our selection of as being below 10
4

The free activity coefficients may now be used to, calculate total activity

coefficients in multicomponent solutions. The procedure that we have used

for this purpose is as follows. The composition of the mixture was specified

in terms of the molalities of all components. The density of the mixture was

obtained from Equation 65 and the total molarity of each component was then

calculated. The speciation was then calculated, from the stoichiometric

association constants of the electrolytes, estimated from the total ionic

strength of the solution. The free concentration of each specie was calculated

from the estimated association constants using a system of equations similar

to those given by Kester and Pytkowicz.' The free concentrations were used

to obtain a new estimate of the effective ionic strength and the process was

then repeated until the effective ionic strength changed by less than 0.01% on



Table 13

Free mean molal activity coefficients for a number of electrolytes at an
effective ionic strength of 0. 6. Total mean molar activity coefficients of the
same electrolytes at a total ionic strength of 0. 6 are included for comparison.

Electrolyte

HC1O4 0.802 0.802

HC1 0.859 0.772

NaC]. 0.805 0.681

KC1 0.808 0.648

MgC12 0. 699 0.490

CaC12 0. 700 0. 474

Na2SO4 0.746 0.372

K2504 0760 0.356
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successive iterations.

Once the effective ionic strength of the solution was known, the total

molarity of a pure solution of each electrolyte present in the mixture which

had the same effective ionic strength as the mixture was calculated. The

molalities of these pure solutions were then calculated from Equation 63.

Total activity coefficients on the molal scale in each of the pure solutions

with the same effective ionic strength as the mixture were obtained from

Equation 67 with the appropriate set of constants inserted into it. These

total molal activity coefficients were converted to the molar scale by the use

of Equation 64 and the free activity coefficient of each electrolyte was then

calculated in its pure solution. The total activity coefficient of each electro-

lyte in the mixture was calculated from the free activity coefficients by means

of Equation 1. These total activity coefficients were converted to the rnolal

scale. All of the activity coefficients that we will now examine were obtained

by this procedure.

2. Solutions with Two Solutes

We tabulated a number of total activity coefficients calculated in mixtures

of two electrolytes. 1

We have expanded the earlier compilation and the results

are presented in Table 14. Representative experimental data are also included

in Table 14 are also included. The total ionic strength of all of the solutions

in Table 14 is 1.000 on the molal scale. The root mean square difference

between the experimental results and the activity coefficients that we ha'ie

calculated is 2.0%. This difference is close to the combined errors of the

calculated activity coefficients and the experimentally measured ones. The

calculated activity coefficients have uncertainties of less than ±1% for erroirs
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Table 14

Total activity coefficients for a number of systerris of two electrolytes. The
total ionic strength on the niolal scale is 1. 000 for all solutions. The activity
coefficients of each component have been calculated in a mixture where the
concentration of the component is 0. 0001 rn. The total activity coefficients
have become a constant at this concentration and show the greatest deviation
from their value in their pure sol.utions at the same total ionic strength.

System A B Source of
A/B T Caic exp Caic T exp

HC1/NaC1 .764 .767 .684 - 59

HC1/KC1 .712 .720 .663 - 60

HC1/MgC12 .725 .729 .519 - 61

HC1/CaC12 .714 .714 .489 - 61

NaC1/KC1 .622 .623 .636 .620 41

NaC1/MgCl2 .650 .682 .484 .476 73

NaCl/CaC12 .643 .671 .460 .453 74

NaCl/Na2SO4 .577 . 592 - . 344 75

KCl/MgCl2 .636 .649 .446 - 76

KC1/CaC12 .628 .639 .428 .426 77

l(Cl/K2SO4 .553 .559 - - 76

MgC12ICaC12 .465 .466 .460 .461 78
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of 10% in the association constants, while most of the total activity

coefficients of electrolytes determined experimentally are also uncertain by

at least one to two percent. This agreement shows that the assumptions used

in our model are correct.

The total activity coefficients of NaC1 and KC1 that have been calculated

in mixtures of these salts by means of our model have been plotted in Figure 10.

The calculated points lie along a straight line, in accord with Harned's rule.

We also plotted total activity coefficients determined experimentally in this

system. The maximum differences between our calculated total activity

coefficients and the measured values, which occur when each component is

present in trace amounts are 0.016 (2.6%)for KC1 and 0.001 (0.2%) for NaCl.

The error inour calculated activity coefficients is U. 7% in this system for

errors of l0% in the association constants. The error in the results of

Rush and Robinson is not stated but is probably also near i%.' The

differences between the NaCl activity coefficients of the two sets of data is

within the uncertainty of the data, while that of KC1 is slightly greater only

when small portions of KC1 are present in 1. 0 m NaCI.

Another system of interest is NaC1-MgCl2. Activity coefficients in this

8ystem have beer determined by bur different groups, all at a total ionic

strength of 1. 000. We have compared our calculated results based upon

measurements in simpler solutions with the experimental measurements in

Figure 11. Some of the largest differences between our calculated total

activity coefficients and experimen1 measurements occur in this system.

As an example, our trace activity coefficient of NaC1 is 0.650 while the
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experimental results range from 0. 667 to 0. 688. The differences between

the various experimental results are, however, as large as the difference

between 0. 650 and 0.667. Our calculated value for the trace activity coefficient

of NaC1, therefore, seems to be systematically low. However, the scatter in

the experimental data is so large that the systematic error may be as small

as 2% or as large as 5%. The error in the MgCl2 activity coefficient in this

system is only 1.7%.

The largest differences between our calculated total activity coefficients

and those determined experimentally occurs in systems such as NaC1-MgC12,

where one electrolyte is 1-1 and the other is 1-2. One possible explanation

for this discrepancy is a difference in the dielectric constants in solutions of

MgC12 and in NaCI. However, the bulk dielectric constants in solutions of

0. 8 m NaC1 and 0. 333 m MgC12, both of which have the same effective ionic

strength, are 74. 3 and 74. 82

Another possible explanation for the large error in mixtures of eJ.ectro-

lytes having different charge types is the formation of triple ions such as

MgC120. In solutions such as rziixtures of MgC1 and CaCl2, the formation of

triple ions should cause even greater errors but Figure 12 shows this is not

the case. The predicted activity coefficients are very close to the measured

values in MgC12 , CaC12 mixtures.

The most likely explanation for the discrepancies in the activity

coefficients in mixtures of ions having different charges is the differences in

the degree of hydration in these solutions. Stokes and Robinson have shown

that hydration has a- significant effect on activity coefficients. 84 If this
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isopiestic measurements of Robinson and Bower.
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surmise is correct, our effective ionic strength principle must also include

a correction for hydration. However, the general good agreement of our

results with experimental ones suggests that this may not be a major factor.

3. Seciation and Activity Coefficients in Sea Water

We shall now use our model to calculate the speciatiori in an artificial

sea water which contains Na4, K4, Mg24, Cafl, C1 and S042. These six

ions make up greater than 99% of the tota1 components present in sea water

and, therefore, any predictions made from this simplified model of sea

water should correspond rather closely to the actual properties of sea water.

The stoichiotnetric association constant of CaSO4° has not been measured

by the method we presented in Section Ill due to its low solubility. We have,

therefore, estimated its value by the equation

*

KCaSO KMgSO Kcaso4Mgso4 = Kg50 200/181 (82)

The only assumptions involved in using this equation are that the free activity

coefficients of MgZ+ and Ca2+ are equal and that the activity coefficients of

the ion pairs are equal. This assumption is supported by the results shown

in Figure 9. The thermodynamic association constants used in this equation

were taken from the tabulation in Nancollas. '71 (It should be noted that the

values for MgSO4 and MnSO4 are reversed iii the tables.)

Our calculation of the speciation and the activity coefficients were made

by the same procedure discussed for solutions with two solutes. The results

of the speciation calculations are shown in Table 15. The speciati.on shown



101

Table 15

+ 2+The speciatiori in an artificial sea water containing Na , K, Mg ,

2+
Ca , Cl

and S042. The total ionic strength is 0.72 while the effective ionic strength

is 0.5277 M. The stoichiometric association constants are; Kcj = 0.345,
iylgCl = 1.91, Cl = 2.32, .i<ci 0.479, NaSQ 9.83, gSO4 = 41.7

!,CaSO4 = 47.9, iso4 = 11.95. All concentrationsti the table are in rnolality.

Cation Total % Free % M-Cl % M-SO
Molality

Na+ 0.4822 82.97 13.31 3.72

MgZ+ 0.05489 48. 14 42. 71 9. 16

0.01063 43.54 46.93 9.53

0.01062 78.28 17.45 4.27

Anion Total % Free % Na-X % Mg-X % Ca-X % K-X
Molality

Cl 0.5657 83.31 11.34 4.14 0.88 0.33

SO42 0.02906 15.91 61.75 17.30 3.49 1.56
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in Table 15 is markedly different than that in Tables 3 or 5 where the asso-

ciation constants had been determined by assuming there was no chloride

association. For instance in our model 61.9% of the S042 is calculated to

be present as NaSO4 while Pytkowlcz and Hawley found only 37. 1%. Of

course, the greatest difference is in the free concentrations of the ions,

which have dropped markedly because of the formation of Cl ion pairs.

In order to test the accuracy of this model we may calculate the total

activity coefficients of the electrolytes and compare the values with experi-

men.l measurements. The calculated values are shown in Table 16 along

with the available experimental values. These total activity coefficients were

all obtained by the same procedure that we outlined earlier, with the exception

of the values for MgSO4 and CaSO4. The free activity coefficient of Mg504

was obtained from the equation

3
±Mgcl.F ±K2SO4 F

MgSO4,F (
4

(83)

The total activity coefficient was then calculated using Equation 1. A similar

procedure was used to obtain the CaSO4 value. With the exception of the

value obtained experimentally for Na2SO4, which has a rather large uncertainty,

the agreement is about 1% in every case. This good agreement certainly lends

confidence in our results. In latter sections we shall examine other predictions

based upon this model which also show good agreement with experimental data.
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Table 16

Comparison of total mean activity coefficients (molal scale) obtained from
our ion association model (column a), from a specific interaction model
(column b), 87 and from the cluster integral model (column c). 88 Experi-
mentally measured values are also included. The sources of the experimental
values are NaC1, 39,85 Na2SO4, 86 KC1 and K so 8

Salt

a b c exp.

NaC1 0.661 0.667 0.669 0.6680.003

0.672±0. 00785

KC1 0.642 0.648 0.639 0.645±0.007

MgC12 0.467 0.473 0.467 -

CaCl2 0.458 0.463 - -

Na2SO4 0.354 0.373 0.363 0.378O.O16

K2SO4 0.351 0.358 0.345 0.352±0.018

MgSO4 0. 155 0. 167 0. 158 -

CaSO4 0. 150 0. 161 - -
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Table 16 also shows the results 3f calculations of activity coefficients

in sea water by means of the specific ion interaction model and the cluster

integral model. 87, 88 These models also show good agreement with the

experimental activity coefficients and with the values obtained from the ion

association model. We feel that in this case, however, the ion association

model provides a more comprehensive picture of the structure of the solution.

For example, Fisher has shown that 9. 2 of the MgZ+ in sea water must be

in the form of sulphate ion pairs in order to explain the anomalous ultrasonic

adsorption of sound in sea water. 89 This is exactly the percentage that we

calculate to be present. The cluster integral model and the specific inter-

action model, however, provide no mechanism by which the sound adsorption

in sea water can be explained.

The results we obtained for sea water speciation may also be checked

by comparing the solubility calculated for gypsum in sea water from our

model with the so].ubility of gypsum measured in seawater. The thermodynamic

solubility product of gypsum is (2. .57 o. i x J0. 90 We calculate the total

activity coefficient of CaSO4 in sea water saturated with gypsum to be 0. 146.

This value was calculated from the same sea water solution discussed earlier,

with an additional 0. 0206 m CaSO added to the formula to allow for the

change in composition when gysum is dissolved. Dividing the thermodynamic

solubility product by the total activity coefficient of CaSO yields
4 gypsum

*
(1.21 ± 0. 12) x 10 , where K is the product of the total concentrationsgypsum

of Mg and 504. The value measured in sea water is 1.62 28 The

agreement is good considering the additional errors in the calculated

total activity coefficient of CaSO4 and the error in the experimental value of
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*
K measured in sea water.gypsum

B. Activity Coefficient of the Solvent

As a further test of the ion association model we will interpret the

activity coefficient of water in terms of the ion association concept. The

activity coefficient of a solvent is defined to be

a
f w
wX

w
(84)

where, in our case, X is the mole fraction of water in a solution and aw w

is its activity. The mole fraction of water is defined in terms of the

concentrations of ionic species in solution

55.51
w 55.51 + Z (1) (85)

where the summation extends over the individual ions rather than over the

electrolytes. If ion pairs are formed then the free concentration of each ion

plus those of the ion pairs should be used in Equation 85. For example, the

mole fraction of water in 1. 000 m NaC1, which has a free ion concentration

of 0. 8262 in, is

x 55.51
w 55.51 + (0.82ô2)2 + (1 - 0.8262) 0.9681 (86)



106

We will now consider two approaches by which the activity of the solvent

may be obtained from our ion association model.

The activity of water is related to that of any of the solutes by the cross

differentiation relations

lna lna.
ft Ji w jw

Expressions of this type may be used to determine the activity coefficients of

salutes in a mixture if measurements of the activity of the water in the mixture

are available as discussed by Platford Chapter 00), or one can determine the

activity of the solvent in a mixture using Equation 87 and the activity of one

solute. As an example, Harned has done this by using experimentally measured
-

91activity coefficients for the system HCI-NaCI. We have not done such

calculations at this time. We do note, however, that in cases where our

calculated activity coefficients agree with, those determined from the vapor

pressure of a solution the Osmotic coefficient calculable from our activity

coefficients will agree with experimental ones.

There is a second and simpler approach which, although not as rigorous,

may be used to determine the activity coefficients in mixtures. One may

simply assume that the free activity coefficient of water, defined in terms of

the free concentrations of each specie in solution is a function only of the

effective ionic strength.

This assumption, while certainly not rigorous, does appear to be a
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reasonable first approximation in light of the evidence shown in Figure 9.

LI the free activity coefficient of water was a function only of the effective

ionic strength, then the curves of free activity coefficients of all electrolytes

would have to show the same shape due to the restrictions imposed by the

cross differentiation relationship, Equation 87. The similarity of the curves

for univalent electrolytes indicates that the activity coefficient of water in

these solutions may be similar, at least at ionic strengths less than 0. 6.

The activity coefficient of water may then be determined in a reference

solution as a function of the effective ionic strength. These reference values

can be used to obtain the activity of water in any other solution whose effective

ionic strength is known.

There is one additional difficulty with this approach. The actisity

coefficient of water depends upon the concentration of free water in a solution

as well as upon. the effective ionic strength. Just as the experimentally

measured activity coefficients of ions must be corrected for ion association,

the experimentally determined activity coefficient must be corrected for the

degree of association of the solvent with the solute. The activity coefficient

of water, if uncorrected for the amount associated with the solutes, can be

considered to be constant only in solutions where the hydration numbers are

constant.

With these reservations in mind we have used the jon association model

to calculate free activity coefficients of water. These calculations were made

in solutions containing only one solute and the activity of water was obtained

from tabulations of the osmotic coefficient72 The activity may be calculated
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from the osmotic coefficient using the relation

-QV.Ci) T
ma = (88)w 55.51

where is the osmotic coefficient and \ is the number of ions in the electrolyte.

The results of these calculations in single component solutions are shown ir.

Figure 13.

There is good agreement in the general trend of the results obtained for

all, of the electrolytes. The free activity coefficient reaches a maximum of

approximately 1. 0025 near an effective ionic strength of 0. 25 and then begins

to decrease to values below one. The decrease in the free activity coefficient

in the presence of HCI. is stronger than that for the other salts. The amount

of hydration in a solution of HC1 is expected to be much larger than in a NaC1

solution for example, which explains this discrepancy. The free activity

coefficient of water in solutions of NaCi and KCl are in excellent agreement

with each other over the whole range of effective ionic strengths examined.

Evidently the degree of hydration is not very different in these solutions.

We selected the free activity coefficients of water in NaCI. solutions as

our references and have used these results to calculate the osmotic coefficients

of a number of electrolyte solutions for which experimental results are

available, The results are shown in Table 17. The agreement between the

calculated osmotic coefficients in mixtures of NaCI. and KCI, or in KC1

solutions is very good. The agreement is not as good in other solutions.
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Figure 13. The activity coefficient of water determined in pure solutions of

a number of electrolytes. The activity coefficient was calculated by taling

ion association into account when the mole fraction was determined. The

osmotic coefficient data used to calculate the activity of water came from
72Robinson and Stokes.



110

Table 17

Osmotic coefficients calculated in a number of different solutions. The
activity coefficient of water was interpolated from the data in Figure 13 for
NaC1. The mole fraction of water in each solution was determined using the
ion association model. The osmotic coefficients measured in pure solutions
were obtained from Robinson and Stokes. The osmotic coefficients in the
NaC1, KC1 mixtures were obtained from Robinson. 92

Electrolyte A (A) Electrolyte B (B) 0
caic

0measured
KCI 1.000 - 0.893 0.897

KC1 0.7731 NaC1 0.2780 0.903 0.905

KC1 0.4762 NaCI 0.5638 0.915 0.915

KC1 0.2347 NaCI 0.7945 0.926 0.925

KC1 0. 500 - 0.900 0. 899

MgC12 0.300 - 0.872 0.895

MgCl1 0.200 - 0.867 0.877

Cad2 0.300 - 0.883 0.876

CaC12 0. 200 - 0. 846 0.862
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This should be expected, however, since divalent catiozis such as MgZ+ will

have a much stronger effect upon the solvent than will univalent cations. It

appears that greater accuracy is to be obtained by means of a method based

upon Equation 87.

The osmotic coefficient of the artificial sea water whose speciation is

shown in Table 15 has been calculated by the above method. The mole

fraction of water in this solution is 0.9817 when ion pairs are taken into

account. The free activity coefficient of water in a pure NaC1 solution at

the same effective ionic strength as the sea water is 0. 99977. The activity of

water is, therefore, calculated to be 0. 9815 in sea water. This corresponds

to an osmoti.c coefficient of 0. 900. The observed osmotic coefficient of sea
- 93water having a total ionic strength of 0. 72 is 0. 906..

C. Conductance of Solutions

Measurement of the equivalent conductance of mixtures of electrolytes

ha.s been used in the past as a method for obtaining ion association constants.

In this section, we will attempt to show that our ion association model can

provide fair estimates of the conductivity of aqueous mixtures of univalent

electrolytes. We will not consider asymmetric electrolytes such as MgC12

at this point because we have no means to estimate the conductivity of charged

ion pairs.

We have calculated the conductivity of mixtures of univalent electrolytes

by assuming that the measured conductaice is equal to the summation of the

conductivities of the free ions present in solution. Furthermore, we have

assumed that the conductivities of the free ions depends only upon the effective
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ionic strength of a solution, and that ion pairs with zero net charge do not

contribute to the electrical conductivity. 24

If these conditions are correct, the equivalent conductance of an

aqueous mixture may be estimated in the following manner.

The composition of the mixture was specified in terms of the molality

of each component. The speciation and effective ionic strength in the mixture

was then calculated by the same procedure that was used to find activity

coefficients in mixtures. The total molarities of pure solutions of each

electrolyte which was present in the mixture were also calculated at the same

effective ionic strength as that of the mixture. The equivalent conductivities

of these pure solutions were then found from literature data. 95, 96 The

Lagrangian formula was used to interpolate data from the literature sources.

The free equivalent conductance of these pure solutions was then obtained

from Equation 10. The free equivalent conductance of the mixture was then

calculated using the fraction of each electrolyte that was free in the mixture

and the free equivalent conductance of that electrolyte at the effective ionic

strength of the mixtur

Z[i]'. A::P
L --

I'

The total equivalent conductance was calculated from the equation

(89)
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Am = A

n-i 1.
(90)

tnn

Our results for a number of solutions are given in Table 18. Experi-

mental results for mixtures of HC1, KC1 and NaC1 are also included. The

calculated values of the conductivity contain an error of approximately 0. 1%

for a corresponding error of 10% in the association constants. The measured

conductivity values are probably accurate to 0. 2%. Our calculated values

are within 0. of the experimental conductivities except for NaC1-HC1 solutions

for which the differences exceed 1%. This agreement supports the ion asso-

ciatiori model and again suggests that it can be used to determine the properties

of multicomponent solutions. One should note that conclusions based on

transport properties are better indicators of the merits of a theory than

those based upon coUigative properties as the latter are not as selective a

test. A theory based upon thermodynamics can predict only equilibrium

properties of the solutions, whereas one w1-ich correctly predicts the structure

of the solution should also yield nonequilibrium properties.

V. THERMODYNAMIC ASSOCIATION CONSTANTS, COMPARISON WITH

THEORY

A. Thermodynamic As sociation Constants

In this section, we will examine the results that are obtained when the

stoichiometric association constants are extrapolated to infinite dilutian.
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Table 18

Results of the calculation of the equivalent conductivity of mixtures of
univalent electrolytes. The error in. the calculated conductivity corres-
ponding to an uncertainty of ±10% in either association constant is about 0. 1%
The experimental results were obtained from Ruby and Kawai.

Electrolyte A A)T Electrolyte B (B T A1 1measured
NaCI 0.800 KC1 0.200 91.3 91.14

NaC1 0. 600 KC1 0.400 96.6 96. 24

NaC1 0.400 KC1 0.600 101.8 101.54

NaC]. 0.200 KC1 0.800 107.0 106.88

HC1 0.800 KCI 0.200 290.5 291.07

HC1 0.600 KCI 0.400 246.9 247.82

HC1 0.400 KC1 0.600 202.6 202.38

HC1 0. 200 KCI 0.800 157. 7 157. 23

HC1 0.800 NaC1 0. 200 284.5 283. 19

HC1 0.600 NaC1 0.400 235.3 232. 12

HC1 0.400 NaC1 0.600 185.8 182.07

HC1 0.200 NaCI 0.800 136.0 132.98
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These results will be compared with values calculated from the Fuoss theory

of ion association. The thermodynamic association constants that we obtain

will be used to calculate the activity coefficient of the ion pairs as a function

of the effective ionic strengtb.

The thermodynamic association constants of HC1°, NaCL°, and KC1° r.ay

be obtained by two different procedures. The stoichiometric association

constant may be extrapolated directly to infinite dilution. The intercepts of

Equation 68 at zero effective ionic strength will, therefore, give one estimate

of the thermodynamic association constants. The zero intercepts yield the

values
HC1 = 0.308, NaCl = 0.584, and

KC1
= 0.612. These extrapolations

must be viewed with caution, however. The stoichiometric association constant

depends upon the quotient XC FZA F/IcA and we can see from Figure 9 that

the greatest changes in X occur at effective ionic strengths less than

0. 1 for any electrolyte CA.

We may eliminate the effect of the activity coefficients of the free ions

from the extrapolation by dividing the stoichiometric association constant by

the free activity coefficients. If this is done, we obtain the quantity KCA/XCAO

where the activity coefficient of the ion pair. This quantity is plotted

in Figure l4as a function of effective ionic strength for HCI, MaCI and 1<C1.

The slopes of these curves are not significantly different from plots of the

stoichiometric association constant, but the zero intercepts have changed

quite a bit. The new estimates of the thermodynamic association constants

of HC1°, NaC1°axid I<Cl°obtained from the zero intercepts of these plots are

0. 523, 0. 927, 1. 01, respectively. A close inspection of Figure 14 shows,
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Figure 14. The quantity K/(y1
F'

is plotted against effective ionic

strength, for MX HC1, NaC1, and l(Cl. The open circles are data for HC1,

Xts are NaC1 data and triangles are KC1 data. The lines were extrapolated

to zero ionic strength using only the points atl greater than 0, 2.
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however, that the data points are beginning to fail below the straight lines at

effective ionic strengths less than 0. 2. This would indicate that the true

intercepts lie somewhere between the values obtained as the zero intercepts

of Equation 68 and the values obtained from a linear extrapolation of

to zero I. The exact values o.f the thermodynamic ion association constants
0 o oof HC1 NaC1 and KCI cannot be located more precisely with the experimental

measurements that are now available.

B. Fuoss Theory of Ion Association

Kester and Pytkowicz have used the Fuoss model of ion pair formation

in order to calculate theoretical values for the stoichiometric association

constants of ion pairs in sea water. 8 They found very good agreement between

the values they calculated and stoichiometric association constants that had

been measured experimentally. This good agreement suggests that the Fuoss

theory may be used to conlirm that the range of values of the thermodynamic

association constants we have obtained are accurate. We will begin now by

examining the theory briefly, and we will then examine its predictions.

As we mentioned earlier, Fuoss required that ions be in contact in

order to overcome the deficiencies in the Bjerrum theory of ion association. 19

The following artifice was used to ensure that only ions in contact were counted

as pairs. Fuoss assumed that the cations could be represented as charged

spheres with a radius a = a + a .- where a and a represent the radii of the
0 a c a c

anion and cation respectively. He further assumed.that the anion could now

be treated as a point charge. The only anions which are ion paired are those

which lie within a distance a of a cation. All other anions are free. Theo
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actual concentration of ion pairs in solution i, therefore proportional to the

volume occupied by the free cations in solution N v where N is thec,7c c,F
number of free cations and v is the volume occupied by a cation, 4/3 iT a3

The number of ion pairs also depends upon the energy of interaction

between the cation and anion. Fuoss assumed that the energy was strictly

coulombic. and that it was the same as that derived from the Debye-Huckel

theory for two ions separated by a distance a

I 2z z leLCao
c(1+Ka ) (91)o -0

1/K is the radius of the ionic atmosphere and is given by

28iie NI
(92)

Fuoss further assumed that the excess number of ion pairs that form over the

number expected simply from a consideration of the volume occupied by the

cations could be obtained from the Boltzmann distribution function. If this is

the case, the number of ion pairs (Nw) in solution is given by the equation'6

N (93)

where V is the total volume, and is the number of free ions.
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The stoichiorrietric association constant is then given by16

* (ip/l0O0!:) 4rrN
3 U/KTK=

(NFJ1000 NV)2 3000 e - (94)

In the limiting case of infinite dilution where all activity coefficients are equal

to unity, this equation can be shown to reduce to the following form16

41yN z 'e 2/eaKT
K o 3 [a c o oa e (95).- 3000 o

Thus the thermodynamic association constant obtained from the Fuoss theory

depends only upon one parameter, the sum of the radii of the two ions forming

the pair. This expression is valid for ions of any charge.

One logical choice for a is the sum of the crystal. radii of the cationo
and anion. However, as we discussed earlier, our results indicate that in HC1°,

and probably NaC1° and KC1°, the ions are separated by at least one solvent

molecule. If the cation or anion is hydrated, then the value of will have to

be increased to account the greater separation of the ions.

The diameter of a water molecule determined in bulk solution is

approximately 2. 76 It is by no means clear, however, how close an

anion may approach a hydrated cation without displacing the water in the

first hydration sphere. In the intense electrical fields around a cation, an

anion will most likely approach somewhat closer than 2. 76. In Table 19
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Table 19

Calculation of the thermodynamic association constant for various uni-
univalent ion pairs by means of Equation 95. The values of the crystal radii
are from MiUero. The observed range of values of K obtained in this section
are given for comparison.

Ion Pair Crystal K
Radius (A)

a a =a a =a +1.38 a =a +2.76 Observedc o c o c o c
HC104° 3.67 0.87 1.34 2.04 1x107

HC1° 3.19 0.77 1.15 1.77 0.31-0.52

NaC1° 2.76 0.71 1.01 1.55 o.580.93

KCI° 3.14 0.76 1.13 1.74 0.61-1.01
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we have used Equation 95 to predict the thermodynamic association constants

for HC1040, HCI°, NaCX°, and KCI°. The calculations were made for the

cases where the ions were in contact or were separated by various distances.

The experimental results are shown for comparison..

The Fuoss theory seems to account well for the observed thermodynamic

association constants of NaC1° and KC1° if the ions are in contact or are

separated by no more than 1.38A. This would indicate that the NaCI° and

KC1° ion pairs are either contact ion pairs or the ions are separated by no

more than one water molecule, which would be somewhat distorted. The

agreement between the values calculated for HC1° is not as good, however,

and the value obtained for HC1O4° is nowhere near the value we have assumed

to be the correct one. We feel this disagreement can be explained by a close

examination of the Fuoss theory and the effects of soivation on the radius of

ions.

A curious result of the Fuoss theory is that it predicts a minimum
100possible association constant for ion pairs. We have plotted in Figure 15

the thermodynamic association constant calculated for ion pairs of univalent

ions from Equation 95 against values of a . At small values of a increases.o o
However, at a value of a equal to 2. 38 A the association constant reaches a

minimum value of 0. 68. Beyond this value the association constant begins to

increase again as a increases. This increase beyond the minimum value is

due to the term a3 in Equation 95. As the volume occupied by the cation

increases in the Fuoss model the probability of an anion being in that volume
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Figure 15. The thermodynamic association. constant calculated from the Fuoss

theory of ion association for a uni-univalent ion pair, plotted against the

adjustable parameter a
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must also increase. The total number of ion pairs in the system and the

association constant, therefore, increase with large a.
As the value of a increases, the separation of the positive and negative

charges also increases. When a reaches some value a the ions will noo maX

longer act as a single dipole but again become electrically equivalent to

separated ions. Ions separated by distances greater than a should nomax
longer be considered as ion pairs since they will affect the properties of the

solution in the same manner as free ions. The concentration of effective ion

pairs should, therefore, reach some upper limit as a increases and the

measured equilibrium constant would decrease fr values of larger than

amax

The effects of hydration will play an important role in determining just

how close the cation and anion may approach each other. Frue has shown

that for small cations, the potential energy of interaction of the cation and a

dipolar solvent may be greater than the interaction energy of the cation and

anion. 101 This is especially true if the cation is small and the anion large

(or vice-versa). When this occurs, the cation will remain hydrated and the

anion cannot approach closely as it cannot displace the solvent. Based upon

considerations such as this, Prue concluded that when the size difference of

the cation and anion is large, then the association constant will be small. 101

This discussion, although highly qualitative does seem to account for

the association constants that we have observed. Evidently the solvent is

oriented so strongly around the proton that C104 cannot perinetrate close

enough to form an effective ion pair. This would be true to a lesser degree
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for Cl since it is somewhat smaller. In the case of NaCX° and KC1°, the

solvent is not held tightly enough to prevent the Cl anion 1r31n displacing

some of the solvent separating the ions. The Fuoss theory, therefore,

provides only an accurate association constant for these latter two ion pairs.

C. Activity Coefficient of Ion Pairs

The activity coefficient of an ion pair may be estimated from the

thermodynamic and the stoichiometric association constants and the free

activity coefficients of the ions. If these quantities are available, then the

activity coefficient is

MX XM,F ZX,F
(96)

MX

In Table 20, we have calculated the activity coefficient of HC1°, NaC1° and

I(C1° over a range of effective ionic strengths. The maxiznurn and minimum

estimates of the thermodynamic association constants discussed earlier, and

their average were used in these calculations. The uncertainty in all of the

calculated activity coefficients is 2.5%, which corresponds to the uncertainty

in K.
Although the possibility of a large systematic error exists in the results,

we may draw a few general conclusions from the results. All of the ion pair

activity coefficients show a small decrease a low ionic strengths, though this

decrease is less than the uncertainty and may not be real. The increase with

effective ionic strength is a real trend, however. Thus, at high concentrations,
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Table 20

The activity coefficients of the ion pairs HC1°, MaC1°, and KC1° are presented.
The activity coefficients were calculated for three possible values of each
thermodynamic association constant, the maximum and minimum values
discussed in the text and the average of these values. The value of the
thermodynamic association crtstant used i8 given at the top of each column
of activity coefficients.

.! 1
HC1 NaC1 KC1

K= 0.308 0.416 0.523 0.584 0.756 0.927 0.612 o.811 1.01

0 1 1 1 1 1 1 1 1 1

0.1 0.734 0.995 1.25

0.2 0.806 1.07 1.34

0.736 0.953 1.17

0.781 1.01 1.24

0.4 1.01 1.36 1.71 0.952 1.24

0.6 1.33 1.80 2.25 1.18 1.53

0.8 1.78 2.40 3.01 1.4 1.88

1.50

1.87

0.689 0.914 1.13

0.689 0.913 1.14

0.760 1.00 1.25

0.864 1.14 1.42

2.31 0.986 1.30 1.63
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the ion pairs begin to be sal1ei out. This is the general result found with

neutral solutes in solution.

We may also estimate the activity coefficient of neutral ion pairs from

our MgSO4 association constants. The activity coefficient of MgSO4° may be

estimated by the same procedure discussed above. As we have not obtained

an estimate of the thermodynamic association constant of

we shall use the value cited by Nancollas, l<M = 181.71 At an effective
g

ionic strength of 0. 53 the calculated activity coefficient of MgSO4° is 0. 95.

The free activity coefficient of MgSO4 was obtained by the same method used

for the sea water model. This result is somewhat lower than that obtained

for the ion pairs of univalent ions.

There does appear to be a trend in the value of the ion pair activity

coefficient with the value of the stojchjorrietric association constant. As
*

K becomes greater, the activity coefficient of the ion pair seems to decrease.

These results are in general agreement with those found by Reardon and

Laugmuir.42 They obtained the activity coefficients of MgCO3° and CaSO4

by essentially the same procedure discussed here, although they ignored

chloride association and used the mean salt method to find the free activity

coefficients of ions. They found that the activity coefficients of the ion pairs

could be described by the equation

= (97)

where b has the values 0. 63 and 0. 45 for Mg CO3° and CaSO40, respectively.
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The thermodynamic associaticn constants for these two ion pairs are
MgCQ

=

691 and = 204. The activity coefficients of the ion pair with the

largest association constant is also the smallest in their work. Unfortunately,

0 0we cannot compare our MgSO4 value with their results for CaSO4 because of

the differing assumptions which were made,, and the small amount of data

available to us. Kester and Pytkowicz have also found a small value of 0. 8

for the activity coefficient of MgSO40, which is in fair agreement with ours. 8

These results are in qualitative agreement with the theory of the activity
- . 102coefficients o dipoles developed by Kirkwood, as cited by Reardon and

Langmuir. The theory predicts that the activity coefficient of a dipole will

be governed by an equation similar to 97, and that the value of the coefficient

42b will lie in tne order b )- b > b . A- MgCO3 CaSO4 uni-uruvalent ion pairs
more quantitative agreement would not be expected since the model is based

upon the Debye-Huckel theory which breaks down at high ionic strength.

VI. SUMMARY

The ion association model that we have presented in the latter seclions

of this chapter is a useful method for calculating the properties of multi-

component solutions from the properties of the single component solutions of

which the mixture is composed. This model is particularly attractive because

of the detailed mechanism it uses to explain the properties of the electrolyte

mixtures. This mechanism, since it is not based completely upon thermo-

dynamic laws, allows the model tobe used to predict noriequilibrium

properties of solutions such as sound attenuation and conductivity. Although
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none of the principles that were used in the model are completely new, we

have combined them in a manner which eliminates many of the assumptions

and contradictions inherent in earlier ion association models. The net

result is a model which seems to provide an accurate picti.Ire of the properties

of aqueous electrolyte solutions.

There is a great deal of work which may now be done with this model

to further our understanding of the processes which occur in complex solutions.

One obvious application of this model is to use it to study the solubility of

carbonate minerals in sea water. This is one area where a large amount of

experimental work has been done, however, the results remain confusing. It

is not clear what the solubility of calcium carbonate is in sea water due to

kinetic and other problems. It should be possible to calculate the solubility

with an accur.cy of better than 10%. The model could also be used in

physiological studies and for natural water systems other than sea water.

Furthermore, there is no reason to limit it to aqueous solutions. Ion association

models should prove equally useful in organic solvents.
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ABSTRACT

The stoichiometric association constants of the cations Li, Na.
+ + + + 2+ 2+ Z--K Cs , NH4 , Me4N Et4N, Mg , Ca , Sr Ba and

Mn2 with Cl have been calculated in aqueous solutions at 25 C by

means of potentiornetric measurements that have been reported in

the literature. The measurements were made in most cases over a

range of effective ionic strengths from 0. 09 to 0. 75. The stoichio-

metric association constants were extrapolated to zero ionic strength

and the following thermodynamic constants were obtained:

Ion Pair Ion Pair KMC1 ton Pair

LiC10 0.62 NH4C1° 1.23 CaCI+

NaC1° 0. 89 Me4NCL° 2. 1 SrC1+

KCI° 1. 16 Et4NC1° 1. 9 BaCL+ 5 7

CsC1° 1. 6 MgCI4' 4. 1 MnCI+ 5 7

These thermodynamic association constants show a fair agreement

with values determined by conductivity. A strong correlation was

found between the sum of the crystal radii of the associated ions and

the thermodynamic as sociation constant.

The stc?ichiometric association constants were used to calculate

the free concentrations of cations in pure solutions of their chlorides

for molal ionic strengths ranging from 0. 1 to 1.0. Up to 55% of the

cations in 2-1 electroLytes and 35'o of the anions in 1-1 electrolytes
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may be present as ion pairs.

KEY WORDS; Ion association: alkali chlorides: alkaline earth chior-

ides; quaternary ammonium. chlorides; manganese chloride; aqueous

solutions; activity.



1M4

1. INTRODUCTION

A fraction of the cations and anions in solutions of strong

electrolytes are expected to be in contact at any one time due to the

coulombic interactions of the ions. This concept was introduced

theoretically by Ejerrurn and modified by Fuos. Recently, the

existence of these ion pairs in solutions of strong electrolytes has

been demonstrated experimentally by means of conductivity measure-

ments. However, the precision of the results obtained from

conductivity measurements is generailv poor for weakly associated

electrolytes. Furthermore, the application of association constants,

which have been measured in dilute solutions to the concentrated

solutions of interest to us is complicated by the choice of activity

coefficients to be used in calculations.

These considerations led us to examine ion pairing in strong

electrolytes by an independent method which would give stoichiometric

association constants directly in concentrated slutions. We recently

used a potentiotrietric technique to determine the stoichiometric

association constants of HC1°, MaC1°, KCI°, MgCI+, and CaCl+ in

aqueous solutions at 25 C. The stoichiornetric association constant,
(m-x)+K or a generic ion pair MX is defined as

{Mm+;F [Xx1F
(1)
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where the brackets indicate molarity and the subscript F refers to

the free or uncornplexed portion of the ion. The results of our

studies have shown that stoichiometric association constants are

independent of the types of ions present in a solution and that they

depend only upon the effective ionic strength. ( 11) The effective

ionic strength, 'e' is the total ionic strength corrected for ion

association and is defined as

I = + Z[piz (2)e 21 1 p p

where the first summation is over the free ions and the second ectends

over the ion pairs.

The results of the above study indicate that significant amounts

of ion pairs form in solutions containing these ions. Thus, both

potentiometric and conductivity measurements demonstrate the presence

of chloride ion pairs in solutions of strong electrolytes. We believe,

in light of these results and because of the lack of any compelling

evidence for complete dissociation, that the most accurate models of

solutions of strong electrolytes should include ion association equili-

bria. The purpose of this paper is to report additional values for the

stoichiometric association constants of alkali, alkaline earth, quater-

nary ammonium, and manganese cations with chloride ions. These
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stoichioinetric association constants may be used to predict prooerties
(9, 10)of electrolyte mixtures.

Our technique for measuring the stoichiometric association

constant of a cation with chloride requires only the measurement of

the activity of HC1 in a solution with the chloride salt of the cation and

is fully described elsewhere. 10) The same svnibojs arid termino-

Logy used in our earlier paper9 will be adopted here. It is not

necessary for us to assume specific values for the activity

coefficients of the free ions (free activity coefficients) in our method,

but only to assume that the free activity coefficients are a furictiori of

the effective ionic strength alone, and that ion selective electrodes

respond orily to free ions. As a result ion pairs are defined operation-

ally as any species to which an ion selective electrode does not respond.

The measurement of the activity of HCI in aqueous mixed

electrolyte solutions is a fairly common measurement which has been

made with a high degree of accuracy for a number of systems. We

have used the results of many studies, which have been reported in

the literature, in order to calculate the stoichiometric association

constants of chloride ion pairs with the following cations at 2.50 C; Li+

Na+, + Cs+, NH, (CH3)4N+, (CH3CH2)4N, Mg, Ca", Sr2,
Ba2, and Mn. The accuracy of the results obtained by our method

has been tested by using them to calculate activity coefficients in

multicomponent solutiøns, solubility of minerals, and the effects of
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0 (9,10)ultrasonic absorption by MgSO4 ion pairs.

In order to apply our equations, all concentrations and activities

reported in the Literature must be converted to the molar scale. The

molaritv scale is used because I is best defined in terms of the

amount of charge per unit volume of solution, and because

activity coefficients are independent of the effects of hydration on this

scale. (IZ) The same procedure that we described earlier was used

to determine the densities of mixtures, which are needed to change

concentration scales. Densities of pure solutions were estimated

from the eQuation

p=a+bI (3)

where is the molal total ionic strength. The constants a and b are

listed in Table I for each electrolyte we have e.'carnined.

We will report the values of the stoichiometric association

constants in the following four sections, and then discuss the results

in the remainder of the paper. All results were obtained at Z5 C.



Table 1. Constants for Eqs. 3 and 5. Densities of the pure solutions were taken from Ref. 51

with the exception of Me4NCL and Et4NCL which were taken from Ref. 52. The consl:ants ot Eq. 5

for NaC1, KCI, MgCl2 and CaC12 were taken from Ref. 20.

Eq.3
Electrolyte a b Range

1L CD DJ) ED Range

iICI 0.9976 0.0166 0-1.8 1.212 0.2097 -0. 1292 0.0585 0.1.0

LiCI 0.9976 0.0224 0-2.0 1. 103 0.2019 -0. 1095 0.0389 0-1.4

NaCI 0.9978 0.0381 0-1.5 1. 350 0.0437 -0. 0094 0 0-1.0

KCI 0.9981 0.0430 0-1.5 1.307 0 0 0.0021 0-1.0

CsC1 0.9987 0. I 194 0-1.5 1.541 -0. 1753 0. 1489 -0.0372 0-1.4

NIl 0.9976 0.0144 0-2.0 1.449 -0.0452 0.0460 -0.0122 0-1.41C1

(Me)4NCI 0. 9973 1) 0.

(Et)4NCL 0.9970 0 0.1

MgCl2 0.9974 (L0215 0-1.8 1.800 -0.0337 0, 1156 -0.04101 0-1.2

Cad2 Ii. 9973 0.0290 0-1.8 1.501 0.0790 -0. 0155 0 0-1.2



Table I. c;outinued.

SrCl2 0.9976

HaCL2 (1.9975

MnCI 0. 9973

0.0446 0-2. 1 1. 134 0.3142 -0. 2812 0.0910 0-1. F

0.0583 0-1.5 1. 252 0. 2095 -0. 2000 0.0667 0-I. H

0.0334 0-1.5 1.103 0.35 1.3 -0. 3166 0. 1030 0--I.
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2. ALKALI CHLORIDES

The activity of HCI in solutions oI LiC1 has been reported by a
nun-tber of workers, and we have usea their results to calculate
KLiCr A systematic error in many of the activity measure-
ments in HC1-LIC1 mixtures arises because the standard potential of
the cell was not accurately known. This is reflected as a systematic
error in the activity of pure HCI. solutions if this quantity is also
measured. However, the Qotential differences measured between the
pure HCI solutions and the mixtures will still be accurate if only the
standard potential is in. error. This has been recognized as a common
problem in potentiometric measurements, and the suggested procedure
for determining the activity of HC1 in a mixture is to measure the
difference in potentials in a reference solution of HCI having, a known
activity and in the solution of interest.

We have recalculated the total activity coefficients of HC1 in
(13) (14)LiC.. measured by Harned arid by Harned and Swindells before

converting their results to the molar scale, as systematic errors
appear in their results for pure HC1. This was done by rrieans of the
equation

2RT
HC1, E - lriYHCl t

+

RT (H) (Cl)
in

(H (Cl)' (4)t
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The parenthesis indicate molality, is the molal total mean

activity coefficient and E is the measured potential. Primed quantities

refer to the mixture and the others to the pure HCI solution. The

total activity coefficients of the pure HC1 solutions in which E was

measured were calculated from the equation

].og
*HC1, t

-0.5108 z,z 10.5
1 - t

1 + BI
is ac I #D I +E I S)Dt Dt Dt

which had been fit to the results of Harned and Ehlers 19) over the

range 0 The constants BD through ED are listed in Table

1. is the molal total ionic strength of the pure solution. Equations

of this type have been found by Pytkowicz, Atlas and Culberson0

to give good fits to total activity coefficients. The activity coefficients

of Harned3' and Harried and Swindel1s4 are in good agreement with

each other and with other experimental results after they have been

recalculated in this manner.

Harned and Copsori 15)
measured the activity of HCI in LiCl over

a wide range of ionic strengths, and their results are frequently cited.
(12, 21) However, their results for

±HC1
at lower ionic strengths

(0. 2) seem to be systematically high, as they were the only workers

who found the total activity coefficient of MCi to increase in the
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presence of L1C1. Their results at higher ionic strengths are svs-

tematically Lower than all other results. We will not, therefore,

consider the results of Haned and Copson1 further here.

Guntelberg, Harned an Harnea and Swin ells all

made measurements of the activity of HCI in LICI at ionic strengths

near 0. 1. At low ionic strengths stoicliiometric association constants

become very sensitive to errors Only Guntelberg, in a

study that has often been cited as a classic work, measured ootentials

to within 0. 01 mY. Values of K. obtained from the results oiLCl
Harned, and Harned and SwindeJ.ls, although in fair agreement with

the results obtained from Guntelberg' s measurements, show corisid-

erably greater scatter and these results will only be considered at

ionic strengths greater than 0. .

The stoichiometric association constants obtained from the

measurements discussed above, as well as a single value reported
'1"'by Struck and Schneider, 1 are shown in Table ii. These results

were fit by us to an equation of the form

in K A i B I ± C 2
It ke ke

The constants Ak, and Ck are given in Table III.
a,Macaskill, Robinson and Bates measured the activity of HCI

in NaG], mixtures at total ionic strengths of 0. 1, 0. 38, 0.67, and 0. 87.
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TabLe ii. $tojchjornetric association constants obtained for LLC1° at 23 C.

(Li) (CL) Reference

0.0965 0.334 0.03961 0.09956 0.7952 (16)

0.0967 0.342 0. 04978 0. 09956 0.7958

0.3776 0.131 0.8807 0.9785 0.822 (13)

0.3791 0.129 0.9687 0.9786 0.823

0.8837 0.121 0.9736 0.97S5 0.826

0. 8851 0. 119 0.9776 0.9785 0. 827

0.2778 0.274 0.1987 0.2979 0.753 (14)

0.3744 0.241 0.3982 0.4081 0.757

0.4269 0.203 0.3650 0.4639 0.763

0. 6253 0. 185 0.6878 0.6976 0. 778

0.7079 0. 164 0.6914 0.7896 0.792

0.8821 0.141 0.9822 0.9920 0.821

0.9675 0.122 0.9834 1.0811 0.842

0. 8733 0. 132 0.9735 0. 9804 0. 322 (17)
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Table [II. Carstants f E. . 81 gives the standard error of the

estimate eressed as a percentage of K. This is aoproxirnae1y the

ucer:aitv n the predicted K values. esuLts for HCI° from Ref. (9.

Ion Pair A B C Range of i:
(I)

e

S
/

HCL° -1. 179 -0. 982 0 0.09--i. 0 7.9
LLCL° -0.979 -1.208 0 D.09--1.0 5.5
NaC1° Q. 570 -0. 970 0 0. 09--a. 8 4.7
KCi° -0.280 -0.718 0 0.09--0.30 3.7
CsC1° -0. 127 0 0.3 --0.64 0.7
MgCI 0.736 0.023 -0.467 0.09--0.75 2.1
CaC1 0.961 -0. 004 -0. 426 0.09--U. 68 2.0
SrCI4 0. 9O 0. as -0.638 0.09--U. 74 1.4

S
aC1 1.063 0. 13 -0.338 0.09--U. 73 2.2

NHC1° -0. 277 -0. 617 0 0.09--U. 80 2.6
MeNCI° 0.157 0 0 0.095 3.4
EtNCL° 0.064 0 0 0.092 2.0
MnC1 1.040 -0.037 -0.502 0. 09--U. 73 1.7
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We calculated the stoichiornetric association constants of NaC1 in

these solutions and reported the results in Table IV. These results

are in good agreement with the values of K1 calculated earlier by

us at effective ionic strengths from 0. 1 to 0. 8. Eq. 6 was fit to

the results in Table IV and to our earlier results. The constants are

given in Table III. Only Kci values determined in solutions where

the ratio [Na1 /[H
!

was greater than unity were included in the re-

gression ecuation because the precision with which KNaC1 can be

determined decreases rapidly as the ionic strength fraction of HC1

exceeds o 5. This criterion for including K 's in regression

equations will be used in all of the following sections, with the excep-

tion of chloride ion pairs with divalent metal. cation.s CM] for which we

used the ratio 3[M1 /[HJ' > 1.

The stojchjometrjc association constants of KC1° have been

(Z3)calculated from the recent measurements of Macaskill. and Bates.

The results are shown in Table V. The results of Macaskill. and

Bates are inconsistent with the results of Harned and Hamer4 and

Harned and Gancy5 but they agree with the measurements of

Harned, (13) which had been recalculated as discussed earlier, and

the experimental measurements that we reported. We have therefore

fit Eq. 6 to the results of Harned, (13) our experimental results,
(Z3)and the results of Macaskill and Bates.

The actirity of HC1 in CsCI has been measured at 25° C only by
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Table IV. 5toichioneric association. ctistants obtained for aC1 at 25 C.

I

(Na) (C1 ReferenceNaC1

0.0952 0.509 0.08962 0.09958 0.7902 (2Z

0.0956 0.493 0.06970 0.09957 0.7920

0.0940 0.485 0.04978 0.09957 0.7935

0.0944 0.477 0.02987 0.09957 0.7949

0.09684 0.378 0.00996 0.09956 0.7965

0.3331 0.418 0.3395 0.3772 0.7394

0. 3376 0.405 0. 2640 0. 1132 0.7446

0. 3416 0.395 0. 1886 0.3772 0.7492

0.3453 0.386 0. 1131 0.3772 0.7535

0.3493 0.322 0. 0377 0.3771 0.7581

0.56L0 0.340 0.5963 0.6626 0.7463

0.5711 0.319 0.4638 0.6626 0. 7543

0.5806 0.318 0.3313 0.6626 0.7619

0.5905 0.292 0. 1988 0.6625 0.7693

0. 5993 0.225 0. 0663 0.6625 0.7768

0.7106 0.303 0. 7699 0.8554 0.7614

0.7250 0.294 0.5988 0.854 0. 7714

0.7390 0. 232 0.4292 0.8554 0.7813

0.7530 0.265 0.2566 0. 8553 0.7911
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Table V. Stoichiometric association constants obtained for C1° at 23°C.

e (CU.
t

v Reference'HC1.

0.0936 0.722 0.08955 0.09950 0.7845 (23

0.0943 0.721 0.06966 0.09952 0.7372

0.0932 0.687 0. 04977 0.O°953 0.7904

0.0953 0.698 0.02986 0.09954 0.7929

0.0966 0.670 0.00996 0. 09956 0. 7936

0.3186 0.606 0. 3383 0. 3759 0.7240

0.3257 0.597 0.2633 0.3761 0.7320

0. 3333 0. 572 0. 1882 0.3764 0.7407

0.3402 0.564 0.1130 0.3767 0.7484

0.3477 0.477 0. 0377 0. 3770 0.7568

0.3230 0.536 0.5927 0.6585 0.7188

0.5401 O 523 0.4616 0.6594 0.7321

0.3569 0.515 0. 3301 0.6603 0.7452

0. 3748 0.497 0.1984 0. 6612 0. 7590

0.3932 0.441 0.0662 0.6621 0.7732

0.6529 0.498 0.7638 0. 8486 0.7251

0.6779 0.486 0.5951 0.8501 0.7420

0.7036 0.483 0.4258 0. 8516 0.7595

0.7299 0.457 0.2559 0.8531 0.7774

0.7562 0.453 0.0855 0.8346 0.7951
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(26)Harned and Schupp. The results obtained by them at loruc strengttis

greater than 0. 1 are shown in Table VI. In all other cases oi 1-i

electrolytes, which we have examined, the stoichionietric association

constants varied linearly with 'e at ionic strengths greater than 0. 1.

However, Kcci measured at ionic strengths less than 0. 2 falls

below a straight line fit to the data at higher ionic strengths, indi-

cating a systematic error. This conclusion is confirmed by exam-

ining the very accurate results of Gunte1berg2' obtained for the

activity of HC]. in CsC1 at 20' C and I = 0. 1. If we assume that the

constant of Harned s rule determined from Guntetherg s results

at ao' C 12) applies at 25' C, then we may calculate the activity of

HC1 in CsC1 and K at 25' C. K calculated in this manner atCsC1 CsC1

I = 0. 09 is in much better agreement (slightly high) with the results

extrapolated from greater values of I. We have, therefore, fit Eq.

6 only to the results obtained at I greater than 0. 2. The constants
e

are given in Table III. The results for CsCL must be considered as

tentative until more measurements are made.
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Table VI. Stoichiornetric association constants obtained for CsCI° at 25° C.

IC (Cs) (C1) Reference

0.1009 0.374 0.09936 0.10929 0.775 (26)

0. 1804 0.872 0. 1978 0.2077 0.735

0.3 147 0.899 0.3921 0.4019 0.696

0.4366 0.359 0.6776 0.6373 0.673

0.6337 0.3119 0.9368 0.9664 0.670
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3. ALKALINE EARTH CHLORIDES

Khoo, Chari and Lixn have measured the activity of HC1 in
(28) (29)MgCl2 and CaCl2. These measurements supplement our

earlier results, and extend the ionic strengths over which I<gC1

and K., have been determined down to I = 0. 09. The stoichio-
e

metric association constants for MgC1+ and CaC1+ are shown in

Tables VII and VIII.

The agreement between the stoichiometric association constants

calculated from the measurements of Khoo, Chari and Lini, and our
(0) *measurements is very good, except for at I = 0.7. Twosvsgss e

of our results at this
e seem to be 15% high and they have been

excluded from further consideration. Eq. 6 has been fit to our data9'
(28 29)and the data of Khoo, Chan and Lu ' for both MgCI and CaC1

(Table III).

- (30) (31) 3)Harned ann. Paxton, Harried and Gary and Downeg

have reported measurements of the activity of HCI in SrCl2 solutions,

and the stoichionietric association constants of SrCI+ obtained from

their work are shown in Table IX. The results of Harried and Paxton,

which extend over the range 0. 03 I 0. 64, are in good agreement

at high ionic strengths with those of Harned and Gary, who did not

make measurements at Low concentrations. The values of K..
rC1

calculated from Dowries measurements of
HC1

which were made

only at I 0. 1, average 10% higher than those of Harried and Paxton
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Table VtI. Stoichiometric association corstants obtained for MgCL at 25 C.

1e (C1) ±HC1. Refererce

0.0922 2.08 0.03027 0.06938 0.7900

0.0926 2.07 0.02685 0.07280 0.7910

0.0932 2. 12 0.01015 0.07947 0.7924

0.0943 2.10 0.01345 0.08615 0.7941

0.0953 2.37 0.00652 0.09306 0.7952

0.3841 2.00 0.1492 0.3474 0.7290

0.3883 2.04 0.1326 0.3637 0.7324

0.4018 1.98 0.1004 0.3954 0.7412

0.4180 1.91 0.06654 0.42.86 0. 7498

0. 4367 1.78 0.03136 0.4631 0.7581

0.6954 1.71 0.2982 0.6910 0.7457

0.7124 1.67 0.2652 0.7229 0.7551

0.7484 1.62 0.1970 0.7886 0.7726

0.7392 1.61 0.1272 0.8561 0.7900

0.8376 1.33 0.06316 0.9177 0.3096
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TabLe VIII. Stocjornetr association cr1stants abtaLned or CaCI at 23° C.

CaC1 (Ca (Cli Reference

0.0908 2.60 0.02989 0.06975 0.7363 (29)

0.0911 2.64 0.02637 0.07306 0.7874

0.0921 2. 68 0. 01992 0. 07969 0.7399

0.0935 2.64 0.01328 0.08632 0.7925

0.0949 2.91 0.00664 0.09294 0.7944

0.3727 2.40 0. 1489 0.3475 0. 7207

0.3735 2.42 0. 1323 0.3638 0.7256

0. 3924 2.46 0. 09912 0.3963 0.7351

0.4133 2.23 0.06600 0.4290 0.7469

0.4332 2.11 0.03296 0.4615 0.7562

0.6658 2.13 0.2966 0. 6920 0.7303

a. 6360 2.09 0.2633 0. 7241 0.7413

0.7278 2.02. 0.1970 0.7881 0.7626

0. 8857 1.91 0.1310 0.8518 0.7837

0.3297 1.61 0.06334 0.9132 0.8060
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Table C. Stoichiometric asocjatjon constants obtained for SrCL at 25' C.

(Sr (C1 HC1,
Reference

0.0289 3.46 0.00665 0.02327 0.8513 (30>

0.0471 3.09 0.01329 0.03656 0.8240

0.0648 2.91 0.01994 0.04985 0.8051

0.0904 2. 74 0.02990 0.06977 0. 7853

0. 1676 2.75 0.06307 0.1361 0.7469

0.2364 2.76 0.09619 0.2023 0.7274

0.3606 2.70 0. 1623 0.3345 0.7105

0.4726 2.65 0.2282 0.4662 0.7056

0.6378 2. 9 0. 3266 0.6632 0. 7142

0.6496 2.44 0.2966 0.69a1 0.7221 (31)

0.6690 2.42 0.2634 0.7242 0.7332

0.6939 2.32 0.2302 0.7563 0.7461

0.7153 2.33 0.1971 0. 7883 0.7564

0.7395 2. 30 0. 1640 0. 3202 0.7675

0.0900 2.91 0.02990 0.06977 0.7841 (2)

0.09056 3.12 0.02325 0.07639 0.7863

0.0955 3. 97 0.00332 0.09626 0.7950
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and show greater scatter. As Downes33 has suggested there may

be a systematic error in the results reported in his 1970 paper we

have not used his results when fitting K to Eq. 6. The constantsSr Cl

of the equation fit to the results of Harned and Paxton and Harned and

Gary obtained at I 0. 09 are given in Table III.

(34) (32) (35)Harned and Gary, Downes and Khoo, Chari and Lim

all measured the activity of HC1 in solutions of BaCl2. The stoichio-

metric association constants of BaCl calculated from, these results

are shown in Table X. The values of K , with the ezception ofaC1

those obtained from Downes' results, have been fit to Eq. 6, and the

constants are shown in Table III.
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Table X. St3iciimetric association constants obtained for EaCI at 2.5' C.

(Ba (Cl) ReferenceaC1

2.73 0.3258 0.6614 0.7042 34)

O.b318 2.73 0.2959 0.6905 0.7135

0.6549 2.71 0.2628 0.7227 0.7166

0.6756 2.75 0.2298 0.7549 0.7375

0.6999 2.75 0. 1968 0.7870 0.7493

0.72.68 2.71 0. 1633 0.8191 0.7617

0. 0894 3. 13 0.02.989 0. 06974 0. 782.6 (32)

0.0906 3. 11 0.02324 0.07637 0.7863

0.0919 3. 19 0.0 1660 0.08300 0.7893

0.0933 3.09 0.009958 0.08963 0.7927

0. 0961 2.22 0. 003319 0.09625 0.7961

0.0898 2.95 0. 03033 0.06930 0.7336 (35

0.0901 2.98 0.02750 0.07213 0.7849
0.0916 2. Z 0.02064 0.07897 0. 7389

0.0931 2.79 0.01414 0.0354 0.7918
0.0950 3.05 0.00601 0.09356 0.7945

0.3611 2.86 0.1491 0.3468 0.7124

0.3658 2.92 0. 1351 0.3604 0.7167

0.3343 2.95 0.09344 0.3968 0.72.99

0.4104 2.60 0.06272 0.4320 0.7450

0.4388 2.37 0. 02136 0. 4729 0. 7584

0.6334 2.70 0.2959 0.6904 0.7154
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Tab'e X. ContiLlued.

O.6Z7 Z.6a 0.2569 0.7284 0.7306

0.697 2.61 0.2057 0.7733 0.7484

0. 7Z0 a.sz 0. 1267 0.8554 0.7772

0.3430 2.07 0.03998 0.9397 0.8108
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4. QtJATERNARY AMMONItJM CHLORIDES

The activity of HC1 in NHC1 has been measured by Robinson.
(36 (37)Ror and 3ates and by Downes. The stoichiometric assoclatLon

constants of NH Cl. calcul.ated from the two sets of rrieasuremencs are

in good agreement Table XI). Eq. 6 has been fit to both sets of

results at I , 0. 09. The constants are shown in Table III.

Downes32 measured the activity of HC1 in Me4NC1 and EtNCl

at a total ionic strength of 0. 1. The associaticn constants calculated

from his results are shown in Table XII. These results ma', be

subject to the same small systematic error that we discussed earlier

in conjunction with Downes' results for the activity of HCL in SrCl2.

The average of the results obtained by Downes is given in Table III,

since he worked at only one ionic strength.



Table XI. Stoichiornetric assocjatjo constants ootained Lor NHCL° at 25' C.

K"
NH4Cl (Cl)

0.0244 0.976 0.02235 0.02492 0.8595

0.0245 0.952 0.01690 0.02492 0.8610

0.0245 0.943 0.01207 0.02492 0.8622

0.0246 0.961 0.00766 0.02492 0.8632

0.0247 0.674 0.00332 0.02493 0.8646

0.0481 0.779 0.04403 0.04979 0.8237

0.0483 0.319 0.03278 0.04930 0.8251

0.0486 0.760 0.02358 0.04931 0.8272

0.0487 0.843 0.01529 0.04981 0.8231

0.0489 1.47 0.00504 0.04982 0.8290

0.0483 0. 750 0.03833 0.04979 0.8250

0.0485 0.761 0.02924 0.04980 0.3263

0.0490 0.413 0.01791 0.04981 0.3302

0. 0489 0. 899 0.00903 0.04982 0. 3291

0.0490 0.934 0.00537 0.04932 0.8298

0.0934 0.737 0.08908 0.09939 0. 784a

0.0943 0.715 0.06941 0.09943 0.7874

0.0950 0.703 0.05054 0.09946 0.7901

0.0956 0.691 0.03553 0.09949 0.7922

0. oc67 0.548 0.0 1073 0.09954 0.7959

Reference

(36)
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Table XI. Ciitirued.

0.0937 Q739 0.08010 0.09941 0.7854

0.0947 0.716 0.05796 0.09945 0.7889

0.0953 0.725 0.04093 0.09948 0.7911

0.0962 0.708 0.01861 0.09952 0.7943

0.0965 0.614 0.01334 0.09954 0.7954

0.2174 0.673 0.ZZZS 0.2471 0.7369

0. 220 0.635 0. 1564 0. 2474 0.7440

0. 2230 0.684 0. 1184 0. 2476 0.7486

0.2287 0.653 0.07771 0.2473 0.7542

0.2324 0.620 0.03140 o.a48o 0.7599

0.4056 0.605 0.3907 0.4903 0.7206

0.4183 0.593 0.2856 0.4912 o.73a2

0.4292 0.572 0.2013 0.4920 0.7421

0.4418 0.541 0.1002 0.4930 0.7535

0.4488 0.607 0.03440 0.4936 0.7596

0.7408 0.490 0.7652 0.9643 0. 7370

0.7773 0.464 0.5642 0.9680 0.7600

0.3101 0.446 0.3832 0.9714 0.7801

0.3399 0.434 0.2142 0.9744 0.7986

0.8573 0.423 0. 1150 0.9763 0.8098

0.7250 0.500 0.S517 0. 9627 0.7272

0.762S 0.474 0.6470 0.9665 0.7507



Table XI. Cor.cjrued.

0.7°19 0.463 0.4785 0.96°6 0.7687

0. 3243 0. 462 0. 2872 0.9731 0.7883

0.8626 0.359 0.1055 0.9765 0.8129

0.0937 0.693 0.08945 0.09939 0.7854

0.0945 0.680 .0.06960 0.09943 0.7881

0.0951 0.694 0.04973 0.0947 0.7904

0.0953 0.710 0.02985 0.09951 0.7928

0. 0968 0.383 0.00995 0.09954 0.7965

0.4027 0.579 0. 4403 0.4398 0.7186

0.4134 0.573 0.3435 0.4907 0.7284

0.4248 0.56z 0.2458 0.4916 0.7387

0.4363 0.543 0.1478 0.4925 0.7491

0. 4490 0.444 0.04935 0.4935 0.7603

0.7267 0.486 0.3661 0.9624 0.7297

0.7590 0.471 0.6761 0.9659 0.7498

0.7924 0.454 0.4847 0. 9695 0.7707

0.8247 0.452 0.2919 0.9731 0.7908

0.3619 0.400 0.09767 0.9767 0.3142

170

(34)
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Table XII. Stoichiornetric association constants obtained for Me4NCL0 and

EtNC1° at 25'C..

(Me4N) (C1)t ReferenceHC1,

0.0898 1. 21 0.08887 0.09874 0.1731 (32)

0.0913 1. 17 0.06924 0.09892 0.7788

0.0931 1.13 0.04955 0.09910 0.7844

0.0949 1.00 0.02979 0.09929 0.7904

0.0965 0. 674 0.00995 0.09947 0.7956

(EtN) (C1) Reference

0.0901 1.09 0.08840 0.09822 0.7763 (32)

0.0917 1.06 0.06896 0.09852 0.7811

0.0931 1.05 0.04941 0.09881 0.7856

0.0948 0.978 0.02973 0.09911 0.7901

0. 0962 0.956 0.00994 0.09941 0.7948
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5. MANGANESE CHLORIDE

Downes3 has measured the activity of HC1 in MnCl and

we have used these results to calculate K . The stoichiornetric
MnC1

association constants are given it Table XIII, and the constants of

Eq. 6 are shown in Table IlL.
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Table XIII. Stoichiometric association constants obtained for MnCI at Z5 C.

'MnC1 (C1)t HC1,
Ref

0.0906 2. 36 0.02630 0.07334 0.7862 33

0.0912 2.33 0.02298 0.07664 0.7873

Q. 0923 2.95 0.01660 0.08300 0.7902

0.0940 2.79 0.01027 0.08932 0.7932

0.0950 2.71 0.00689 0.09269 0.7946

0.0902 2.83 0.02983 0.06981 0.7847

0.0915 2.70 0.02323 0.07639 0.7884

0.0928 2.65 0.01659 0.08302 o.79m

0.0946 2.33 0.00996 0.08963 0.7943

0.0960 2. 50 0.00331 0.09626 0.7959

0.3714 2.61 0.2136 0.3574 0.7203

0.3826 2.58 0.1144 0.3814 0.7287

0.3992 2.57 0.08258 0.4127 0.7390

0.4187 2.49 0. 05 141 0.4434 0.7492

0.4264 2.52 0.03886 0.4557 0.7527

0.6718 2.22 0.2761 0.7115 0.7343

0.7025 2.16 0.2275 0.7585 0. 7504

0. 7477 2.06 0. 164i 0.8199 0.7715

0.7943 2.00 0. 1020 0.8798 0.7913

0.5144 1.96 0. 07335 8966 0. 7995
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o. DISCUSSION

The stoichiometric association constants of the ion pairs that

we have examined here are independent of the composition of the

solution in which they were determined and depend only on the effective

ionic strength as our model requires. This is particularly important
+ 0.in the case of MaCi since it shows that the triple ion MnC12 is not

present in large amounts as is indicated by the measurements of
(38)Morris and Short.

The stoichiornetric association constants that we have obtained

were, with the exceptions of Me4NC10 arid EtNCi°, extrapolated to

infinite dilution using the method described by Cole, Johnson and

Pytkowicz39 in order to compare our results with those obtained by

conductivity measurements. Only results obtained at effective ionic

strengths greater than 0.09 were used for the 1-1 ion pairs. Due to

the non-linear behavior of the 2-1 ion pair association constants only

data calculated from Eq. 6 at effective ionic strengths of 0. 09 and

0. 15 were used in the extrapolations for the 2- 1 ion pairs. The free

activity coefficients, which are necessary for the extrapolation, were

calculated from the total activity coefficients of each pure electrolyte.
(9, 10) The total activity coefficients were obtained from Eq. 5. The

appropriate constants of Eq. 5, which were calculated by least squares

fits to the experimental data tabulated by Robinson and Stokes and

Pjtzer and Brewer40 are listed in Table I. The values of
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and Nd were obtained by multiplying the stoichiometric
4

association constants by the average value of the ratio K/K which

was found for all other 1-1 electrolytes at = 0.095. The average

was 1. 78 ± 3.07 (1). Our thermodynamic association constants are

compared with other results, which have been obtained from the best

fit to conductivity data, in Table XIV.

We have assumed in all of our calculations that the stoLc.io-
0 (Q)metric association constant of HClQ was less than 0. 01.

Carman6 obtained a value of 0. 15 for the thermodynamic association

constant of HC1040, which suggests there may be a small systematic

error in our results. Stoichiometric association constants are about

a factor of three less than the corresponding thermodynamic asso-

ciation constants in the range 0. 1 S I 0. 9. This would meane

0.05. An error in will propagate through all

of the other results in an approximately additive manner, which would

mean all of our results are low by an amount equal to Kci0 . The
4

uncertainty in the conductivity result is so large, however, that no

oositive conclusions may be drawn and further investigation is re-
quired. Until this uncertainty is resolved our association constants

must be regarded as minimum estimates.

Pethybridge and Spiers41 have noted a strong positive correla.-

tion between association constants and the sum of the crystal radii of

the associated ions. Our results for chloride association constants



Table XIV. Thermodynamic association constan±s of ion pairs at 23 C.

The ra1ues listed under 3the resuit were obtained as the best fit t

conductivity da:a.

Ion Pair K

This Other
Paper Results

HCIO ° 0.01

HC1° 0.52

LiC10 0.62

NaCI° 0. 39

KCI° 1. 16

CsCI° 1.6

NH4CI° 1.23

0.1

() 5)0.3 , 0.0

o.z(6)

o.o, 0.4, oa

o

Ion Pair K
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This Other
Paper Results

Me4NC1° 2. 1 1.

Et4NC1° 1.9
+ (7)MgC1 4.1 4.5

CaC1+ 5.2

SrCL 5.5

BaCl+ 57

MnCI+ 5.7



with the alkaliand alkaline earth cations confirm this behavior Fig.

1).

2.77

The trends shown in Fig. I are in agreement with the qualitative
(43) (44)predictions of Kay' and Prue. These authors postulated that

the association constants of the alkali and alkaline earth chloride ion

pairs would lie in the order Li < Na <K < Cs, and Mg < Ca <Sr < a.

due to the effects of hydration. Prue reasoned that a small cation

could form a stronger bond with a dipolar solvent molecule than with

an anion, unless the anion were very small. However, as the size of

the cation increased the ion-solvent bond strength would decrease and

allow the anion to come closer. As a result the distance of closest

approach decreases as the cation radius increases, causing a larger

association constant.

-
The association constant of HC1O4° is less than that of HC].°

despite the larger crystal radius of C104. This fact must be inter-

preted as showing that C]. and C104 are Less strongly hydrated than

cations. Therefore, the association constant of H will be inversely

proportional to the crystal radius of the anion. While this is true for
+association with, very strongly hydrated cations such as H and Li

caution should be used when extending this argument to larger cations.

Prue"44 argued that the association constant of a large cation and

anion,' both of which are weakly hydrated, may be reinforced by ion

induced dipole and dispersion forces. The thermodynamic association



.7 8

5

K4
a

Sum of Crystci Rcdii ()

Fig. 1. The variation of thermodynamic association constants with

the sum of the crystal radii for the chloride ion pairs. adii taken
- (42) (12)tram PaulLng and Robi.nson and Stokes. The radius of d

has been set equal to 1.38 A, assuming the proton is piesent as
.1. (p.)HO.
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constants of K and Cs with C104, which have been deterziined

from conductivity measurements, are somewhat larger than the

corresponding C1 association constants, a fact that lends support

to this argument. The low value of the association constant of HCI°

(Fig. 1) is probably due to the strong hydration of the proton. (46)

Further work is required to develop a quantitative model of ion as so-

ciation that irtcoporates the effects of the solvent in the manner
(44)suggested by Prue.

The stoichiometric association constants that we have reported

in this paper may be used to calculate the speciation in electrolyte

solutions, including miztures. without estimating any activity coeffic-

ierits. The procedure for calculating the speciation in solutions has

been discussed by us earlier. 10) The free concentrations of the

cations in pure solutions of all the electrolytes that were examined

are shown in Table XV at round values of the total ionic strength.

Although all calculations were performed using molar concentrations,

the results have been converted to the rnolal scale for convenience.

Up to 55% of the cations in solutions of 2-1 salts and 35% of the cations

in solutions of 1-1 salts may be present as ion pairs with chloride.

The stoichiometric association constants reported in this paper

supercede our earlier resu1ts9' 10) and should be used in all future

calculations of speciation and activity coefficients.



'Litil eXV. Free co,iccntratious of Ilic Cation in. pure olcn of each electrolyte. All concctit i'(ltI(fl1

and the total ionic strengths are on the rnolal scale.

Free cation c iceiEration

1IC1 LiCI NaCI KCL CC1 NII4CI M8C12 CaC12 SrCL2 fiaCi KEUCE

0. 0974 0.0965 0.0953 0.0933 0.0924 0.0937 0. 0295 0. 028? 0.0285 0.0283 a. o284

ci. z 0. 1908 0. 1893 0. 1841 0. 1789 0. 1737 0. 1783 , 0512 0.0505 0.0198 0. 05ci4

0.3 0. 2816 0.2792 0. 2687 0. 2584 0.2474 0.2571 (II. 0739 0.0699 0.0684 0.0672 0. (1686

0.4 0.371 0.368 0.351 0.334 0.3)6 0.332 Ø,9J9 0. 086.1 0.0838 0.0821 0. 0814

0. 5 0.459 0.455 0.431 . 07 0,379 0.404 0. 1083 0. 1007 0.0974 0.0950 0.0987

0.6 0. 5-17 0. 543 (1. 511 0.479 0. 440 0.474 Q 1235 0. 1110 (1. 1098 0. 1066 o. ii
().7 0.634 0.630 0.590 0.549 0.497 0.542 0. 1379 0. 1265 0. 1213 0. 1171 0. 1242

0.8 0.722 0.719 0.669 0.618 0.552 0.608 0.1517 0.1385 0. 1322 0. 1269 0.1361

0.9 0.809 0. 808 0.748 0.686 0.605 0.674 0. 1652 0. 1500 0. 1428 0. 1360 0. 1477

1.0 0. 898 0.897 0.827 0.754 0.657 0.740 0.1785 0. 1612 0.1532 0.1418 0.1593
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cHAPTER III

Stoichiometric Association Constants of NaCIO4° Ion Pairs in Aqueous

Solutions at 25 C

Kenneth S. Johnson and Ricardo M. Pytkowicz

School of Oceanography, Oregon State University, Corvallis, OR

97331, U.S.A.



Abstract - The activity of NaC1 in aqueous mixtures of NaC2. and

NaCLQ4 has been determined poten.tiometrically These results were

used to calculate the stoichiometrie association constants of NaC1O4°

ion pairs. The stoichiometric association constants were fit to the
-1equation in K (mol Liter) -0. 87 - 1. 03 I . I is the ionicNaCIO4 e e

strength (n-tol liter1) corrected for the effects of ion pair formation.

This equation is valid over the range 0.09 < 0. 85, which corres-

ponds to pure NaCIO4 solutions having concentrations from O I to

1. 0 m. The ion association model was used to calculate activity

coefficients in mixtures of NaC1 and NaC1O4



INTRODUCTION

It is usually assumed that NaC1O4 solutions are completely

dissociated. Kay (1962) has suggested, however, that sodium and

perchiorate form ion pairs, and conductivity measurements do

indicate an association constant of about 0. 2 (D'Aprano, 1971). The

resolution of this question is important due to the common usage of

sodium perchlorate as an ionic znediuzn. The purpose of this paper

is to report measurements of the stoichiometric association constant

of NaC1O4° at 250 C that have been obtained by the potentiometric

technique we used earlier to measure the association constants of

alkali and alkaline earth cations with chloride (Johnson and Pytkowic;

1978; Johnson and Pytkowicz, In press b). This technique involves

the measurement of the activity of NaC1 in aqueous mixtures of NaC1

and NaC1O4.

Ionic media are often used in equilibrium studies to provide an

environment in which activity coefficients are constant. Equilibrium

constants measured in a simple ionic medium are often applied to

more complex solutions of geochemical interest, such as seawater,

which have the same total ionic strength as the ionic medium. It has

been observed, however, that the values of equilibrium constants

determined in an ionic medium depend upon the medium electrolyte

as well as the total ionic strength (Mironov and Fedorov, 1963;

Mii-onov et al. , 1963), and the extension of equilibrium constants
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determined in one medium to another is uncertain. One factor which

may contribute to this uncertainty is association of the medium ions

with each other and with the metal ion and hg and that are being

examined. We hope that the results presented in this paper will be

used to provide some insight into this problem.

CPERIMENTAL

A stock solution of NaC1 was prepared from reagent grade

chemicals and deionized distilled water. It was standardized by a

potentiometric titration with AgNO3. Sodium perchiorate was recry-

stallized from water by cooling the saturated solution from 1300 C to

60' C. The recrysta.11ized salt was used to prepare a stock solution,

whose concentration was determined by evaporating weighed aliquots

to dryness at 1300 C. Replicate determinations agreed to within

0. 05%. All other solutions were prepared by weight from the stock

solutions using deionized distilled water.

The total activity coefficients of NaC1 in NaC1-NaC1O4 mixtures

were measured by a method similar to that used by Christenson and

Gieskes (1971). The electrodes were a Radiometer 0 502 glass Na

electrode and a Corning 476065 Ag billet electrode that was chiori-

dized according to MeBryde (1969). The potential of the cell was

measured to 0. I mV with a calibrated Corning 112 digital pH meter.

The output of the meter was displayed on a strip chart recorder.



The temperature was maintained at 25. 00 = 0. 05° C.

The potential of the cell was first measured in a pure NaC].

solution. This solution was then replaced by a mixture of NaCI and

NaC1O4 without moving the electrodes. The electrodes were washed

with the new solution to prevent carryover. The potential measured

in the mixture reached a period of constant drift that was usually less

than 0. 1 mV per hour after one or two hours. This region of constat±

drift was extrapolated back to the time at which the solutions were

changed, and the difference in potentials of the mixture and the pure

NaC1 solution at this time was calculated. This procedure was

repeated three times for each mixture.

The response of the electrodes was found to be within 0. 2% of

the theoretical Nernst slope at 25°C by measuring the differences of

potentials in pure NaCI solutions of known activity. The theoretical

Nerngt slope was used in all calculations.

RESULTS

The total molal activity coefficients of NaG]. in the mixtures

were calculated from the equation

log NaCl, = -E/ 118.31 + 1og(Y1(Na)/[(Na)(C1) ]h/2
(1)

where E = E - E. Primes refer to the mixture and unprimed
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quantities refer to the pure NaC1 solution. Parens indicate the

molality of the enclosed specie. The subscript t refers to the total

concentration or the total activity coefficient, which is defined in

terms of total concentration (.Tohnson and Pytkowicz, 1978). The

total activity coefficients of the pure NaC1 solutions were calculated

from the equation

-0.5108
log NaC1, t I + 1.350 112

+ 0.04366
I

- 0.0094 It1.5 (2)

which had been fit by Pytkowicz, Atlas and Culberson (1978) to the

results tabulated by Robinson and Stokes (1970). It is the molal total

ionic strength. The average values of E, the solution compositions

and the calculated activity coefficients are given in Table I for each

solution.

The stoichiometric association constant of NaCIO4° is defined

Sas

* INaC1O40J
KNCLO [NaIf[C104}f (3)

where the brackets indicate zwlality and the subscript I refers to the

free, or uncomplexed portion of the ion. The stoichiometric
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association constant may be calculated in each mixture of NaC1 and

NaC1O4 by means of the measured total activity coefficient of NaC1.

The method is exactly analogous to that used to obtain the stoichia-

metric association constant of KCI° when the activity of HCI is

measured in an HCI-KC1 mixture (Johnson and Pytkowicz, 1978). The

system of equations used to solve for the stoichiornetric association

constant is the same except that the following substitutions must be

made. Everywhere in the system of equations used to find that

the quantities H, 1 or Cl appear they should be replaced by Cl, dO4

or Na, respectively. Thus, wherever the concentration of Cl appeared,

it would be replaced by the concentration of Na. The activity coeffi-

cient of HC1 is replaced by that of NaC1.. Eq. (2) of this paper was

used to calculate the total molal activity coefficients of pure NaCI

solutions. The stoichjotnetric association constants of NaC1 were

calculated from the equation

*
in K = -0.570 - 0.9701 (4)NaCI e

where I is the effective ionic streuth. The effective ionic strengthe

is the molar ionic strength corrected for the effects of ion associa.tion

(Pytkowicz and Kester, 1969). This equation is slightly different

than that we reported earlier (Johnson and Pytkowicz, 1978) and is

based upon additional measurements that have been reported in the
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literature (Johnson and Pytkowicz, In press b). Densities of pure

solutions of NaC1 and NaC1O4, which are needed to convert molal

concentrations to the molar scale, were obtained from the Inter-.

national Critical Tables (1933) and Wirth and Collier (1950), and

they were fit to functions of the total rnola.i ionic strength of the pure

solutions

9NaCL = 0.9978 + 0.0381 I

0NaClQ4 0.9984 + 0.0726 It (6)

The stoichiometrjc association constants calculated from all of

our results and from the measurements of Lanier (1965) at a total

ionic strength of 1. 0 are given in Table 1 and they are shown in

Fig. 1. The results Lan.ier obtained in solutions where the fraction

of NaC1 was greater than 0. 5 are not shown due to the rapid increase

in the error of the calculated association constant in these solutions

(Johnson and Pytkowi, 1978).

The average standard deviation for each set of three replicate

measurements of E was :o. 2 mV. The error bars for the asso-

ciation constants in Fig. 1 were, therefore, calculated by changing

each average value of E by *0. 2 my. It can be seen that the error

increases rapidly at ionic strengths less than 0. 2.
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Table 1. Experimental results. The last three lines are from Lanier

(1965). The NaC1O4 concentration of the mixtu.res may be obtained

from the equation (NaClO4)
=

(NaCl) . Primed quantities refer

to the NaC1-NaCI.04 mixture. (NaCl) is the concentration of the pure

NaCl standard used when measuring E.

I t

mol kg1

(NaC1) t

mol kg1

(NaC1) t

mol kg1 my

y I
e

mol liter1 mol1liter

0. 1004 0.01083 0.09997 56. 7 0. 782 0.097 0.30

0.2998 0.02979 0.2999 59.1 0.712 0.271 0.32

0.4841 0.03082 0.4997 72.0 0.687 0.424 0. 27

0.6987 0.06985 0.6999 58.9 0.672 0.698 0.21

0.9993 0.5000 0.9998 18.0 0.654 0.815 0.20

1.0000 0.2992 0.9948 31.2 0.653 0.817 0.20

0. 9972. 0.09998 0.9998 59. 1 0.658 0.831 0. 17

0.9993 0.01049 0.1008 7.4 0.662 0.845 0.15

1.000 0.4979 -- -- 0.657 0.820 0.18

1.000 0.3289 -- 0.657 0.824 018

1.000 0. 1675 -- -- 0.657 0.827 0. 18
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Fig. 1. Stoichiometric assocf.ation constant of NaC1O4° plotted versus

effective ionic strength. Error bars on each point correspond to an

error of O. 2 mY. Crosses are calculated from activity coeffici-

ents measured by Lartier (1g65), circles correspond to results

obtained in this work. Solid line is regression equation fit to data.

Line marked NaCI was calculated from Equation (4).
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The empirical equation

1.03 I (7)in KNC1O = -0. 87
e

was fit to all of the data in Table 1, with the exception of the point

at e = 0.095, which had the very large uncertainty due to the low
*ionic strength. The standard error of fit is O. 07 in in K
NaC1O

*
which corresponds to an error of 7% in values of KNC1O predicted

4
by this equation.

DIS CTJSSION

The results we have obtained for the stoichiometric association

constants of NaC1O4° indicate that a significant amount of association

occurs. For example, the free concentrations of Na+ and C104 in a

1. 0 ruolal solution of pure NaC1O4 are 0. 872 m (0. 832 mol liter

The stoichiornetric association constant of NaCIQ4° is somewhat Less

than that of NaC1° (Fig. 1), and this is most likely due to the large

radius of C104 and its small hydration number (Johnson and

Pytkowicz, In press b).

The association of Na+ and C104 will undoubtably have an

effect upon equilibrium constants determined in NaC1O4. Equilibrium

constants determined in 1. 0 m NaClO4 will only apply to other

solutions that have the same effective ionic strength, 0. 832 mol liter1
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Such a solution would be 1.029 m NaCI. It is not likely, however,

that any serious error would occur due to the difference in ionic

strengths between 1. 00 m NaC1 and 1. 029 rn NaC1 when applying

the equilibrium constants. The greatest effect of using NaC1O4

ionic media will most likely be due to association of Na+ and C104

with, the ligand and metal ion whose equilibrium constant is being

measured. For example, ion pairs of Na+ with Cl have a strong

effect on the stojchjometric association constant of NaSO4 meas-

ured in a NaC1 ionic media. Pytkowicz and Kester (1969) obtained

a value of KNQ = 2.02 in 0. 7 m NaC1, by means of a technique
4

which ignored NaC1° ion pairs. We have measured the NaSO4

stoichiornetric association constant by the same method used in this

paper and obtained K0 = 9. 8, a value which is considerably

larger (Johnson and Pytkowicz, In press a). However, if Fytkowicz

and Kester' s results are recalculated taking NaC10 association into

account, their results are in good agreement with ours. This

illustrates the large effect association of the medium ions may have

on association constants.

The ion. association model can be used to calculate the total

activity coefficients of both NaC1 and NaC1O4 in mixtures of these

two electrolytes (Johnson and Pytkowicz, 1978). The total activity

coefficients of pure NaClO4 solutions, which are necessary for this

calculation, were obtained by fitting the following equation to the
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results tabulated by Robinson and Stokes (1970) over the range 0. 1 S

. 2. 0.

_0.5108

1 + 1.297 112
+ 0.0511 I - 0.0480

+ 0.0184 (8)

The experimental results and calculated total molal activi.ty

coefficients of both salts in mixtures at a total ionic strength of 1.0

m are shown in Fig. 2. The ion association model fits the trend of

the measured activity coefficients very clesely, with the exception

of Laniers value at (NaC1) = 0. 02. This point is apparently in error

and was excluded from the calculation of
NaClO4

The total molal activity coefficients of NaC1 and NaC1O4 are

essentially independent of the composition of the solution at a

constant I as illustrated in Fig. 2. This behavior would not be

expected a priori since the stoichiometric association constants of

the two salts are not equal. Instead, both activity coefficieuts would

be expected to be largest in pure NaC1O4 as more Na+ is free in this

solution (Johnson and Pytkowicz, 1978). The calculation of total

activity coefficients are made using molar concentrations and activity

coefficients, however, for reasons we have discussed elsewhere
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hg. 2. Experimentally measured and calculated activity coefficients

in mixtures of NaCL and NaCIO4 at = 1.0 rn. Solid lines are calcu-.

lated values. Crosses and circles were obtained experimentally

by Lanier (196S) and in this work, respectively.
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(Johnson and Pytkowicz, 1978). Total activity coefficients of both

salts on the molar scale do, indeed, reach their maximum values

in pure NaC1Q4. By a sheer coincidence, this increase is exactly

cancelled out when the activity coefficients are converted to the inolal

scale due to differences in the density and molecular weights of

NaC1 and NaCIO4.
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ABSTRACT

The total activity coefficient of NaC1 in artificial seawater was

measured potentiometrically with Na+ and Cl sensitive electrodes.

The salinity of the solutions examined at 25° C ranged from 10% to

40%. The change in the activity coefficient from 50 C to 25° C was

measured at 35 salinity.

The molal mean activity coefficient of NaC1 in 35% seawater at

25°C is 0.667. The relative partial molal enthalpy of NaCl in 35%

seawater is -130 50 cal/mol. This value is in good agreement with

the value measured in pure 0. 72 rn NaCl.

The results were compared with activity coefficients predicted

by a specific interaction model and by an ion association model. Good

agreement was found in both cases.
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INTRODUCTION

A number of models have been used in recent years to predict

the activities of electrolytes in seawater (Garrels and Thompson,

1962; Kester and Pytkowicz, 1969; Pytkowicz and Hawley, 1974;

Whitfield, 1975; Johnson and Pytkowicz, 1978, In prep..). There is,

however, a dearth of experimental, data that can be used to test the

accuracy of the predictions. Only a few direct measurements of the

activities of electrolytes in seawater have been reported, primarily

because of the lack of electrodes that are selective for only one ion

in seawater. One electrolyte whose activity is most suitable to

measurement by potentiornetric methods is NaC1. Glass electrodes
+ +are available that have a large selectivity for Na over K and which

are not responsive to divalent ions. The activity of Cl in seawater

may be measured directly with Ag/AgC1 electrodes, if the Br in

seawater is removed, or if artificial seawater with no Br is used.

Only two studies of the activity of NaC1 in seawater have been

reported. Platford (1965) made measurements over a range of

salinities and temperatures, but the precision of these results is not

good. In addition, the activity coefficients seem large when compared

to pure NaC1 solutions at the same total ionic strength. Gieskes (1966)

has reported a single measurement at an ionic strength of 0. 7 m and

25° C. This result is somewhat lower than Platford' s at the same

salinity. The purpose of this paper is to provide a new set of
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measurements of the activity of NaC1 in artificial seawater from

10% to 40% salinity and 5° C to 25° C, which can be used to test the

predictions of the various models.

EXPERIMENTAL

A stock solution of artificial seawater prepared according to

the formula given by Kester et al. (1966), with the exception that all

Br was replaced by C1, was used in this study. The seawater was

equilibrated with the atmosphere and had a pH of 8. 1. The salinity

of the stock solution was determined by titration with AgNO3 and by

measuring its conductance relative to standard seawater. Both

methods agreed to within 0. 01. A stack solution of pure NaC1 was

prepared from reagent grade NaC1 and deionized distilled water and

it was standardized by AgNO3 titration. All other solutions were

prepared by weighed dilutions of the stock solutions with deionized

distilled water. The concentration of Br in the stock solutions was

insufficient to influence the C1 electrode.

The electrodes used were a Radiometer 0 502. glass Na electrode

and a Corning 476065 Ag billet electrode, which had been chloridized

according to McBryde (1969). The potentials were measured to

thO. I mV with a calibrated Corning 112 digital pH meter. The output

of the meter was displayed on a strip chart recorder. Temperature

was controlled to ±0. 05' C in water jacketed cells by means of an

Aminco constant temperature water bath.
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The electrodes were first immersed in a pure NaC1 solution,

which had a total ionic strength near that of the seawater that was to

be examined. The potential was measured until the drift was less

than 0. 1 mV per hoiir, except at 5°C where the drift was larger. The

NaC1 solution was then replaced by the artificial seawater without

moving the electrodes. The electrodes were rinsed during the solution

change with seawater to prevent carryover of NaCL When the

potential in the seawater reached a period of linear drift it was

extrapolated back to the time at which the solutions were changed.

The difference in potentials measured in the two solutions was then

calculated. The electrodes were then transferred to the NaCl solution

and finally back to the artificial seawater. The difference in potentials

at the time of each of these transfers was calculated in a manner

similar to that discussed above.

The Nernst slope of the electrodes was periodically checked by

measuring the potential difference between pure NaCl solutions of

known activity. In all cases the slope was within 0. 3% of the theoretical

slope 2.3026 RT/F.

RESULTS

The total activity coefficient of NaCl in seawater was calculated

from the average value of the difference in potentials measured at each

salinit', and temperature by means of the equation
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2
(Na)(Cl)(? NSw AE + log t

SW SW (1)2 log
*NaC1 2. 3026 RT/F (Na) (Cl)

where E = - E. The superscript sw refers to the seawater

sample and the other quantities to the pure NaC1 solution. The total

activity coefficients of the pure NaC1 solutions at Z5 C were calcu-

lated from the equation (Pytkowicz et al.., 1978)

-0. 5108(Na)1"2log
NaC1 1/2 + 0437(Na) - 0. O094(Na)L (2)

1 + 1.350(Na)

The total activity coefficients of NaC1 at temperatures other than 25 C

were obtained from Table 1Z-l-2A of Harned and Owen (1958). The

result8 are shown in Table I.

The average of the standard deviations for each. set of three

replicate measurements was 0. 15 my with the exception of the

result at 5 C. This corresponds to an uncertainty of ±0. 3% in the

activity coefficients. The uncertainty at 5 C was *0. 5%.

DISCUSSION

The results we have obtained for the total activity coefficient

of NaC1 in seawater at Z5 C are compared in Table II with the results

of Platford (1965) and Gieskes (1966). Our results are in very

good agreement with the single value obtained by Gieskes (1966).
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Table I

xperixnental results for the total activity coefficient of NaC1 in

artificial seawater. The first three columns contain the temperature,

salinity and total ionic strength (molal) of the seawater. The fourth

column contains the concentration of the pure NaC1 solution used to

standardize the electrodes. Columns five and six contain the average

values of E and

T S (Na) sw
( C) () (mol/kg H20) (mol/kg H20) mV '±NaCl

25.0 39.95 0.8294 0.8267 -16.4 0.661

25.0 34.99 .0.7227 0.7223 -16.5 0.667

25.0 34.14 0.7045 0.7230 -17.8 0.667

25.0 28.10 0.5762 0.6138 -19.4 0.678

25.0 20.06 0.4080 0.4070 -16.3 0.694

25.0 10.00 0.2013 0.2009 -16.3 0.735

20.0 35.00 0.7228 0.5001 +1.4 0.666

15.0 35.00 0. 7228 0.5001 +1.5 0.667

5.0 35.00 0.7228 0.5001 +1.3 0.662
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Table II

Comparison of the experimental results obtained in this paper with

those of Platford (1965) and Gieskes (1966) at 25CC. In some cases

our values were interpolated to different salinities by means of a plot

of the ratio of the activity coefficient in seawater to that in. pure

NaC1 at the same ionic strength versus salinity. The last column

contains the total activity coefficient in pure NaC1 at the same ionic

strength as the seawater.

S I NaC1

This Platford Gieskes Pure
Paper (1965) (1966) NaC1

34. 8 0.72 0.667 0.672 0.666

25 0.52 0.682 0.690 0.680

15 0.31 0.709 0.730 0.707

5 0.10 0.779 0.795 0.778

34.0 0.70 0.667 0.668 0.667
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However, the values obtained by Platford 1965) are systematically

higher than ours at all salinities. Platford' s results at temperatures

other than 25 C are also systematically higher than ours, with the

exception of his point at 00 C.

Platford used a sodium amalgam electrode in his work, while

Gieskes and ourselves used glass sodium electrodes. This is the only

apparent major difference in the experimental procedures. Amalgam

electrodes are much more difficult to use than glass electrodes and

this may have caused part of the difference in the results. The

precision of the results obtained by Platford is about a factor of 5

worse than ours, and for this reason we prefer our results.
SwThe relative partial rnolal enthalpy of NaC1 in seawater LNC1

may be calculated by means of the equation

log Vi
3l/T ZR in 10

where R is the gas constant (Harned and Owen, 1958). Our results

at 35% salinity were fit to the equation

SW = -0.1291 - 13.8/T (4)

where T is the absolute temperature. Differentiation of eq. (4) gives
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an average value of LIWCl equal to -130 * 50 cal/mol from 2.5CC to

5° C. Platford obtained a value of -500 cal/mol from his measure-

ments of log '*NaCl' No direct measurements of LWCl appear to

have been made. However, its value may be estimated from that

found in pure NaCI at a total ionic strength of 0. 72 m (Millero, 1974).

SwThe estimated value of L is - 134 cal/mol at 20 C based uponNaC1

the calorimetric measurements of Gulbransen and Robinson (1934).

The good agreement of their data with our results gives us additional

confidence in the accuracy of our work.

The experimentally measured total activity coefficients of NaC1

in seawater are compared in Table III with values calculated with the

specific interaction, model of Pitzer (Pitzer and Kim, 1974) and with

our ion association model, which includes chloride association with

the major cations of seawater (Johnson and Pytkowicz, In prep.). The

calculations with the Pitzer specific interaction model were made by

Whitfield (1975), and they show very good agreement at all of the

ionic strengths examined.

The ion association model can, at present, only be used to

predict activity coefficients in seawater at salinities near 35%. as

the sulfate equilibrium constants have been measured only at this

salinity. The total activity coefficient calculated in 35 seawater is

0. 9% lower than the measured value. The activity coefficients

calculated in artificial seawater, which contains rio sulfate are also
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Table III

Comparison of experimentally measured total activity coefficients of

NaCI in seawater (column 3) with the results of the Pitzer specific

interaction model (column 4) and the ion association model of Johnson

and Pytkowicz (columns 5 and 6). The results in column 5 are for

artificial seawater including sulfate (Johnson and Pytkowicz, In prep.).

The results in coluiri.n 6 are for artificial seawater containing only

chloride anions (Johnson and Pytkowicz, 1978). Temperature is 2.5° C.

SW
S I '±NaC1

3 4 5 6

4.99 0. 100 0. 779 0. 778 0.779

14.83 0.300 0.711 0.710 0.711

24.47 0.500 0.682 0.682 0.684

33.93 0.700 0.667 0.667 0.669

35.00 0.723 0.667 0.661 0.668
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shown in. Table III. These values are slightly high compared to the

experimental results.

The difference between the activity coefficients predicted by

the ion association model in seawater containing SO42, and the

experimental measurements is significant. We have examined the

ion association model carefully in order to determine what factors

would tend to cause this error and we have made the following

observations. The two ion pairs that exert the most influence upon

the total activity coefficient of NaC1 are NaC1° and NaSO4 , with the

former being by far most significant. We made the surprising obser-

vation that an increase, and not a decrease, in the association constant

of NaCI0 causes an increase in the total activity coefficient of NaCI.

Changing the NaCI° association constant from the measured value of

0. 339 in seawater to 0. 533 causes the total activity coefficient to

increase from 0.661 to 0.670. This increase results from the fact

that the free activity coefficient of MaCi calculated with the larger

association constant increases much more rapidly than the free

concentrations of Na+ and C1 decrease. A decrease in the NaSO4

association constant from 9. 8 to 5. 0, on the other hand, causes an

increase in from 0.661 to 0. 664. This increase results
thNaCl

from the fact that changes in the NaSO4 association constant do not

affect the free activity coefficient of NaC1, but only the amount of

Na+ that is ion paired.
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The change in the association constant of NaC10 from 0. 339 to

0. 533 is much larger than the random error in the measurement of

this quantity, which is about 5% (1c). However, the possibility of

systematic errors in our association constants does exist. We have

stated earlier that each of our measurements of association constants

must be considered as a minimum estimate. This is due to the fact

that our method for measuring association constants is based upon

the assumption that the association constant of HC1O4° is less than

102 (.Tohnson and Pytkowicz, 1978). If the HC104° association

constant is greater than l0, then all other association constants

will increase when they are calculated. This would bring the activity

of NaC1 into better agreement with the measured value in seawater.

There is little additional evidence that would indicate there

is any significant amount of association between H+ and dO4.

For example, our calculated total activity coefficients for electro-

lytes in seawater are compared with the available experimental data

in Table IV. The calculated result for Na2SO4 is lower than the

experimental value. The experimental value has such a large error,

however, that it is of little use for such a test. On the other hand,

the calculated total activity coefficient of CaSO4 in seawater is greater

than the experimental value. Our activity coefficients for KC]. and

K,SO4 are in good agreement with the experimental results. Thus,
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Table IV

Comparison of experimentally measured total activity coefficients in

seawater at 25°C and 35 with the values calculated by Johnson and

Pytkowicz (In prep.).

Electrolyte

Calculated Measured Source

NaC1 0.661 0.667*0.002 This work

Na2SO4 0.354 0.385±0.017 *

KC1 0.648 0.645±0.008 Whitfield
(1975)

1(ZSO 0. 347 0. 352*0.018 Whitfield
(1975)

CaSO4 0. 151 0. 136 Culberson
et al.(1978)

*Recalculated by Culberson et al. (1978) from the results of Platford

and Dafoe (1965).
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a systematic error in all of our association constants does not seem

to be the source of the discrepancy between the calculated and

experimental results for the activity coefficient of NaC1 in seawater.

Despite the slight superiority of the predictions of the total

activity coefficient of NaC1 calculated with the Pitzer specific inter-

action model we still favor the ion association model for several

reasons. The Pitzer specific interaction model is an empirical

model. It is based upon the assumption that the properties of

electrolyte solutions can be described by a modified Debye-Huckel

term which represents the long range interactions of ions and a series

of virial coefficients that take into account the specific interactions

of pairs and triplets of ions. The equations were chosen primarily

for simplicity in application and do not necessarily have any theoret-

ical basis. Thus, a number of oversimplifications are inherent in

the model. For example, it is necessary to assume that all ions

have the same radius (an exception is made of 2-2 electrolytes).

The Pitzer model is also limited to predicting equilibrium thermo-

dynamic properties, while the ion association model can be used to

explain many properties of electrolyte solutions beyond thermody-

nazn.ic quantities. For example, the ion association model gives

accurate predictions of the anomalous ultrasonic absorption in
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in seawater (Fisher, 1967; Johnson and Pytkowicz, In press). The

ion association model can also be extended to very insoluble corn-

ponents of seawater, such as CaCO3 or CaSO4, much more readily

and with fewer assumptions than the specific interaction models

(Pytkowicz and Hawley, 1974; Johnson and Pytkowicz, In press).

Furthermore, we have shown that when a large number of solutions

are compared the activity coefficients predicted with the ion associ-

ation model tend to be slightly more accurate than those of the Pitzer

specific interaction model (Johnson and Pytkowicz, 1978). In any

case, errors of the greatest magnitude likely to be encountered (less

than 10%) are usually not significant in geochemical calculations.

For example, when calculating the percent saturation of a solution

with respect to some mineral, the greatest error will most often be

found in the thermodynamic solubility product and not the total

activity coefficient.
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ABSTRACT - An ion association model. was used to examine the

effects that changes in pore water composition, caused by diagenetic

processes have on the speciation of the ions Na+, K4, Mg, Ca24,

NH4, Mn24, Sr2, Ba24, C1, S042, HCO3 and C032. Pore

waters from the strongly reducing recent sediments of Saanich Inlet

and from Lower Miocene and Middle Eocene.sediments sampled at

DSDP Site 70 were examined.

The speciatiori calculations were used to determine the

changes in the apparent dissociation constants of carbonic acid,

total activity coefficients and stoichiometric solubility products of

calcite and rhodochrosite relative to the values in the overlying

bottom waters. The first dissociation constant of carbonic acid

showed almost no change relative to its value in the respective

bottom waters. The second dissociation constant decreased by 12%

in the pore waters of Saanich Inlet and increased by 40% at DSDP

Site 70. The total activity coefficient of MnCO3 decreased by 40%

at Saanich Inlet. The total activity coefficient of CaCO3 decreased

by 16% at DSDP Site 70, while It increased by 8% at Saanich Inlet.

Application of the ion association ion model showed that calculations

of the degree saturation of CaCO3 in pore waters, which are conven-

tionaily made using solubility products and dissociation constants

measured in seawater, are accurate due to a cancellation of errors.
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INTRODUCTION

The solubilities of minerals play an important role in modeling

the equilibrium distribution of chemical species in the pore waters

of marine sediments (Berner, 1974; Alle'r, 1977; Murray, Gri.rndrnanis

and Smethie, 1978; Martens et al., 1918, Suess, 1979). However,

the stoichiometric solubiity products of minerals in pore waters

have not been measured directly. The usual procedure is to calcu-

late the stoichiornetric solubility product of a mineral by means of

chemical models. Ion association models are most often used to

estimate the total activity coefficients needed for these calculations.

The total activity coefficients obtained from ion association models

are, of course, dependent upon the composition of the solution. In

spite of this, the activity coefficients that have been used in the pore

water studies, are often based upon calculations in seawater rather

than on solutions having the general composition of pore waters. In

fact, no systematic studies of the effects of changes in the composi-

tiontion of pore waters upon the properties of the solution as calcu-

lated with an ion association model appear to have been published.

Our purpose is, therefore, to examine the application of an ion

association model to the prediction of equilibrium constants in the

pore waters of marine sediments.

Pore waters from two widely different sedimentary facies will

be considered for this purpose. As one example, the interstitial
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waters of Saanich Inlet, a shallow intermittently anoxic basin where

organic carbon remineralization by SO4 reduction has a large effect

mainly on the anionic composition of the inter stital solution will be

examined (Murray et al.., 1978). The second example is from a deep

sea biogenic ooze sampled at Deep Sea Drilling Project Site 70

(Manheim and Sayles, 1974). The sediments at the depths we will

examine are from Lower Miocene (98 xn) and Middle Eocene (329 m)

time. The diagenetic processes have caused large changes in the

cationic composition of the pore waters at this location.

We will use an ion association model to calculate the variation

in the speciation caused by changes in the composition of tEe pore

waters. The effects of the change in speciation on solubiity pro-

ducts, activity coefficients and the apparent dissociation constants

of the carbonic acid system will then be considered.

ION ASSOCIATION MODEL

The ion association model that we will use is a recently

developed one which includes the formation of ion pairs of the alkali

and alkaline earth metal cations with chloride ion. (Johnson and

Pytkowicz, 1978). We have shown with this model that the effects

of chloride ion pairs are considerable. The speciation predicted by

this model is, therefore, considerably different than that found in

earlier stidies. However, the total activity coefficients predicted
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with the model are in sub stantia.L agreement with experimentally

measured values, which indicates the speciation calculations are

accurate (Tohnson and Pytkowicz, 1978).

The ions that we will be concerned with are the major ions of

seawater; Na+, K+ MgZ+, Ca2t Cl, SO4, HCO3 and C032'.

In addition, the speciati.on of Sr, BaZ+, MnZ+ and NH4+ will be

considered. Ion pairs of each cation with all of the anions will be

included in our model.

Many of the ion association constants used in this study were

estimated by various procedures. Furthermore, the effects of

pressure and temperature on the equilibrium constants are not

known as yet. The results that we will present cannot, therefore,

be considered final. Instead, our primary purpose is to illustrate

the relative changes in the properties of the pore waters when corn-

pared to the overlying seawater. These relative changes are affected

very little by systematic errors in the equilibrium constants. Thus,

our conclusions should not be too sensitive to later revisions in the

ion association model.



EQUILIBRIUM CONSTANTS

Stoichiornetrjc association constants for each ion pair are

required in order to solve for the speciation of each ion. The

stoichiornetric association constants are defined for a generic ion
(m-x)+pair MX as

228

MX [MmJF[Xx1F
(1)

where the brackets indicate the molarity of the enclosed species, and

the subscript F refers to the free portion of a species.

The stoichiometric association constants for chloride ion pairs

with each cation were taken from Johnson and Pytkowicz (In press, a).

The values of these constants at the same effective ionic strengths as

the pore waters are given in Table 1. The method used to measure

these association constants, which is the same as given by Johnson

and Pytkowicz (1978). did not require any empirical equations for

activity coefficients, or the estimation of any single ion activity

coefficients. They should, therefore, possess a high degree of

accuracy. This is important, since chloride ion pairs exert the

strongest influence on the free concentrations of all cations except

Ma2t The remainder of the ion pairs will exert only a secondary

influence upon the free cation concentrations and the degree of
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Table 1. Stoichiometric association constants in units of (rnol/liter) 1

used in this study. The chloride association constants at the effective

ionic strength of the pore waters in Saanich Inlet (0. 457 mol/liter)

are at the left of the slash, while those at the effective ionic strength

of site 70(0.531 rnol/liter) are to the right. The dependence of the
.1.

other K' values on effective ionic strength is not known and only one

value was used for all calculations. Asterisks indicate values

estimated by one of the methods described in the text. The triple

ions found by Pytkowicz and Hawley (1974) were also included in the

model. The association constants for these species have the values
*

and K' = 743.KMgCO = 331, KCa2CO3 = 5649, MgCaCO3

K
Anion

Cation Cl SO HCO CO32

Na+ 0.363/0.338 9.8 0.28 1.8

0.544/0.516 12. 0.34* 2.2
MgZ+ 1.92/1.86 42. 2.5 140.
CaZ+ 2.39/2.32 48. 3.4 230.

?'TH 0.572/0.547 15.' 0.34 2.2
MnZ+ 2.51/2.41 45. 17. 1.6x104
SrZ+ 2.64/2.57 87.* 3.7 260.

2+Ba 2.86/2.82 *
120.

*
4.3

*
320.
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accuracy in their concentration is not as crucial.

The stoichiometric association constants of Nat, K+ and MgZ+

with SO42 were measured by a technique similar to that used to

obtain the chloride association constants (Johnson and Pytkowicz,

In press, b). However, it was not possible to measure the association

constants of CaZ+, SrZ+ and BaZ+ with SO42 using this technique due

to the low solubiitjes of these salts, or of Mn with 5042 because

a suitable electrode was not available. These stoichiometric

association constants were estimated with the formula that we had

used earlier (Johnson. and Pytkowicz, In press, b)

K0 = KMSO MgSO4MgSO4 (2)

where M designates the cation being examined. K is the thermo-

dynamic association constant of the subscripted ion pair. The thermo-

dynamic association constants that we used to evaluate the stoichio-

metric association constants in equation (2) were taken from the

critical evaluation of Smith and Martel (1976).

The only assumptions inherent in the estimated sulfate asso-

ciation constants are that the free activity coefficient of equals

that of MgZ+ and that the activity coefficients of the ion pairs MSO4°

and MgSO4° are also equal. The accuracy of these assumptions

should be very good as we have found that the free activity coefficients
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of most electrolytes are very close to each other. For example, we

calculated the rn.ean free activity coefficients of MgC11, CaCl2, SrC12,

BaC12 and MnC12 at the same effective ionic strength as the pore

water at Site 70 (0. 53 txiol/l) to be 0.677, 0. 690, 0.698, 0. 687, and

0. 695, respectively. The free activity coefficients, which are on the

molar concentration scale, were calculated by the methods we

described earlier (Johnson and Pytkowicz, 1978).

Equation (2) was also used to estimate the stoichiornetric

association constant of NH4SO4. The stoichiometric and thermodynzthc

(Smith and Martel, 1976) association constant3 of KSO4 were used

instead of the MgSO4° value. The association constants for all of

the sulfate ion, pairs are listed in Table 1. The estimated values are

probably accurate to better than 20%. while the uncertainty in the

measured values is 10%.

The stoichiometric association constants of Na4, MgZ+ and

CaZ+ with HCO3 and CO3 were obtained by correcting the results of

Pytkowlcz and Hawley (1974) for the effects of chloride ion pair for-

mation.. PytkowLcz a.n.d Hawley (1974) obtained the stoichiotnetric

association constants for the HCO3 ion pairs by fitting a number of

experimentally measured values of the first apparent dissociation

constant of carbonic acid in various solutions to an equation that was

].ir.ear in the free concentrations of each cation in the solution. The

CO3' association constants were obtained by fitting a similar
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equation to experimentally measured values of the product of the

first and second apparent dissociation constants. The stoichiometric

association constant of each cation was calculated from the regression

equation by dividing the coefficient that multiplied that cations free

concentration by the zero intercept of the equation. We used the same

procedure and experimental data to recalculate the stoichiometric

association constants, but the free cation concentrations were calcu-

lated by taking C1 association into account. The results are shown

in Table 1.

The error in the association constants can be calculated from

the standard errors of the coefficients of the regression equation.

Tor example, the error in the association constant of CaCO3° is

(Daniels et al., 1970)

'a ta 'a
<CaCO =L- Ca\ ç_

a Iao Ca) 0

/ 17 -15 -14!S.Ox 10 2.5 x 10 2.1 x 10

\8. 9 x io17
+

a. I x 10
14

8.9 10

= 157 (3)

where a is the zero intercept and a is the coefficient that multiplies0 Ca

the free concentration. The A indicates the standard error in a

quantity. The uncertainty in is 68%, which is primarily due



to the large error in the zero intercept. The standard errors in the

other C032 association constants are equally large, while the

uncertainty in the HCO3 association constants range from Z5 to 50%.

It would be desirable to examine these association constants by an

independent technique.

The HCO and CO association constants with the remaining

cation were estimated by several procedures, since few measure-

ments of thermodynamic association constants are available for these

species. The K and NH4 stoichiornetric association constants with

HCO3 and were simply made ZO% larger than the

corresponding Na+ stoichiometric association constants. This was

2- + +done since the Cl and SO4 association constants of K and NH4

are about 20% greater than the corresponding Na values.

The Sr and BaZ+ association constants with HCO3 and CO3

were determined from a. plot of the corresponding stoichiometric

association constants of Mg2 and CaZ+ versus the ionic radii of the

cations. We have observed that such plots are linear for the stoi-

chiometric association constants of these cations with Cl (Johnson

and Pytkowicz, Iii press, a) and for the thermodynamic association

constants with SO4.

The thermodynamic association constant of MnCO3° was set

equal to the value estimated by Maritoura, Dickson and Riley (1978),

The thermodynamic association constant of MnHCQ3+ was taken
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from Smith and Marte1. (1976). The stoichiometric association

constants of these ion pairs were then calculated by means of equation

(2) using the thermodynamic and stoichiorzietric association constants

of CaCQ ° and CatjCQ+.

All of the HCO3 arid CO32 stoichiometric association

constants are given in Table 1. The estimated values may be in error

by as much as a factor of 2, with the exception of MnCO30, which may

be uncertain by nearly an order of magnitude.

ANALYTICAL DATA

The analytical data for the bottom and pore waters in Saanich
Inlet were taken from Table 2 of Murray et al. (1978). We have used

a composite of the data obtained with their in situ pore water sampler

at stations 9 and 25, as a complete set of data did not exist for either

station. The stations have the same location (123°30'W, 4837'N),

but were occupied at different times. We used average values when

replicate samples were taken. The data are reproduced in Tables 2

and 3. The temperature of the bottom water is 9° C and the pressure is

21 atm.

Potassium was not analyzed in the pore water by Murray et al.

(1978). We have, therefore, calculated the concentration by means

of the KCl ratio in seawater given by Milero (1974). The concen-

trations of SrZ+ and BaZ+ were obtained in a similar manner using

the SrZ+ to chlorinity ratio given by Miller (1974) and the BaZ+
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concentrations measured by Bacon and Edmond (1972). These

assumptions may be in error since significant ion exchange of

for NTE14+ on the clay minerals in sediments has been observed

(Suess and Mueller, In preparation). The Ba concentrations may

also be enhanced by ion exchange from terrigenous material entering

the inlet (Hanor and Chan, 1977). Any error in the concentrations

used for these cations will, however, have an insignificant effect

upon the speciation calculations because these cations are in concen-

trations too small to markedly affect the free anion concentrations.

The concentration of Na+ was determined from the requirement for

eletr oneutrality in the solutions.

The analytical data for the deep-sea biogenic ooze were taken

from Manheim and Sayles (1971) and Presley and Kaplan (1971). The

data re also reproduced by Manheim and Sayles (1974). The pore

waters were obtained at Site 70 (6 20. 1'N, 140 21. 7'W) drilled on

DSDP Leg 8. This site is just north of the equatorial zone of high

primary production, and has a sedimentation rate of 1 cm/l000 yr

(Manheim and Sayles, 1971). The temperature of the bottom water

is about 1C and the pressure is 500 atm.

The concentration of BaZ+ in the pore waters was below the

limit of detection (0.7 mo1/1). Our calculations were performed

using Ba2+ concentrations equal to the detection limit. Ammonia was

not measured in the pore waters, and we have not included it in the



236

calculations because of the large variations that may occur in its

concentration. The MnZ+ concentrations were taken from the nearest

depths sampled in the pore waters by Presley and Kaplan (1971).

The composition of the bottom water was set equal to that of normal

seawater at the same chlorinity as that of the pore water at the

shallowest depth in the sediment that was sampled (19. 52). The

results are given in Tables 4 and 5.

SPE CIATION

We will first consider the speciation at three points in Saanich

Inlet: in the bottom water, at a depth of 15 cm in the sediment, and

at 140 cm in the sediment. The bottom water has a composition

representative of normal seawater with a salinity of 30. 7. Although

the bottom water is anoxic, insufficient reduction of SO 2 has
4

occurred to significantly alter its concentration. The reduction of

SO4 to S i.s complete at 15 cm. This is accompanied by an

Increase in the alkalinity from 2. 2 meg/kg H20 in the bottom water

to 33 meç/kg H20 at 15 cm. primarily due to SO4 reduction

(Murray et al., 1978). The alkalinity continues to increase in the

pore water to 58 meqf kg H20 at the greatest depth (140 cm) sampled

in the sediment. Associated with the large alkalinity change are

corresponding increases in the HCO3 and CO32 concentrations.

The concentrations of HCO and C032 were calculated from the

measured pH and titration alkalinity by means of the apparent
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dissociation constants of carbonic acid of Mehrbach et al. (1973) at

the in situ temperatures and salinity and 1 atm. The error intro-

duced by using these apparent constants will be considered in the

next section.

The procedure we used to calculate the speciation has been

described earlier (Johnson and Pytkowicz, 1978). The results of

the specia.tion calculations in the bottom water are shown in Tables

2 and 3. The most remarkable feature of the results it the dominance

of the chloride ion pairs. In almost every case, the greatest fraction

of the div-alent metal cations are in the form of chloride ion pairs.

Twelve to eighteen percent of each univalent cation are present in

the form of chloride ion pairs. The concentration of $042 ion

pairs is generally three to five times less than that of the C1 ion

2+pairs. Only in the case of Ba , and to a lesser extent Sr , does

the concentration of S042 ion pairs approach 50% of the concentra-

tion of the corresponding C1 ion pair. The concentration of the

HCO3 and CO4 ion pairs exert no appreciable influence on the

speciation of the other cations or anions in the bottom water, except
2+for a slight effect on Mn

The speciation in the pore waters at 15 cm and 140 cm is also

shown in Tables 2 and 3.

The free portions of the cations, with the exception of MnZ+,

increase a few percent relative to the bottom water at a depth of 15
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Table 2. Speciation of cations in the bottom and pore waters of

Sa.anich Inlet. Total concentrations are in units of mol/kg H20.

The first line for each cation gives the speci.ati.on in the bottom water.

The second and third lines give the speciation at 15 cm and 140 cm

in the sediment.

Cation Total % Free % M-C]. % M-SO4%M-HCO3 %M-0O3

Na 0.4159 84.0 12.2 3.8 0.0 0.0
0.4184 86.6 12.8 0.0 0.6 0.0
0.4026 86.8 12.0 0.0 1.2 0.0

0.0090 78.5 17.2 4.3 0.0 0.0
0.0090 81.3 18.0 0.0 0.7 0.0
0.0090 81.7 17.0 0.0 1.3 0.0

MgZ+ 0.0459 50.9 39. 1 9.7 0. 2 0.0
0.0404 53.7 41.9 0.0 3.3 1.1
0. 0437 53.0 38.7 0.0 6. 3 2.0

CaZ+ 0.0089 45.8 43.8 10.0 0.3 0.1
0.0031 47.9 46.6 0.0 4.0 1.6
0.0050 46.9 42.7 0.0 7.5 2.9

NH4 7.7x106 77.0 17.6 5.3 0.0 0.0
0.0015 80.5 18.8 0.0 0.7 0.0
0.0060 81.0 17.7 0.0 1.3 0.0

MnZ+ 7.6x10 42.7 42.8 8.8 1.3 4.4
62. x106 21. 1 21.5 0.0 8.8 48.6

0.7x10 14.1 13.4 0.0 11.4 61.1

SrZ+ 9.1x105 40.5 42.9 16.2 0.3 0.1
9. 1z105 45.4 48.8 0.0 4.1 1.7
9.1x105 44.4 44.7 0.0 7.8 3.1

1.7x10 36.8 42.2 20.7 0.3 0.1
1.7x10 43.2 50.3 0.0 4.5 2.0
1. 7x107 42.0 45. 8 0.0 8.5 3.6



Table 3. Speciation of anions in aanich Inlet. First, second and third lines correspond to bottom

water, 15 cm in sediment and 140 cm in sediment, respectively. Speciation of triple ions is not shown.

Anion Total % Free % Na-X % K-X % Mg-X To CaX % NF14-X % Mn-X % Sr-X % Ba-X

Cl 0.4803 84.6 10.6 0.3 3.7 0.8 0.0 0.0 0.0 0.0
0.4857 84.8 11.0 0.3 3.5 0.3 0.0 0.0 0.0 0.0
0.4560 84.6 10.6 0.3 3.7 0. S 0. 2 0.0 0.0 0.0

SO 0.0261 17.7 60.2 1.5 17.1 3.4 0.0 0,0 0.1 0.0
0.0 0.0 0.0 0.0 0.0 0.0 0.0 0.0 0.0

0.0 0.0 0.0 0.0 0.0 0.0 0.0 0.0 0.0 0.0

HCO 0.00216 85.4 8.3 0.2 4.9 1. 2 0.0 0.0 0.0 0.0
0.0290 86.1 8.6 0.2 4.6. 0.4 0.0 0.0 0.0 0.0
0.0562 85.8 8.3 0.2 4.9 0.7 0.1 0.0 0.0 0.0

Co 3.8x10 16.1 10.1 0.3 52.7 15.2 0.0 0.9 0.1 0.0
7..6x10 18.4 12.0 0.3 54.9 6.1 0.1 3.8 0.2 0.0
0.0015 17.6 11.1 0.3 56.3 9.3 0.2 0.0 0.2 0.0

N
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cm in the sediment due to the consumption of all S042. The increase

in the free percentage of each cation at 15 cm is not simply equal to

the percentage complexed by S042 in the bottom water. The con-

centrations of HCO3 and C032 have increased enoughto complex a

portion of the cations released from SO4 ion pairs. The continued

increase in the total concentrations of HCO3 and CO3 cause a

small decrease in the free cation concentrations at 140 cm relative

to the amount free at 15 cm. The free percentages at 140 cm are

still greater than in the bottom water, however.

Manganese is the only cation that shows a marked decrease in

its free percentage in the pore water. The strong decrease shown

in Table 2 is due to the elevated concentrations of HCO3 and CO3

at increasing depths in the sediment.

The percentages of free Cl and HCO3 are remarkably

constant at all depths. The free fraction of C032 shows an increase

relative to the bottom water at 15 cm due to a decrease in the total

Ca concentration at this depth. It then decreases slightly at 140

cm.

The speciatioti at DSDP Site 70 will, be examined in the bottom

water and at depths of 98 m and 329 rn in the sediment. The pore

water at this site is characterized by elevated CaZ+ and SrZ+

concentrations and corresponding depletions of Mg2t The concen-

tration of CaZ+ at a depth of 32 rn is about three times greater than
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that in the bottom water. Potassium is also depl.eted in the pore

waters. Sodium, C1 and titration alkalinity show little change in

their total concentrations. There is about a 20% reduction in the

SO4 concentration. The speciation is shown in Tables 4 and 5.

As a result of the relative invariance of the anionic composition

of the pore waters, the percentage of each cation that is free shows

very little change relative to that of the bottom water. Only a small

increase, due to the 20% depletion of the SO4, is apparent.

The percentages of free C1 and S042 show almost no change

in the pore waters of Site 70 relative to the bottom water despite the

large change in the relative abindance of CaZ+. This is due to the

fact that the free concentrations of C1 and SO4' are controlled

primarily by Na ion pairs, rather than those of Ca and Mg

However, the free concentration of C032 shows a 30% decrease at

329 m in the pore water relative to the bottom water. The free
2- 2+ 2+.concentration of CO3 is controlled by Ca and Mg ion pairs and

the stoichiometric association constant of CaCO3° is significantLy

greater than that of MgCO30. The increase in the ratio of CaZ+ to

Mg in the pore water therefore results in much lower free CO3

concentrations.

The accuracy of the calculated decrease in the free percentage

of C032 is strongly dependent upon any error in the ratio of the

stoichiornetric association constants of CaCO30 and MgCO3° that we
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Table 4. Speciation of cations in the bottom and pore waters at

DSDP Site 70. Total concentrations in units of mol/kg H20. The

first line for each cation gives the speciation in the bottom water.

The second and third lines give the speciation at 98 m and 329 m in

the sediment.

Cation Total % Free % M-CL % M-SO % M-HCO3 %M-0O3

Na+ 0.489 83.1 13.1 3.1 0.0 0.0
0.487 83.4 13.3 3.2 0.1 0.0
0.474 83.6 13.2 3.2 0.0 0.0

0.0107 77.1 18.7 4.2 0.0 0.0
0.0098 77.5 18.8 3.7 0. 1 0.0
0.0050 77.6 18.8 3.6 0.0 0.0

Mg 0.0556 48.3 42. 1 9. 2 0. 2 0. 1
0.0486 48.9 42.7 8.0 0.4 0.1
0.0303 49. 1 42.7 7.9 0. 2 0. 1

CaZ+ 0.0107 43.2 46.9 9.5 0.3 0.1
0. 0155 43.7 47.5 8. 3 0.4 0. 1
0.0401 44.0 47.6 8.1 0.2 0.0

MnZ+ 1.8xJ0 40.1 45.2 8.2 1.3 5.3
7.4x105 40.8 46.2 7.2 2.1 3.7
2.3x10 41.6 46.9 7.2 1.1 3.2

SrZ+ 9.5x10 38.2 46.1 15.3 0.3 0.1
11.0x10 39.0 47.0 13.4 0.4 0.1
22. Oxl.0 39.3 47. 2 13.2 0. 2 0. 1

-7Ba 7. 0x10 34.5 45.7 19.4 0.3 0. 1
7. 0x107 35.4 46.9 17.1 0.5 0. 1
7.OxlO 35.7 47.1 16.9 0.2 0.1



Table 5. Speciation of anions at DSDP Site 70. First, second and third lines correspond to

bottom water, 98 m in sediment and 329 m in sediment, respectively. Speciation of triple ions

is not shown.

Anion Total % Free % Na-X % K-.X % Mg-X % Ca-X % Mn-X % Sr-X % Ba-X

C1 0.571 83.4 11.3 0.3 4.1 0.9 0.0 0.0 0.0
0.571 83.4 11.3 0.3 3.6 1.3 0.0 0.0 0.0
0.569 83.2 11.0 0.2 2.3 3.4 0.0 0.0 0.0

2-
so 0.0295 15.7 61.9 1.5 17.4 3.4 0.0 0.0 0.0

0. 0253 15.8 62.2 1.4 15.4 5.1 0.0 0.1 0.0
0.0248 15.8 60.6 0.7 9.7 13.2 0.0 0.1 0.0

HCO 0.0022 83.6 9.4 0.2 5.5 1.3 0.0 0.0 0.0
0.0037 83.6 9.4 0.2 4.9 1.9 0.0 0.0 0.0
0.0020 82.9 9. 1 0. 1 3.0 4. 8 0.0 0.0 0.0

Co 49.x1O 14. 2 10.4 0.3 52.7 14. 8 0.0 0. 1 0.0
33.x106 13.9 10. 1 0.2 46.2 21.6 0.7 0.2 0.0
28.xlO 10. 1 7.2 0. 1 21.1 41.0 1.5 0.3 0.0
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used in this work. We noted earlier that there may be systematic

errors of 53% in these stoichiometric association constants. However,

the ratio of these association constants would be unaffected by these

uncertainties since an error in the zero intercept of the equation that

was used to calculate them would change each association constant

by the same amount. Furthermore, the ratio of the thermodynamic

association constants of CaCO3° and MgCO3° chosen by Smith and

Martel (1976) from a critical review of all data in the literature is

1. 86, while the ratio of the values we used is 1.64. These ratios

should be the same if the activity coefficients of Ca24 and CaCO30

are equal to those of Mg and MgCO30. Thus, if one accepts the

data of Smith and Martel , art even greater decrease in the free

percentage of C032 in the pore water at Site 70 would be expected.

Our estimate of the relative change is thus a conservative one.

DISSOCIATION CONSTANTS OF CARBONIC ACID

We will now use the speciation calculations to examine the

effects of changes in pore water composition on the apparent dis-

sociation constants of carbonic acid. This is important as we have

used the apparent dissociation constants of Mehrbach et al (1973),

which were measured in seawater of the same ch.lori.nity as the pore

waters, to calculate the total concentrations of HCO3 and C032.

The apparent dissociation constants are a function of the composition



245

of the solution (Pytkowicz and Hawley, 1974) and if the composition

is markedly different in the pore waters, then the calculated total

concentrations of HCO3 and C032 and the speciation of Mn will

be in error.

The apparent dissociation constants of carbonic acid in seawater

and K2) may be written as (Pytkowicz and Hawley, 1974)

It - -

K1 = K1 aH2O CO2
fHCO3 1T'3 F (4)

K1K2 = K1K2 f [C032]T/[C032)F (5)

where the double primed quantities refer to the dissociation constants

in a medium where there is no ion pairing. The activity of water

and the activity coefficient of CO2 are given by aH and
1 2 2

The quantities K1 and K2 are constants at a given effective

ionic strength (Pytkowicz and Hawley, 1974). The greatest changes in

the effective ionic strength in the pore waters of both Saanich Inlet

and DSDP Site 70 relative to the bottom water values are less than

two percent (Table 6) and we can consider K1 and K2 to be constants

throughout the pore waters at each site. The results of Pytkowicz

and Hawley also show that aH ,
and change very little, even

2 2
for major changes in the composition of solutions at a constant ionic
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Table 6. Effective ionic strength and calculated values of the first

and second apparent dissociation constants of carbonic acid at the in

situ temperature and chlorinity of the pore waters. The percent

change in K1 and K2 relati.ve to the bottom water value is shown ut

parenthesis.

Depth Effective
in the Ionic Strength

7 10Pore Water (mol/1) K1 x 10 K2 x 10

Saanich Inlet

Bottom Water 0.460 7.41 4. 06
15 cm 0.455 7.35 (-0.8) 3.58 (-12)

140cm 0.455 7.38 (-0.5) 3.73 (- 8)

DSDP Site 70

Bottom Water 0.535 6.52 3.64
98rn 0.531 6.52( 0) 3.72( 2)

329m 0.527 6.8( 0.9) 5.07( 39)
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strength. Any changes of K1 and K2 in the pore waters are,

therefore, determined only by the variation in the ratios [HCO31T:

EHCO3JF and [CO3
T

Q3
1F

The values of the apparent dissociation constants in the pore

waters at both sites were calculated with th& following procedure.

The apparent dissociation constants measured by Mehrbach et al.

(1973) at the same temperature and salinity as each bottom water were

substituted into equations (4) and (5) along with the ratios of total to

free HCO3 and C032 and the constants K1 aMO and

K2 aMQ were calculated for each bottom water. These

constants were then combined with the ratios of total to free HCO3

arid CO3 in the pore waters to give the apparent dissociation

constants of carbonic acid corrected for the change in composition.

The results are shown in Table 6.

The first apparent dissociation constant changes by less than

one percent relative to the bottom water values in the pore waters

of both sediments. The free concentration of HCO3 is controlled

by NaHCO3° ion pairs primarily. The free Na+ concentration is

relatively unaffected by diagenetic processes and, therefore, the

free percentage of HCO3 does not change much. As a result, no

error will be incured by using the seawater value of the first apparent

dissociation constant of carbonic acid in most pore waters.
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This is not the case for the second apparent dissociation con-

stnat of carbonic acid, however. The sedond dissociation constant

decreases by 12% from its value in the bottom water within the first

15 cm of the sediment in Saanich Inlet. On the other hand, it in-

creases by 40% in the sediments at Site 70. These changes can have

significant effects upon calculations of the total CO32 concentration.

For example, the total concentration of CO32 is obtained from the

equation

[C0321T = CA KZ/(aH + (6)

In order to eliminate errors caused by changes in the apparent

dissociation constants of carbonic acid in pore waters [C0321T

should be recalculated using the revised apparent dissociation

constants in Table 6. The speciation calculations must then be

redone using these new total concentrations. The total carbonate

concentrations decrease by an average of 10% in the pore waters of

Saanich Inlet (Table 10), and the amount of each cation complexed

will, therefore, also decrease approximately 10%. The largest
2+ 2-amount of any cation, excluding Mn , that is complexed by CO3

is 3.6 of the Ba2t Correcting the total C032 will change this

value to 3.3%, which results in a negligible change in the free Ba2
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concentration. However, 61. 1% of the MnZ+ may be cornplexed and

a 10% change in [CO3JT will change [MnZ+]F by a large amount.

We, therefore, show only the new speciation calculation for MnZ+ j

Table 7.

The total concentration of CO3 is much lower at DSDP Site

70 than in Saanich Inlet and the amount of each cation complexed by
2-CO3 are 0. 1% or less, except for Mn . The 40% increase in

LCO3ZJT that results from correcting will again only cause

appreciable changes in the free Mn concentration. Therefore, only

the corrected speciation calculations for Mn24 are shown in Table 7.

TOTAL ACTIVITY COEFFICIENTS

The total activity coefficients of the chloride and sulfate salts

in the pore waters were calculated using the methods described

earlier (Johnson and Pytkowicz, 1978; In press, b). The total

activity coefficients of the carbonate salts were estimated by the

following procedure, which is similar to that u.sed to find the total

activity coefficients of the sulfate salts. The free activity coefficients

of the carbonate salts were obtained from the equation
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2+Table . Spectation of Mn calculated using the corrected total
2-concentration of CO.,

% Free % MnC1 % MnSO° % MnHCO3+ % MnCO°

Saanich Inlet

42.7 42.8 8.8 1.3 4.4
22.3 22.6 0.0 9.3 45.7
15.5 14.6 0.0 12.4 57.4

DSDP Site 70

40.1 45.2 8.2 1.3 5.3
40.8 46.2 7.2 2.1 3.7
41.3 46.6 7.1 1.1 4.4

a
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I/VMCQ
'MC1 3 3

*MCO3,F
Na2CO3,F

±NaCl,F )
where y is the molar activity coefficient and is the number of ions

in the salt. The free activity coefficients on the right hand side

were calculated in the manner described earlier (Johnson and

Pytkowicz, 1978). The total molal. activity coefficients of pure

Na2CO3 solutions, which are needed to calculate the free activity

coefficients of Na2CO3, were obtairie4 from the equation

-1.0216 i°5
1.5log. T

Na2CO3, T 1 + 1.447 05 - 0.0977 TT + 0.0716 1T

- 0.0165 1T (8)

where
1T

is the molal total ionic strength of pure Na2CO3. This

equation was fit to the experimental results of Taylor (1955). The

density of Na2CO3 solutions, which are also required, were obtained

from the equation
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Na2CO3 0.9976 + 0.0343 (9)

that had been fit to the results of Perron, Desnoyers and Millero

(1975). The total activity coefficients of the carbonate salts were

then calculated from the free activity coefficients (Johnson and

Pytkowicz, lu press, b. The results of the calculations of the

activity coefficients in the bottom and pore waters iii Saanich Inlet

and at Site 70 are shown in Tables 8 and 9, respectively. No calcu-

lations of the activity coefficients of sulfate salts in Saanich Inlet are

presented since all sulfate has been consumed in the porewaters.

The total activity coefficient of an electrolyte M X is relatedm x
to the free activity coefficient by the equation

1 / ( m+x)m X
m+z(M)F (X)F

(10)rn x'1v1X,T 'MX,.F
(M)T (X)T

where parenthesis indicate the molality of the enclosed specie. The

free activity coefficient is assumed to be a function only of the

effective ionic strength of a solution at a given temperature and

pressure. There is very good evidence for this assumption

(Pytkowicz and Kester, 1969 Johnson and Pytkowicz, 1978). We



253

Table 8. Total activity coefficients calculated in the bottom and

pore waters of Saanich Inlet. Activity coefficients are on the molal

scale.

Salt
1T

Bottom 15 cm 140 cm
Water

MaCi 0.667 0.678 0.678
KC1 0.656 0. 667 0.668
MgC12 0.471 0.479 0.476
CaC12 0.463 0.470 0.466
NH4C1 0.657 0. 672. 0.673
MnC12 0.457 0.362. 0.316
SrC12 0.450 0.467 0.463
BaCl2 0.430 0.453 0.448

Na CO3 0.253 0.270 0.267
K2O3 0. 247 0. 264 0. 261
MgCO3 0. 092 0. 101 0.098
CaCO3 0.090 0. 098 0. 095
(NH4)2.0O3 0.248 0.266 0.2.64
MnCO3 0.088 0.a66 0.053
SrCO3 0.086 0.097 0.094
BaCO3 0.080 0.093 0.090
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Table 9. Total activity coefficients calculated in the bottom and

pore waters at DSDP Site 70. Activity coefficients are on the niolal

scale.

S a.Lt

Bottom 98 m 329 rn
\lTater

NaC1 0.660 0.662 0.661
KC1 0.647 0.649 0.648
MgC12 0.466 0.467 0.467
CaC12 0.457 0.459 0.458
MnC12 0.443 0.447 0.451
SrC12 0.444 0.447 0.447
BaC12 0.423 0.426 0.426

Na2SQ4 0.353 0.355 0.355
K2SO4 0.346 0.348 0. 348
MgSO4 0.155 0.155 0.156
CaSO4 0.150 0.151 0.152
MnSO4 0. 143 0. 146 0. 148
SrSO4 0. 144 0. 145 0. 146
BaSO4 0. 134 0. 135 0. 136

Na2CO3 0.238 0.237 0.214
K2CO3 0. 232 0.231 0.209
MgCO3 0.085 0. 084 0. 072
CaCO3 0.083 0.082 0.070
MnCQ3 0.079 0.079 0.069
SrCO3 0.079 0.079 0. 068
BaCO3 0.073 0.074 0.063
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have shown earlier that the relative changes in the effective ionic

strength of the pore water in Saanich Inlet and at Site 70 are less

than two percent when compared to the bottom water values. The

free activity coefficients of all salts will, therefore, have the same

values in the pore waters as in the bottom waters at each location,

and any changes in the total activity coefficients must be due to

changes in the free percentage of each ion. As a result, large

changes in the total activity coefficients of the carbonates are

apparent at each location. The total activity coefficient of MnCO3

is reduced by 40% in the pore waters of Saarxich Inlet.

SATTJRATION OF MINERALS

In this section we will examine the effects of the change in

composition on. the calculation of the percent saturation of the pore

waters with respect to several minerals. The percent saturation of

a generic mineral M X is defined to be
Zn x

= loo(M)TZn (X) X/K
*

(1L)T sp

The stoichiometric solubility product of the mineral is obtained

from the equation

(m+x)K = K
T

(12)sp sp
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where K is the thermodynamic solubility product. The activity of

the solid M X would also enter into the numerator of equation (1).

We will assume, for simplicity, that we are always dealing with a

pure mineral phase having unit activity. In practice, however, it is

very unlikely that the minerals that precipitate in pore waters are

pure phases. If the mineral is a minor component in a solid solution,

then the solution may still be in equilibrium with the solid although

the calculations indicate under saturation.

Two corrections must, in theory, be applied in order to obtain

accurate calculations of the percent saturation in pore waters.

In the case of minerals containing CO3 the second dissociation

constant of carbonic acid must be corrected, as was discussed

earlier, so that the total concentration of CO3 may be accurately

calculated from equation (6). The total activity coefficients must

also be corrected for the change in composition of the pore waters

as was done in the previous section. As it turns out, however, these

two errors tend to cancel each other and calculations which neglect

both of these corrections may, in many cases, be quite accurate.

Consider the degree of saturation of the pore waters with

respect to calcite (CaCO3). If we neglect the second term in the

denominator of equation (6), which is negligible at the pH of the

pore waters, we may write the degree of saturation as
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/
100 (Ca)T CA K2

2° 1Z (CO3)T ) /
I It

-
K1 (C032)F

)

K (Ca2+)T (CO2)T )

YC03,F (Ca)F (C032)F
(13)

The ratio of total to free CO32 appears in both the numerator and

denominator of this expression, and it may be cancelled out. The

degree of saturation of calcite is, therefore, independent of the value

used for this ratio. The only source of an error in the degree of

saturation of the pore waters relative to the bottom .vaters would

lie in using the seawater values of the ratio of total to free CaZ+ in

the pore water. However, as we saw earlier in Tables 2 and 4, the

percentage of free CaZ+ in the pore waters is almost the same as

the value in the bottom waters. Thus, the degree of saturation of

calcite obtained in the pore waters using corrected and uncorrected

values of and K are in good agreement (Table 10).

The relative change in the degree of saturation of the pore

waters that is calculated using uncorrected values of K and Ksp 2

may be in serious error, however, if the free percentage of the cation

changes markedly in the pore waters. This is the case for

particularly in Saanich Inlet where the elevated concentrations of

HCO3 and C032 result in a very significant decrease in the free
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Table 10. Degree of saturation of pore water with respect to calcite.

Superscript 1 indicates calculations using K' and K2 values that

were corrected for the effects of the change in pore water compo-

sition. Superscript 2 indicates calculations using seawater values

of K and K2. The thermodynamic solubility product was 3.80

10 (Jacobsen and Langmuir, 1974).

Depth in
thePore
Water

K x
p

2(mol/kg)

(C032)T1x

(mol/kg)

(C032)T2x

(niol/kg)

10

2

Saanich Inlet

Bottom Water 4.7 0.38 72 0.38 72
15 cm 4.0 0.679 530 7.60 500

140cm 4.2 12.7 1500 14.8 1600

DSDP Site 70

Bottom Water 5,5 0.49 95 0.49 95
98 rn 5. 7 0.34 92 0.33 93

329 m 7.8 0.39 200 0.28 200
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percentage of Mn. The percent saturation of the pore waters with

respect to rhodochrosite (MnCO3) is shown in Table 11. The values

of the percent saturation that have been calculated using K and

K2 corrected for the change in the composition, of the pore waters

are two to three times smaller than the uncorrected values in the

pore waters of SaanIch Inlet.

Although the relative changes in the percent saturation of the

pore waters can be accurately calculated using the model presented

here and the measured changes in pore water composition, there are

systematic errors in the absolute values of the percent saturation as

no correction has been applied for the effects of pressure or temper-

ature. The relative changes may be used in a more accurate manner

if the stoichiomnetric solubility product hag been measured in seawater

at the in situ temperature, pressure and chiorinity of the pore waters.

The measured solubility product may be substituted into equation (13)

along with the ratio of the total to free cation concentration calcu-

lated from this model in order to obtain a value for the quotient of

all the constant quantities in the equation. Although this quotient may

also be in systematic error due to uncertainties in the ratio of the

total to free ion concentrations, the error will be largely cancelled

out when the quotient is combined with the ratio calculated in the pore

waters. A8 a result a more accurate estimate of the stoichiometric

solubility product and the degree of saturation can be obtained. In
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Table 11. Degree of saturation of pore water with respect to

rhodochrosite. Superscript 1 indicates calculations using K and

K2 values corrected for the effects of the change in pore water

composition. Superscript 2 indicates calculations using seawater

values of K and K2. The thermodynamic solubility product was

9.32x 10 (Morgan, 1967).

Depth in K x I09
the Pore
Water (rnol/kg)2 l

Saanich Inlet

Bottom Water 5. 1 5.7 5.7
15 cm 9.0 468 920

140 cm 14.0 6.4 20.

DSDP Site 70

Bottom Water 6.3 0.01 0.01
98tn 6.3 4.0 3.9

329 rn 8.2 11. 10.
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this case, the K2 value in the bottom water should also be corrected

for pressure.

CONCLUSIONS

The change in the composition of the pore waters may have

significant effects of the percentage of each ion that is free, relative

to the value in the bottom water. As the free fraction of the ions

affect acid dissociation constants, total activity coefficients, and

stoichiometric solubility products these quantities may all have

values significantly different in the pore water than in the bottom

water. Methods are presented to correct these quantities for the

change in compition.
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ABSTRACT. The stoicliiometric association constants of the ion pain HC1 NaCI',
KCI. MgCI', and Cad' were determined as a function of effective ionic strength at
2.5'C in aqueous solutions. A potenciometric technique was used that eliminated the
need to estimate single ion activities or to use electrodes with liquid junctions. Further-
more, all activities were determined experimentally. The stoichiometrit association
constants at an effective ionic strength of 0.6 are 0.171, 0.321, 0.463, 1.91, and 2.24
(mol/1)', respectively. The speciation in an artilicial seawater, with a total ionic
strength of 0.7. containing only chloride anions is: Na', 85.1 percent free; K, 80-2 per-
cent free: Mg, 10.3 percent free: Ca', 45.7 percent free; and Cl 82,9 percent free.
The model has been shown to yield accurate estimates of activity coefficients in multi.
component solutions. The root mean square difference between calculated anti mea-
sured trace activity coefficients in six solutions, all at a total ionic strength of 1.0, was
2.3 percent.

INTRODUCTION

We present in this work measurements of the association constants of
chloride with sodium, potassium, magnesium, calcium, and hydrogen ions
in aqueous solutions at 25°C and show that the results lead to the suc-
cessful prediction of activity coefficients in mixed electrolyte solutions.

The association constants were determined from potentiometric
measurements in multicomponent solutions. We recognize that it is pos-
sible to interpret these measurements in a number of different manners.
not all of which are based upon ion association. For example, specific
interaction models such as that of Pitzer and Kim (1974) or models based
upon cluster integral theory (Robinson and Wood. 1972) provide accu-
rate predictions of the properties of multicomponent electrolyte solutions
while ignoring the formation of ion pairs. There is a growing body of
physical evidence, however, that indicates directly that ion pairs form
in aqueous solutions. Ion association is demonstrated in solutions by
measurements of sound attenuation (Fisher. 1967) and by Ratnan spec-
troscopy (Daly, Brown, and Kester, 1972; Davis and Oliver, 1975). In
addition, ion association models can be used to predict the solubility of
minerals and activity coefficients of electrolytes. We. therefore, favor the
ion association model in our interpretations of the properties of aqueous
sciutions.

Association models have only been applied, in general, to ion pairs
in which at least one of the ions had a charge of two or more, although
NaHCO° represents an exception. When both ions in a pair are uni-
valent, the experimental measurement of the association constant has
proven to be difficult, because the concentration of the ion pairs is low.
Also in such cases the ions are usually separated by at least one water of
hydration, and electronic interactions of the ions are weak enough so
that the physical properties of the ion pair, such as light absorption, are
very similar to those of the free ions.

1428
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The formation of ion pairs of chloride with the alkali and alkaline
earth ions is of particular importance for several reasons. Aqueous solu-
lions of these ions are the most common electrolyte solutions present on
the Earth. Solutions such as blood and seawater are predotninanth
chloride salts dissolved in water. If we want to understand their physical
chemistry, we must know whether or not chlorides form ion pairs.

In many cases aqueous solutions of the alkali and alkaline earth
chlorides are used as standard solutions in the determination of associa-
tion constants for other ion pairs (Pytkowicz and Kester, 1969). Measure-
ments of the properties of .solutes in these standard solutions are assumed
to represent the ideal case where no association has occurred. Deviations
from these ideal values in other solutions are assumed to be due to ion
pair formation. If there is ion association in the presence of chlorides,
then all other measurements of the degree of ion pair formation, which
have used chJorjdes as a standard, will underestimate the concentration
of ion pairs.

Most chemists have concluded that the salts o( the alkali and alka-
line earth chlorides, as well as hydrochloric acid, are true strong electro-
lytes (Davies, 1962). The evidence used to support the hypothesis of com-
plete dissociation in these solutions is based mainly upon conductivity
measurements. At concentrations lower than 0.02 molal, the conductance
of aqueous solutions of chloride salts can be predicted by theoretical
equations which do not take ion association into account (Davies, 1962).
It has not been generally recognized until recently, however, that the
conductance data br alkali metal solutions may be fit with non-zero
association constants (Pethybridge and Spiers, l974, and therefore con-
ductance data at low concentrations cannot provide unequivocal evi-
dence for the complete di5sociation of these electrolytes.

Recent studies do in fact indicate some association in chloride solu-
lions. Chiu and Fuoss (1968), who used a conductance equation that was
accurate to 0.1 m, found that significant amounts of ion pairs are present
in aqueous solutions of sodium and potassium chloride. The changes in
the solubility of calcium sulfate in various solutions have been inter-
preted as indicating the presence of ion pairs of chloride with calcium
and magnesium (Elgqvist and Wedborg, 1975). Finally, a theoretical
study of the degree of ion pair formation in seawater indicated that sig-
nificant amounts of chloride ion pairs should be present in seawater
(Kester and Pytkowicz, 1975). This study, which was based upon the
Fuoss (1958) theory for ion pair formation, was reasonably accurate in
predicting the stoichiometric association constants measured for other
ion pairs in seawater (table 1).

T}IEORETICAL

The method used by us to determine the association constants for
chloride ion pair formation is based upon potentiometric measurements
of the activity of HCI in aqueous solutions with two electrolytes. As in
any study of ion association we have had to make some non-thermo-
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dynamic assumptions. These assumptions will be tested and verified. In
order to explain the methods used in this study, we will first examine
the assumptions that we used and their implications.

We assumed that ion-seruitive electrodes do not respond to ion
pairs but only to free ions. This means that ion pairs are chemically
distinct species with some properties that differentiate them from free
ions in solution. Direct measurements of the Raman spectra of magne-
sium sulphate ion pairs (Davis and Oliver, 1973) and of the effects of
magnesium and sodium sulphate on the Raman spectra of bisuiphate
(Daly, Brown, and Kester. 1972) support this assumption. Warner (1975)
summarized further evidence which indicates this assumption is correct.

The activity of a salt CA, whose ions form pairs. may be interpreted
in the following two ways

= [C]T [A] Yc,'r YA.T = [C] [A} )'c.r y,p (1)

where a is the activity of the electrolyte, brackets indicate the molar
concentration, and v is the molar activity coefficient. Subscript T refers
to the total concentration cf the ion present in solutions, whereas sub-
script F refers to the free or unassociated portion of the ion. This equa
tion is derived by Robinson and Stokes (1959).

The second assumption that we made is a modification of the ionic
strength principle first stated by Lewis and Randall (1921). The modified
principle, whtch has been used in many results from this laboratory and
has been shown to be accurate, states that free activity coefficients ob-
tained from eq 1 should depend only upon the effective ionic strength

TABLE I

Stoichiometric association constants of various ion pairs in seawater
calculated from the Fuoss model of ion association by Kester and

Pyikowica (1975). The values labeled Crystal and Debye were obtained
using the crystal radii of the ions and the estimated hydrated radii
of the ions, respectively. Experimentally measured stoichiometric

association constants are given for comparison. See Kester and
Pytkowicz (1975) for references. Values for NaC1,
MgCI+. and CaCI+ were determined in this study.

Ion pair Debye
K calculated

Crystal Measured
NaSO, 2.1 2.9 2.02MgSO' 4.6 140 10.2
CaSO, 63 58 10.8
NaHCO,' 0.46 035 0.28MgHCO, 2.8 5.2 1.62
CaHCO, 2.4 3.7 1.96NaCO. 2.0 3.6 4.25
MgCO 3.9 985 112.3
CaCO, 4.9 117 279.6NaCI' 0.43 0.31 0.321
MgCI 2..3 53 1.91
CaC1 2.3 3.7
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of a solution (Pytkowicz and Kester, 1969). The effective ionic strength,
which is a corrected version of the total ionic strength, takes ion associa-
tion into account, and is expressed by

0.5 ( [ii 1Z
[ + [P1 lZpi2) (2)

p

The first summation is extended over all the free ions in solution, whereas
the second extends over all ion pairs. The valence of the free ion is z,
while the net charge on an ion pair is 2D We have used molanties in
this equation because an effective ionic strength defined as the amount
of charge per liter of solution reflects more accurately the interactions
between ions, which are a function of the distance between ions, than
does the amount of charge per kilogram of water in a solution. The ef-
fective ionic strength principle has proven especially useful in describing
total activity coefficients in NaCINa2SO4 solutions (Pytkowicz and Kes-
ter, 1969>.

Total activity coefficients, of course, depend not only upon the
effective ionic strength but also upon the degree of ion association. After
rearranging eq 1 to

/ [CIr [A] \
Ye,Y,r = YC.FY.&,F

. [C}. [A} )
(3)

we see that total activity coefficients are functions of the free activity
coefficients and of the ratios of free to total C and A. This last quantity,
in parentheses, depends on the amount of ion association that has occurred.

Most experimentally measured activity coefficients, obtained by di.
viding the activity of a salt by the total concentration of its ions in a
solution, have been found not to obey the effective ionic strength prin-
ciple (Harned and Owen, 1958). Instead, the logarithm of the activity
coefficient has been shown to vary linearly, or nearly linearly, with the
composition of binary mixtures of electrolytes at a constant total ionic
strength. This behavior is known as Harned's rule and is based upon
many experimental observations (Harned and Owen, 1958).

The Guggenheim specific interaction model has been used in most
cases to explain Harried's rule. However, Pytkowicz and Kester (1969)
have shown that Harned's rule can be derived from an ion association
model in NaCINaSO4 solutions. We will show next by an example that
Harned's rule for solutions of two univalent electrolytes with one ion
in common, such as HC1HCIO4 or NaC1KC1 mixtures, can also be de-
rived from an ion association model,

Consider two univalent salts, CA and DA, which have stoichiometric
association constants of 0.1 and 0.2 respectively. The effective ionic
strength ranges from 0.854 in pure DA to 0.916 in pure CA in mixtures
of these two salts held at a constant total ionic strength of LU ([AlT =
1.0). This range of effective ionic strengths is small enough to allow us
to assume that the free activity coefficients of CA and DA are constant in
all the mixtures, since activity coefficients are relatively insensitive to
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changes in the ionic strength in this concentration range (Robinson and
Stokes, 1959).

We will next calculate the total activity coefficients of CA and DA
in a series of solutions itt which A}I. = 1.0. Let us assume that the mean
free activity coefficients of both salts are 0.9. We can then calculate the
mean total activity coefficients from eqs

- ( [CJ [A)F \ O.
Y±c.r

rci [AlT )
et)

- /_[D][A]r\o.t -
YDA,r

[D]1. [AlT )
()

The free concentrations of CA and DA were calculated using the stoi-
chiomecric association constants of the two salts and a mass balance
equation for each ion. The results for several calculations are plotted in
figure 1. The plots of the total activity coefficients of CA and DA against
the total concentration of the ion C in the mixture yield straight lines
in accord with Harned's rule.

We feel that Harned's rule can, therefore, be explained in terms of
ion association. We have assumed, for this reason, that all salts whose
activity coefficients obey Harned's rule are associated. The experimentally
measured activity coefficients for these electrolytes will be the equivalent
of total activity coefficients and not free activity coefficients, because the
total concentrations of the ions of these electrolytes do not equal the free

-DE

log

-.12

Ha

0 2 .4 .6 .8 1.0

M01

Fig. 1. The logarithm of the total mean activity coefficients of CA and DA are
plotted against [C],. 1 - [Dl,. (listed as id,,. in figure). The activity coefficient of
HCI In mixtures with NaC1 at a total ionic strength of 1.01 is plotted for comparison.
In this case the symbol Me,. corresponds to [H],..
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concentrations. The experimentally measured activity coefficients should
not, therefore, be independent of the composition of the solution in
which they are measured when the total ionic strength is held constant.

If we knew the activity coefficients of both the electrolytes in a bi-
nary mixture, we could, in principle, determine directly the association
constant of each electrolyte. We have found that there are no cases where
the activity coefficients of both components of a mixture are known ac-
curately enough to permit this calculation. Instead we are forced to
assume a value for the association constant of some reference electrolyte.
The model that we have developed will then allow us to calculate the
stoichiometric association constant of some other electrolyte, which has
one ion in common with the reference electrolyte, if we measure accu-
rately the activity of one solute in a mixture of the two electrolytes.
Then, this other electrolyte becomes in turn the new reference one for
measurements of other association constants. This leads us to our final
assumption.

This assumption concerns the degree of association between H+
and dO4. We have concluded from several lines of evidence that the
association Constant for the formation of }IC1O° ion pairs must be very
small. We will now review this evidence.

The first line of evidence concerns the effect of the degree of asso-
ciation in various solutions on total activity coefficients. In figure 1 the
total activity coefficients of both CA and DA are at their minimum val-
ues in pure DA and the total activity coefficients increase with the con-
centration of ion C to their maximum values in a solution of pure CA.
This behavior occurs because the ratio [A]/[A]1 in eqs 4 and 5 is at a
minimum in pure DA, due to the larger association constant of DA, and
increases monotonically with the fraction of ion C in the solution to its
maximum value in pure CA. The changes in the ratios of free to total C
and D are about an order of. magnitude less than that of ion A and,
therefore, do not exert as strong an influence on the change in the total
activity coefficients.

The relative strengths of the ion association constants of two electro-
lytes with one ion in common can, therefore, be determined by examin-
ing the behavior of total activity coefficients in their binary mixtures.
The total activity coefficients of each electrolyte will increase as the pro-
portion of the electrolyte with the weakest association constant increases
in a series of solutions, all at a constant total ionic strength.

With these trends in mind we examined the available data for
activity coefficients in aqueous mixtures of two electrolytes with one ion
in common. We found that the activity coefficient of hydrochloric acid
decreased from the value in its pure solution when mixed with the alkali
chlorides. This indicates that the association constant of HCI is smaller
than that for alkali metal ions with chloride. In mixtures with perchioric
acid, however, the activity coefficient of HC1 increases. The a5sociation
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constant of HC104° is therefore the smallest of the 1-1 electrolytes that
we have examined.

The degree of association between H+ and ClOr has also been
examined directly by physical methods. Akitt and coworkers (1965, 1969)
found that no detectable association occurs below an ionic strength of
6.0 in aqueous perchloric acid solutions. They used a number of experi-
mental techniques in their study which included Raman spectroscopy,

C1 magnetic resonance, and proton magnetic resonance.
We assumed that the association constant of HClO° is IO-, a value

that pertains to the formation of HCIOIC molecules and not to ion pairs
(Kossiakoff and Harker, 1938). We used this value so that a non-zero
number could be entered into our computer programs. Our results are
insensitive to the value of the association constant assumed for HC1O°
as long as it is less than lO.

'We calculated the stoichiometric association constant for the for-
mation of HCl ion pairs by using the assumptions discussed above in
the following way. If we take the ratios of the activity of HCI in a pure
solution of HC1 and in a solution of HCI and HC1O4, both of which
have the same effective ionic strength, we obtain

aHel [H]s [CIIF Yi Yi.p [HIF [CII
(6)

a [ ], [ J 5' CI .5' [ ]
[Cl]

wher the prime refers to the mixture. The free activity coefficients have
been cancelled because both solutions are at the same effective ionic
strength, and the free activity coefficients are, therefore, the same in these
solutions. The total concentration of the pure HC1 solution which has
the same effective ionic strength as that of a given mixture is not known
at this point. It will become a variable in our analysis.

The activity of the pure HCI solution is related to the total con-
centration by the equation

a = ([H]T..nc)2 (7)

where YuH,r is the experimentally measured mean total activity coeffi-
cient in the pure HC1. The procedure used by us to obtain )±ict.r at
each value of [H]? will be discussed shortly.

The free concentration of H± must also be the same in both solu-
tions as the effective ionic strength is required to be the same in both
solutions

= (H]. = [H].' (8)

Eqs 6 and 8 are the keys to our method for solving the association
constant of HCI°. We will now combine these two equations with mass
balance equations and equations for the stoichiometric association con-
stants of HCI° and HCIO4° in order to obtain a system of equations
that can be solved for the association constant of HCI°
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Mass balance equations may be written for all components

= [Hir' + [HCI° [HC1O°]' (9)

[Cur' = [Cl]' + [HC1°]' (lOs

[ClO].' = EClO4r' + [HClO°y (11)

[HIT = [H]F [HCI°1 (12)

[Cur = [H]F (la)
These equations represent the distribution of the total concentrations
into free ions and ion pairs. The concentration of HCIO4° may be ob-
tained from the stoichiometric association constant of perchloric acid

HC1O
[H]' [CO]F'

= lOT (14)

We now have nine equations in ten unknowns. To complete our system
so that we may determine the concentration of all ion pairs and the total
concentration of the pure HC1 solution that has the same effective ionic
strength as the HCIHCIO4 mixture, we must examine the stoichiometric
association constant of HC1°.

The stojchjometric association constant for the formation of HCI°
is related to The thermodynamic association constant by

Ti' [HC1°] Yn. YeLP
HCI [H] [Cl]

- KHCI (15)
Yaci

where is the thermodynamic association constant that is a function
only of the temperature and pressure. The stoichiometric association
constant must depend only upon the effective ionic strength at a con-
stant temperature and pressure, since it is related to the thermodynamic
association constant by the free activity coefficients which depend only
upon the effective ionic strength. K*uct is, therefore, the same in pure
HC1 and in the HCIHC1O4 mixture, when the two solutions are at
the same effective ionic strength, and we have

HC1°' HC1°'
[H]' [C1]' {}]r [Ci1]

= K*ici (16)

Eqs 6 through 14 and 16 are a system of ten independent nonlinear
equations which can be used to solve for the ten unknowns; [H].. Cl]F.
[HC1°}, [H], ann, [H]', [CUr', [ClO4].', [HCI°]', [HC1040]'. The only
data needed to solve this system are the experimentally measured activity
of Nd in a mixture with HCIO4 and an empirical equation relating the
total activity coefficient of a pure HC1 solution to the total concentration.
We will now discuss this data.

The activity of HCI in an HC1HCIO4 mixture was obtained from
four independent sets of experimental data reported in the literature
(see table 2). The measurements were all made using a cell of the type

Pt(H.,) HCI, HC1O AgC1:Ag
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TABLE 2

Results obtained for the stoichiometric association
constant of HCI°. [HC1O4]' is less than 10- M.

Y.uci,r [HJ. C1y. {HC1'J j K,(M) Source

0.880 0.9503 0.0950 0.00998 0.9598 0.125 Murdoch and
Barton (1953)

0.871 0.9487 0.2572 0.02531 0.9236 0.131

0.853 0.9554 0.4777 0.04907 0.9068 0.126

0.823 0.6829 0.06829 0.00624 0.6763 0.149 -

0.825 0.7262 0.1815 0.01773 0.7081 0.153 *
0.790 0.3916 0.03917 0.00321 0.3884 0.230

0.785 0.3904 0.09687 0.00738 0.5831 0.215

0.774 03035 0.2516 0.01148 0.4916 0.0972
0.770 0.2946 0.1473 0.00774 0.2868 0.193

0.814 0.09900 0.00981 0.00052 0.09847 0.574
0.809 0.09716 0.02429 0.00105 0.09611 0.469

0.808 0.09585 0.04793 0.00264 0.09319 0.624

0.873 0.9537 0.1907 0.01968 0.9357 0.123 Storonkin,
Lagunov and
Belokoskov
(1966)

0.859 0.8599 0.09554 0.00983 0.8504 0.135

0.856 0.8317 0.06692 0.00686 0.8251 0.139

0.853 0.8128 0.04781 0.00487 0.8076 0.140
0.848 0.7940 0.02870 0.00282 0.7916 0.137

0.844 0.7846 0.01914 0.00179 0.7851 0.132

0.850 0.7751 0.00957 0.00100 0.7758 0.151

0.778 03896 0.4913 0.04217 0.5474 0.172

0.768 0.3946 0.2959 0.02365 0.3708 0.234

0.768 0.2965 0.1977 0.01232 0.2842 0.234

0.773 0.1981 0.09903 0.00265 0.1954 0.141

0.782 0.1685 0.06936 0.00261 0.1659 0.236

0.789 0.1487 0.04957 0.00210 0.1466 0.301

0.794 0.1289 0.02975 0.00103 0.1278 0.281

0.796 0.1091 0.00992 0.00012 0.1090 0.110

0.902 1.0110 0.08459 0.00958 1.0010 0.128 Vasil'ev and
Glavina (1976)

0.906 1.0027 0.08450 0.01023 0.9929 0.139

0.883 0.9111 0.08562 0.1)1036 0.9005 0.153

0.895 0.9886 0.1702 0.02074 0.9683 0.143

0.819 0.5946 0.08540 0.00958 0.5851 0.211

0.829 0.6015 0.08543 0.01095 0.5908 0.249

0.814 0.6007 0.1701 0.01961 03814 0.224
0.811 0.5956 0.1708 0.01851 0.5772 0.210

0.807 03942 0.3472 0.05578 05381 0.355

0.804 03935 0.4367 0.09408 0.4993 0550
0.878 0.9482 0.00948 0.00089 0.9469 0.110 Macaskill and

Pethvbridge
(1977)

0.868 0.9537 0.1907 0.01792 0.9362 0.111
0.858 0.9597 0.3839 0.05665 0.9227 0.114
0.848 0.9658 03795 0.05710 0.9083 0.120
0.837 0.9720 0.7776 0.08092 0.8907 0.130
0.802 0.09927 0.00993 0.00016 0.09911 0.170
0.802 0.09930 0.01986 0.00032 0.09902 0.167
0.800 0.09937 0.03975 0.00041 0.09897 0.106
0.799 0.09943 0.05966 0.00085 0.09858 0.147
0.798 0.09949 0.07960 0.00215 0.09730 0.285
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which involves no liquid junctions. These and all subsequent measure-
ments were made at 25.0°C.

The activity coefficients of the mixtures were reported on the molal
activity scale. We converted these activities to the molar scale by using
equations given in Robinson and Stokes (1959). Densities of the mixtures,
which are needed for the change in activity scale, were obtained by
taking a linear combination of the densities of pure solutions of each
component at the same total ionic strength as that of the mixture ob-
tained from the International Critical Tables (1928). For example. the
density of a solution 0.5 m in C1 and 0.4 m in C104 was estimated to
be p = (0.5 Puct + 0.4 pHCIo4/09 where PHc and Puo4 are the densities
of the pure solutions at 0.9 m. This procedure yields densities of mix-
tures with an accuracy of better than 0.1 percent based upon experiments
in our laboratory. The activity coefficients of Murdoch and Barton (1933)
were also recalculated using a more reliable value for the standard
potential of the Ag/AgCI electrode (Harned and Ehlers, 1933).

The total activity coefficients of pure HC1 solutions were found by
the following procedure. The total molar concentration of the pure HCI
solution was converted to the molal scale using the empirical equation
(Has-ned and Owen, 1958)

[HIT = 0.9970 + 0.0l82(ff) (17)
( )'r

where parentheses indicate molality. The total mean activity coefficient
of the pure solution was then found using an empirical equation that
had been fit to the experimental data of Harned and Ehlers (1933)

log
= O.2097(H)T

- 0.l292(H)'-5 + 0.0585(H)2 (18)

where is the molal mean activity coefficient. This activity coeffi-
cient was then converted to the molarity scale by using the equations
given in Robinson and Stokes (1959) and substituted into eq 7. The cell
used by Harned and Ehlers (1933) was of the los-rn

Pt(H2) HCI AgCI:Ag

and again involved no liquid junctions.
The system of equations was then solved numerically on a PDP-15

computer. The total concentrations of H±, Cl, and C1O and the
activity of HCI in each of the mixtures were entered into the computer,
and the stoichjojnetrjc association constant of HCI was determined in
the solution. Iterations were continued, until the changes between suc-
cessive iterations in the effective ionic strength and in the stoichiometric
association constant were less than 0.03 percent. The change for all other
quantities was smaller than this.
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RESULTS FOR TIlE ASSOCIATION OF HC1
The results we have obtained for K'H are listed in table 2. The

results calculated from the different sets of data are in good agreement
with each other at effective ionic strengths above 0.1. The results ob-
tained from the data of Vasil'ev and Glavina (1976) are systein.aticaUy
20 percent higher than the others but follow a similar trend with effec-
tive ionic strength. The error in their data probably arises from the
standard potential of their Ag/AgCI electrode.

At effective ionic strengths smaller than 0.1 the results for Kci
scatter badly, and there are large systematic differences between the
results obtained from Murdoch and Barton (l93) and from Macaskill
and Pethybridge (1977). This scatter is due to the increased sensitivity of
the association constant to the activity of HCI in the mixture as well as
in the pure HCI solutions at low effective ionic strengths. An uncertainty
of ± 0.002 in the total mean activity coeflicient of HC1 in the mixture
causes an error in K'11 of ± 14 percent at an effective ionic strength
of 0.1, while the error is only 3 percent at an effective ionic strength
near 0.95. The uncertainty in both activity coefficients also increases as the
concentration decreases. The precision with which K* can be deter-
mined also depends on the ratio of Cl/ClO in the solution. The
error is ten times larger when the ratio is ten than when it is 0.1 for a
constant error in

A regression equation of the form

lnK=A+BIe (19)

was tit to the data at effective ionic strengths greater than OJ. The con-
stants for this equation are listed in table 3. We have included in the
regression only those results determined with C1-/QO ratios smaller
than 1.0 in order to maintain a good precision.

OThIR CHLORIDE ASSOCIATION CONSTANTS

The results we obtained for K*a were then used to obtain the
association constants of Na+, K±, Cai+, and Mg2+ with Cl-. The pro-
cedure was very similar to that used for HC1° and will only be outlined
here.

The association constants of these salts were calculated from mea-
surements of the activity of HC1 in a mixture of HC1 with one of the salts.
As an example the association constant of KCI° was found from the

TAStE 3

Constants of eq 19 for the various ion pairs
Ion Pair A B I. Range

HCI 1.179 0.982 0.1 -L00
NaC1' 0.537 1.002 0.1 -0.88
KC1 0.491 0.464 0.1 -0.81
MgCI 0.651 .0.011 0,38-0.70
CaC1 1.073 0.442 0.37-0.70
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activity of HCI in HCI-KCI mixtures. To solve for the association con-
stant we used equations of the same forms as those of eqs 6 through 13
and 16. The ion common to the two electrolytes is C1 when we measure
K, whereas the common jars was H when we determined KHcI.
We, therefore, replaced H± by C1 in the equations and C1 by H.
G1O, on the other hand, was replaced by K. We then introduced the
following new equation from which the association constant of KCl°
was calculated

[KCI°]'
KC1 ryi , rr.11 ' ( )

L iF 1'-'iF

The stoichiometric association constant of HCI° was obtained from eq 19.
In the case of Mg2+ and Ca2+ we must also modify the equation for the
eective ionic strength in the mixture to account for the double charge
on the metal cation. Eq 7 then becomes

le = [H]F = 0.5 ([H]F' + [Cl}F' ± 4[Mg]F' + fMgCI]') (21)

Eqs 6 through 13, 16, and 19 were solved numerically by the same proce-
dure used for HG!° in order to obtain the stoichiometric association
constants for the formation of NaCI°, KC1°, MgC1+, and CaCI+.

T.ji 4
Results obtained for the stoichiometric association constant of NaC1°

ECl,T [C1] [H1.' [NaC1°f £Hc1]' I, K'c1(M) Source

0.781 0.9787 0.00094 0.1654 0.0001 0.8133 0.250 Ilamed (1926)
0.782 0.9787 0.00489 0.1638 0.0002 0.8147 0247
0.784 0.9787 0,00275 0.1607 0.0003 0.8178 0.241
0.783 0.9787 0.00471 0.1620 0.0005 0.8162 0.244
0.784 0.9787 0.00979 0.1600 0.0050 0.8177 0.242
0.784 0.9787 0.01957 0.1590 0.0020 0.8177 0.243
0.784 0.9787 0.02936 0.1580 0.0036 0.8177 0.244
0.783 0.9787 0.04893 0.1576 . 0.0050 0.8162 0.250
0.785 0.9787 0.09787 0.1496 0.0099 0.8193 0.250
0.789 0.9787 0.1957 0.1337 0.0199 0.8252 0.250
0.793 0.9786 0.2916 0.1176 0.0298 0.8311 0.250
0.802 0.9786 0.4893 0.0842 0.0498 08445 0.246
0.768 0.9883 0.00979 0.1880 0.0010 0.7994 0.297 flamed and

Owen (1958)
0.737 0.5038 0.00988 0.0707 0.0008 0.4324 0.386
0.755 0.2087 0.00994 0.0165 0.0005 0.1918 0.472
0.785 0.1095 0.00996 0.0051 0.0003 0.1041 0.519
0.787 1.0172 0.1016 0.1618 0.0104 0.8451 0.254 Plath. Johnson

and PvUowicz
(in preparation

0.789 1.0221 0.1278 0.1580 0.0130 0.8510 0.232
0.804 1.0303 0.3433 0.1164 0.0352 0.8787 0.232
0.808 1.0262 0.5167 0.0910 0.0529 0.8823 0.246
0.817 1.0205 0.7654 0.0495 0.0785 0.8923 0.269
0.774 0.6888 0.6200 0.0174 0.0581 0.6134 0.550
0.770 0.6889 0.5166 0.0323 0.0482 0.6083 0.380
0.761 0.6889 0.3444 0.0601 0.0319 0.5969 0.354
0.756 0.6889 0.1722 0.0825 0.0159 0.5905 0.322
0.749 0.6889 0.0689 0.1010 0.0063 0.3816 0.335
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The sources for the activity coefficients in the mixtures as well as
the results we obtained are listed in tables 4 through 7. These measure-
merits were all made with a cell of the type

Pt(H..) HCI, MCI AgC1:Ag

with the exception of the results of Harned (1926) and Plath, Johnson,
and Pyckowicz (in preparation). In these latter results a glass pH elec-
trode was substituted for the Pt(}L) electrode, and potentials were mea-
sured to ± 0J mV at 25.0°C. The experimental technique was similar
to that of Chiistenson and Gieskes (1971).

Harned (1926) used a calomel electrode in place of the AgC1:Ag
electrode. A correction was applied to the data of Harried (1926). before
it was used in our computations. It has been noted in the literature that
the value of the standard potential of the cell used by Harried was not
reliable (Hills and Ives, 1961). As a result of this, all Harned's data for
activity coefficients in pure HC1 are systematically low. We, therefore,
corrected his results by finding the average ratio of his activity coeffi-
dents in pure HC1 at ionic strengths of 1.0 or less to those that we used
at the same total concentration. This ratio was 0.9940. All Harned's ac-

TABLE 5

Results obtained for the stoichiometric association constant of KCI°

Y'.or C1]r [H]r [I(C1')' [HC1']' 1, Source

0.731 0.9689 0.00097 02366 0.0001 0.7322 0.442 Harned fl926)
0.737 0.9689 0.00194 0.2274 0.0002 07413 0.415 -

0.731 0.9689 0.00291 02364 0.0003 0.7322 0.443
0.730 0.9689 0.00484 0.2377 0.0005 0.7307 0.445
0.737 0.9690 0.00969 0.2267 0.0010 0.7413 0.418
0.734 0.9691 0.01938 0.2303 0.0019 0.7369 0.434
0.737 0.9692 0.02007 0.2249 0.0029 0.7414 0.424
0.726 0.9693 0.04847 0.2396 0.0048 0.7249 0.485
0.738 0.9698 0.09698 02168 0.0096 0.7433 0.445
0.743 0.9707 0.1941 0.201)0 0.0193 0.7514 0.462
0.755 0.9717 0.2915 0.1725 0.0292 0.7700 0.441
0.775 0.9756 0.4868 0.1233 0.0491 0.8012 0.424
0.741 0.9784 0.00969 0.2247 0.0010 0.7528 0.41)1 Harned and

Owen (1958)
0.716 03012 0.00983 0.0920 0.0008 0.4055 0.564
0.751 0.2082 0.00992 0.0186 0.0005 0.1B92 0.546
0.784 0.1094 0.00995 0.0054 0.0003 0.1037 0354
0.725 0.6845 0.06845 0.1509 0,0061 05451 0.489 PlaLh. Johnson

and Pvtkowicz
(in prep.)

0.734 0.6852 0.1713 0.1097 0.0155 03600 0.485
0.749 0.6864 0.3432 0.0751 0.0315 0.5799 0.483
0.767 0.6876 03157 0.0360 0.0480 0.6036 0.439
0.777 0.6883 0.6195 0.0134 0.0581 0.6168 0.390 -
0.743 0.9698 0.09698 0.2093 0.0097 0.7508 0.420 Harned and

Ganc'v (1958)
0.760 0.9717 0.2915 0.1650 0.0292 0.7775 0.412
0.778 0.9736 0.4868 0.1188 0.0492 0.8057 0.401
0.731 0.4920 0.0984 0.0672 0.0077 0,4170 0.494
0.742 0.4926 0.2266 0.0457 0.0181 0.4289 0.483
0.752 0.4932 0.3551 0.0248 0.0287 0.4398 0.497
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tivity coefficients in mixtures were then divided by this ratio to obtain
the corrected values. This procedure is mathematically equivalent to
adjusting the standard potential used by Harned, so that the average
deviation of his data in pure HC1 from the values that we have used is
zero. All activities were again converted to the molar concentration scale.

Regression equations of the same form as eq 19 were fit to the asso-
ciation constants for each salt, and the resulting constants are given in
table . Again no data were used in the regression, if the ratio of [H]r/
[M] exceeded one, where M represents the metal ion. This was done
because it was observed that the error in K*a increased rapidly as the
concentration of H+ exceeded that of the metal ion. We have also used
a weighting factor in these regressions, because there were large differ-
ences in the number of observations made by the different groups. The
data from each group were weighted so that an equal number of points
was entered into the regression for each data set used. This procedure
minimizes systematic errors inherent in any one data set. The scatter of
the data about the regression line is within ± 10 percent in nearly all

TAaI.a 6

Results obtained for the stoichiometric constant of MgC1

YHC.D rClYr HI Mgc1 [ad']' I. Source

0.728 0.4713 0.02479 0.0933 0.0016 03063 1.91 Plath, Johnson
and Pyrkowica

(in preparation)
0.733 0.4859 0.06940 0.0871 0.0047 0.5151 1.85

0.742 0.5199 9.1733 0.0755 0.0127 0.5296 1.79

0.759 03764 0.3438 0.0505 0.0280 03628 1.56

0.773 0.6328 03177 0.0243 0.0455 0.5961 1.30

0.726 0.3371 0.01775 0.0576 0.0010 0.3807 2.02
0.732 0.3474 0.04966 0.0528 0.0029 0.3879 1.88

0.727 0.6717 0.03535 0.1630 0.0027 0.6613 2.08
0.730 0.6749 0.04499 0.1600 0.0034 0.6667 2.02
0.748 0.7062 0.1413 0.1393 0.0112 0.6989 1.75

0.786 0.8204 0.4922 0.0812 0.0446 0.7776 1.41

TABLE 7

Results for the scoichiometric association constant of CaC1+

[C1]' [H]', [Cad']' [lid!']' I, K.(.{)r Source

0.717 0.3359 0.01769 0.0632 0.0010 0.3676 2.43 Plath, Johnson.
and Pvtkowicz
(in preparation)

0.720 0.3475 0.04961 0.0610 0.0028 0.3716 2.44
0.712 0.4710 0.02478 0.1052 0.0016 0.4821 2.45

0.719 0.4856 0.06937 0.0985 0.0047 0.4919 2.35
0.729 0.5197 0.1732 0.0866 0.0126 05070 2.38
0.749 05763 0.3457 0.0597 0.0280 03443 2.19
0.766 0.6327 0.5177 0.0310 0.0456 0.5826 2.10
0.720 0.6712 0.03533 0.1695 0.0027 0.6477 2.29
0.723 0.6745 0.04496 0.1664 0.0034 0.6531 2.22
0.735 0.7058 0.1412 0.1518 0.0112 0.6734 2.14
0.748 0.7402 0.2467 0.1344 0.0205 0.6975 2.04
0.768 0.8201 0.4920 0.0994 0.0449 0.7403 2.23
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cases indicating the precision of the association constants is also ± 10
percent.

DISCUSSION

The association constants we have obtained meet all the require-
Inents imposed by the assumptions we have used irs this model. The
stoichiometric association constants for each salt depend only on the
effective ionic strength of the solution in which they were measured and
not upon the composition of the solution. For example, we have plotted
in figure 2 the stoichiometric association constants obtained for HCI° at
effective ionic strengths between 0.91 and 0.99 against the ratio of C1
to ClO in the solution in which K' was determined. The slope of
a line through the data is 0.000 ± 0.004 indicating the stoichiometric
association constant is independent of the composition of the solution.
Similar results are obtained for the other association constants.

An even stronger test of our association constants can be made by
using them to calculate total activity coefficients in muiticomponent
solutions with a composition different from that in which the association
constants were measured. This can be done in the following manner. The
free concentrations of all components in a solution con.taining an's com-
bination of the chloride salts for which we have determined stoichio-
metric association constants are determined by using a system of mass
balance equations and the stoichiometric association constants (Dvrssen,
Jagner, and Wengelin, 1968). ThiS requires an iterative calculation, as
we don't know the effective ionic strength initially, but if we make an
initial guess at I the calculation of the free components will yield a
more refined estimate, which, after a number of iterations converges on
the correct value of I. Once the spedation and effective ionic strength
are found, we calculate the total concentration of a pure solution of each
component of the mixture which has the same I as the mixture. For

0i41 a

"Ha
I-.

S

a

III

cl-/cIo

Fig. 2. The stoichiomelric association conssants of HCI cletennined letween eftec
Live ionic strengths of 0.91 and 0.99 are plotted against the ratio of the concentrauonsof Cl and ClOt in the solution in which the association constant was determined.
The symbols correspond to the data obtained from the following workers: x, Murdoch
and Barton (1933); . Storonkin. Lagunov, and Belokoskov (1966); C. Vastl'ev and
GIavina (1976); and Q, Macaskill and Pethybridge (1977).
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example, the total concentration of a pure NaCJ solution having the
same l as any mixture can be obtained from

ENa]r = Kc1 I ± I, (22)

The total activity coefficient of each of these pure solutions is then found
by means of an empirical equation which has been fit to experimentally
determined total activity coefficients as a function of the total concentra-
tion of the pure solution. We have used the equations given by Pytkowicz,
Atlas, and Culberson (1977). which are of the same form as eq 18. The
free activity coefficient of the electrolyte in each of these pure solutions
is then calculated from the total activity coefficient using eq 1.

The free activity coefficients, which were obtained in a pure solution
of each electrolyte present in the mixture, are equal to the free activity
coefficients in the mixture, since all solutions are a the same effective
ionic strength. The total activity coefficients in the mixture can there-
fore be obtained by means of eq 3, the free activity coefficients found in
the pure solutions, and the free and total concentrations of each compo-
nent in the mixture. Due consideration to differences in concentration
scales must be paid in these calculations as the equations of Pyckowicz,
Atlas, and Culberson (1977) are based upon the molality concentration
scale. A more detailed discussion of these calculations may be found in
Johnson and Pytkowicz (in press).

The above procedure was used by us to obtain a number of total
activity coefficients in multicomponent solutions. The calculated values
were compared to experimentally determined values, and we found very
good agreement in most cases. In table 8 we list our values of the trace

TABI 8

A comparison of trace activity coefficients calculated with our method
as outlined in the text, ('y.. (tPJP), by the specific interaction theory of

Pitzer and Kim ('y.... (t) PK), and values determined experimentally
(y... (t)exp.). The trace activity, coefficient of each salt was calculated in
a solution having a total ionic strength of 1.0 m. The concentration of

the trace component was less than 0.0001 in in our calculations.

System
A

A/B y,"' exp. y'" JP y' PK y," ep.
B

y," JP y,"' PK

Source

" exp.

KCl/NaCI 0.620 0.636 0.626 0.623 0.622 0.631 1.

KCl/CaCI. 0.639 0.628 0.662 0.426 0.428 0.459 2.
KCl/MgCI, 0.649 0.636 0.674 - 0.446 0.478 3.
NaCl/CaCh 0671 0.643 0.682 0.453 0.460 0.480 4.

NaC1/rtgCI, 0.682 0.650 0.694 0.476 0.484 0.499 5.

CaCI,/MgCI, 0.461 0.460 0.461 0.466 0.465 0.466 6.

1. Rush and Robinson (1968)

2. Robinson and Covington (1968)

3. Christenson and Cieskes (1971)

4. Robinson and Rowei (1966b>

5. Platford (1968'i

6. Robinson and Rower (19664)
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activity coefficient of each component in binary mixtures of chloride
salts along with trace activity coefficients determined experimentally.
Trace activity coefficients in these same solutions were also calculated
from the specific interaction theory of Pitzer and Kim (1974). Terms for
the interaction of ions of the same charge were not included for the
reasons discussed by Whitheld (l975b). All the values based upon our
method have been converted to the molal concentration scale, and the
total ionic strength of all solutions is 1.0 m.

The differences between the calculated trace activity coefficients and
the experimental values represent the maximum errors that can occur
at a given ionic strength. The root mean square of the percent differ-
ences between the calculated trace activity coefficients and the experi-
mental data is 2.3 percent for our results and 3.8 percent for the results
obtained from the specific interaction model. The largest difference
found is 4.7 percent for our model and 7.7 percent for the specific inter-
action model. These results confirm the accuracy of our model and sug.
gest that for the most accurate calculations ion association must be taken
into account.

We used our ion pairing model to calculate the speciation in an
artificial seawater in which the only anion present is chloride in order
to illustrate the importance of chloride ion pairs. The results are shown
in table 9. The fraction of cations tied up in ion pairs is significantly
different from those estimated from earlier ion association models of
seawater in which chloride association was not considered, even though
sulfate association is not considered. As an example, in our model only
50.3 percent of the Mg2+ is free, whereas Pytkowicz and Hawley (1974)
calculated 89.2 percent to be free by using a model that considered the
cations of seawater to associate only with SO12 C032, and HCO3.
The accuracy with which our model predicts the observed activity co-

TABLE 9

The distribution of species in an artificial seawater containing only
Na+, K+, Mg2+, Ca2+ and C1 calculated using our model.

The column headed UP) gives the values of the total mean activity
coefficient for the chloride salt of each cation. The column headed iB-G)

gives total mean activity coefficients calculated from the Bronsted.
Gugenheim theory (Whitfield, 1975a, p. 149). The column headed

(Experimental) gives values for total activity coefficients
measured in natural seawater.

Total 7±
Ion molality % Free QP) (B-G) Experimenta1)

Na 0.4944 85.1 0.668 0.675 0.668 ± 0.003 *

0.0101 80.2 0.660 0.655 0.645 ± 0.0 18 **

Mgi' 0.0547 50.3 0.476 0.486

Ca 0.0105 45.7 0.466 0.470Cl 0.6549 82.9

* Gieskes (1966

Whitlield (1975a, p. 142)
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efficients of NaCI and KCI in seawater gives us confidence that our cal-
culations are correct and that chloride ion pairs are significant species
in seawater (see table 9). A discussion of speciation in seawater including
sulfate may be found in Johnson and Pytkowicz (in press).

It is interesting to note that our measured stoichiometric association
constants show good agreement with those calculated from the Fuoss
(1958) theory (table 1). This suggests there is a sound theoretical basis
for describing ion association.

Stoichiometric association constants that have been determined at
the high ionic strengths of interest to geochernists by using the assump-
tion that chlorides do not form ion pairs will have to be remeasured in
light of our results. Our preliminary results in this area indicate, how-
ever, that many earlier results that were obtained by assuming that
chlorides do not associate can be recalculated by taking chloride associ-
ation into account to yield results of sufficient accuracy (or most ap-
plications.

The complete implications of our model are discussed in detail
elsewhere (Johnson and Pytkowicz, in press).

SUMMARY

We have developed a model for ionic interactions in electrolyte
solutions that indicates that the properties of mixtures of the alkali and
alkaiine earth chlorides can be interpreted in terms of ion association
between chloride and the metal ion. From this model we have measured
association constants for C1 with H+, Na+, K4-, Mg2+, and Caz+.

The procedure used to determine the association constants did not
require us to estimate any single ion activity coefficients or to use elec-
trodes having liquid junctions. The association constants should there-
fore possess a high degree of accuracy. A unique feature of the stoichio-
metric association constants is that they are independent of the nature of
the chemical species in a solution, and they depend only upon the effec-
tive ionic strength of the solution. The stoichiometric association con-
stants may therefore be used ira solutions of widely varying compositions,
if the effective ionic strength of the solution can be calculated without
estimating activity coefficients in the solution.

ACKNOWLEDGMENTS

This research has been supported by NSF Grant OCE 76-00015 and
ONR Contract N00014-76-C-0067. We wish to acknowledge C A. Curtis
and D. Plath who provided invaluable assistance with the computer and
laboratory work.

REFEP.ENCSS

Akjtt, J. W., Covington, A. K.. Freeman, J. C, and Lilley, T. H., 196, Dissociation of
of perchloric acid measured by Raman and N.M.R. spectrometry: Chem. Corn-
muD., p. 149-350.

1969, Ionization of perchloric acid in aqueous so1utions Faraday Soc..
Trans.. v.65. p. 2701-2711.

Chat, Y.-C.. and uoas. R. Nt.. 1968, Conductance of the alkali halides. NIL Sodium
and potassium chlorides in water at 25': Jour. Phys. Chemistry, v. 72, p. 4123-4129.



285

1446 K. S. Johnson and R. M. Pytkowicz_Ion association of Cl- with

Christenson. P. C., and Gieskes, J. M.. 1971, Activity coefficients of HC1 in several
mixed electrolyte solutions at 25CC: Jour. Clsem. Eng. Data. v. 16. p. 399-400.

Daly, F. P.. Brown, C. W., and Kester. D. R., 1972. Sodium and magnesium sulfate
ion pairing: evidence from Raman spectroscopy: Jour. Phys. Chemistry. v. 76,
p. 3664-3668.

Davies, I). W., 1962. Ion association: Washington. Buuerworths, 190 p.
Davis, A. B,., and Oliver, B. G., 1973. Ranian spectroscopic evidence for contact ion

pairing in aqueous magnessuna sulfate solutions: Jour. Phys. Chemistry. V. 77.
p. 13154316.

Dymsen. D., Jagner, 0., and Wengcin, F.. 1968. Computer calculation of ionic equi-
libria and titration procedures: Stocic.holm. Almqvisc and Wikel, 1968. 250 p.

Elgqvist. C., and Wedborg. M., 1975, The stability of ion pairs from gynsum salubility:
Marine Chemistry. V. 1, p. 215.225.

Fisher, F. H.. 1967. ion pairing of magnesium sulfate in seawater: determined by
ultrasonic adsorption: Science. v. 157, p. 825.

Fuoss, B.. M.. 1958, Ionic assixiation. UI. The equilibrium between ion pairs and
free ions: Am. Chem. Soc. Jour., v. 80, p. 5059-5061.

Gieskes. J. M. T. M., 1966. The activity coefficient of sodium chloride in mixed electro.
lyLe solutions at 25'C: Zeitsclir. Physik. Chemie Neue Folge. v. 50, p. 78-90.

Harned, H. S., 1926, The activity coefficients of hydrochloric acid in concentrated
solutions of strong electrolytes: Am. Chem. Soc. Jour.. v. 48. p. 326-342.

Hamad. H. S., and Ehlers, R. W., 1933. Thermodynamics of hydrochloric acid solu-
tions: Am. Chem. Soc. Jour., v. 55, p. 2179-2193.

11amned. H. S., and Gancy, A. B., 1958. The activity coefficient of hydrochloric acid
in potassium chloride solutions: Jour. Ph's. Chemistry, v. 62. p. 627-629.

Hamned, H. S., and Owen, B. B., 1958, The physical chemistry of electrolytic solutions:
New York, Reinhold, 803 p.

Hills, G. J., and Ives, 0. J. C.. 1961. The calomel electrode and other mercury.mercurous
salt electrodes, in [yes, 1). J. C. and lana. G. 5., Reference electrodes: New York,
Academic Press, p. 127.178.

International Critical Tables, 1928: McGraw-Hill. New York, v. 3. p. 51-11!.
Johnson, K. S.. and Pyticowicz. B.. M.. in press, Ion association and activity coefficients

in multicomponeni solutions. in Pytkowicz. B.. M. Activity coefficients in electto-
lyte solutions: West Palm Beach. Via.. Chem. Rubber Co. Press.

Kester, 0. B.., and Pytkowicz. R. M.. 1969. Sodium, magnesium, and calcium sulphate
ion pairs in seawater at 25'C: Limnology Oceanography, v. 14, p. 586-592.

1975. Theoretical model for the formation of ion-pairs in seawater: Marine
Chemistry. v. 3, p. .365-374.

Koezaltoff, A., and Harker, 0., 1938. The calculation of the ionization of inorganic
oxygen acids from their structure: Am. Chem. Soc. Sour.. v. 60, p. 2047-2055.

Lewis, G. N., and Randall, M., 1921, The activity coefficients of strong electrolytes:
Am. Chem. Soc. Jour., v.43, p. 1112-1154.

Macaskiil, 5. 3., and Pethybridge, A. 0., 1977, The activity coefficient of hydrochloric
acid in aqueous mixtures with perchloric acid at 298.15 K and ionic strengths
0.1 to 5.0 mol kg: Jour. Chem. Thermodynamics. v. 9, p. 239-248.

Murdoch, P. C.. and Barton, R. C., 1938. The activity coefficients of hydrochloric acid
in aqueous soluuon containing either sodium dichionate or perchloric acid: Am.
Chetsi. Soc. Jour.. v. 55, p. 4074.4079.

Pethybridge. A. 0.. and Spices. D. J., 1974, Association constants of 1:1 electrolytes in
water from conductivity measurements: Chem. Soc. Jour.. Chem. Commun..
p. 423-424.

Pitzer. K. S., and Kim, 5. J., 1974. Thermodynamics of electrolytes. IV. Activity and
osmotic coefficients for mixed electrolytes: Am. Chem. Soc. Jour.. v. 96. p. 5701-5707.

Platford. B.. F.. 1968. Isopicstic measurements on the system water-sodium chloride-
magnesium chloride at 25': Jour. Phys. Chemistry. v. 72, p. 4053-4057.

Pytkowicz, R. M.. Atlas, E. A.. and Culberson, C. H., 1977. Some considerations of
chemical equilibria in the oceans, in Barnes. H.. Oceanography and marine biology
annual review, v. 15: New York. Aberdeen Univ. Press, p. 11-45.

Pytkowicz. R. M. anti Hawley, J. E., 1974. Bicarbonate and carbonate ion.pairs and a
model of seawater at 25'C: Limnology Oceanography, v. 19. p. 223-234.

Pytkowicz, R. M., and Rester, 0. B.., 1969, Harned's rule behavior of NaCI-Na,SO,
solutions explained by an ion association model: Am. Jour. Sci.. v. 267, p. 217-229.



286

H+, Na+, K+, Ciil+, and Mg+ in aqueous solutions at 25°C 1447

Robinson, R.A., and Bower, V. E., 1966a. Properties of aqueous mixtures of pure salts.
Thermodynamics of the ternary system: Water-calcium chloride-magnesium chlo-
ride at 25'C: Nat!. flur. Std. Jour. Research. v. 70A, p. 3O5311.

- 1966b, Properties of aqueous mixtures of pure salts. Thermodynamics
of the ternary system: %Vater-sodium chloride-calcium chloride at 25' C: Nati. Bur.
Std. Jour. Research, V. 70A. p. 3l3-3L8

Robinson, R.A., and Covington, A. K., 1968, Thermodynamics of the ternary ivstem:
Water-potassium chloride-calcium chloride at 25': NatI. Bur. Std. Jour. Research.
V. 72A. p. 239-245.

Robinson, R. A., and Stokes. R. if., h)59, Electrolyte solutions: London, Butterworths,
571 p.

Robinson, R. A., and Wood. R. H., 1972, Calculation of the osmotic and activity
coefficients of seawater at 25'C: Jour. Solution Chemistry, v. 1. p. 481-483.

Rush. L M., and Robinson, P.. A., 1968, A reevaluation of the activity coefficients in
the system NaCI-K.Cl-H2O: Tennessee Acad. Sri. Jour, v. 43, p. 22-25.

Stronkin. A. V., Lagunov. 34. 71. and Beiokosltov, V. I.. 1966, Aqueous solutions of
strong electrolytes. ill. Activity of hydrochloric acid in the system hydrochloric
acid-petchioric acid-watex Russian Jour. Phys. Cliem., V. 40, p. 1501-1505.

Vasil'ev, V. P., and Glavina, S. B.., 1976, Effect of the ionic strength on the potential
of a silver chloride electrode and the activity coefficients of HCI in the presence
of HCjO: Sosset Electrochemistry, V. 14 p. 705-708.

Warner, T. B., 1975, Ion-selective eleettodes in thermodynamic studies of seawater, in
Goldberg. E. 0.. The nature of seawater: Berlin. Dablem Konferenren, p. 191-218.

Whitheld. 34.. 1975a. Seawater as an electrolyte solution, in Riley, J. P., and Skirrow,
G., Chemical oceanography, V. I: London, Academic Press, p. 43-171.

19755, An improved speci6c interaction model for seawater at 25CC and
1 atmosphere total pressure: Marine Chemistry, v. 3, p. 197.213.



APPENDIX II

Program lonpra

A complete listing of program lonpra. is given. This program

is used to calculate the stoichiornetric association constant of HC1°

from measurements of the activity of HC1 n Hcl-Hc104 mixtures.

A sample of the data input (from teletype) and the printed results

are given. The program, which is written in the FOCAL LSL

programming language, is designed to run on the School of Ocean-

ography PDP-15 cornuter operating with the Advanced Monitor.
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C F(ir:A1 LSL V8
01. 10 1 "IONPPA" I

01. 11 C TI4I PROGRAM IS USED TO FIND THE STOICHIOMETRIC ASSOCIATION

01 1? C CONSTANT OF HCL FROM NEAUREMENTS OF THE ACTIVITY OF NCL
oi. i: C IN HCL HCLQ4 MIXTIJRES.
O-1..1!1 C THE INPUT DATA ARE THE PAP.AMFTER OF THE CULBERcON EQ.

01. t C FOR THE TOTAL MOLAL ACTIVITY COEFFICIENT OF PURF. HCL

01. 1? C FOR EACH SOLUTION TO BE ANALYZED THE FOLLOWING DATA.

81 .. 18 C All. ZN MOLAR UNITS MUST SE TYPED IN:
ei i' C 1. TOTAL CONC. OF CL AND CLo4 IN MIXTuRE
81. 20 C 2.. TOTAL COHO. OF N AND TOTAL ACT. COEF OF HOL IN NIX,

81. 22 C 3. INITAL GUESSES OF TOTAL CONC. AND TOTAL ACT.
01. 2' C COEF. OF PURE MeL SOLN WITH SAME EFFECTIVE IONIC

131. 24 C STRENGTH. THE GUESSES ARE CRITICAL TO SUCCESSFUL
81. 25 C CON VERGENC. IN GENERAL NO SHOULD BE GREATER

0-i. 26 C THAN Xl AND P0 LESS THAN F-i.
81. 2f C LINF 9. 15 cONTAINS THF EQUATION TO CONVERT MI3LARZTY

01. 20 C OF PURE NCL AT 25 C TO MOLALITY.
01. .c0 C ..... BEGIN ......
01. ASK "PARAMETERS FOP CIJLB. EQ. - HCL" B. C, 0, E

81.. 40 TYPE
81. 41. TYPE ¶

01. 41 TYPE
81. 4: TYPE
'.31 ¶41 TYPE
'.31. , C REAl) IN OITrA
01. 2i ASK "NI. ANt) Mi N1. P11.

01. 70 ASK "XI. ANt) Ft Xl' JI.

8j.. 74 C MAKF INITAL. ESTIMATES OF N. JO. AND NXI.

01. 75 ASK "NO AND FO " N. JO
01.. P0 S 1<1. IE-07
cit. S'1. S NXI. 0. 1 'I. NI.

OZ :1.0 SET U41
02. 20 SET R
02. <M SET L0
02. 411 SET A0J0*J0NU
02. :.d1 SET A1.Ji*Jt*X1I'Ni
03. 11 C ..... CALCULATE CONCFNTPATIONS OF ALL SPECIES

03. 10 SET XKI
83. ?H SET ,'Ki*(-Xi-M1.+NX1 )-±
02. :<o SET 7.Ki(Xi*Mi-Mi*NX1
03.400013.1
83. 0 5ET MXI W
04. 1.0 SET X"I.

04. 20 SET Y-N-N
04. :i: SET Z-N*N-(pO/A1)*(Nj-NXI)*(Xt-NXt-MXI)
04.4000 13.1
04. !.i0 SET NXAW
05. 10 SET KNXO/((N-NXO)*(N-NXQ))
06. :10 SET XK0
06. 20 SET l(0*(-*t-N1+MXI)--i
06. 38 SET 7K0*O<:L*Nt-N1 *M*1)
06. 4 DO 13. 1
06. 0 SET NX1.W
07. 01. C CHECK FOR CONVERGENCE
07. 10 SET Q(KO-P)/K0
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07. 29 SET ,FRBS(I)
07::9 IF (Q-. 9ØJ) : 1

07 49 IF 299-L)i. t.97. $ E1 LL+1
97. $ cEr Ph9
0?. /14 13a'ro I
08. 1.9 SET N-NX9
08. 29 SET 1tXi-MXi-ftX1
oa :.9 SET S.I9-tVtcj
08. 49 SET c.FA85(S)
98. j9 IF (5-. 0995) 14. 1
99. 91. C .......... NO CONYERuENCE, uPDATE VALUES OF N ANt) .JØ.9. :10 SET NK0*Ii*I1.+Ij
09. 12 5 TEM N
89. l. S N N/ (0. 9377 - a 91925 * N)99. 29 SET G(-, I *SCiT(rO)/1.+B*FSQT(N) )+c*N+D*N*FSQT(rl)+E4'N*N99. 0 SET JOFEXP(2. 02*43)
99.s2 S JO JO 4. N * 9. 99705 .' TEM
89. <4 SN TEN
89. 4. SET U-U+i
99. 4 0070 2.
1. :19 SET W(-Y-FS0T(Y*V-4*)<4.Z))/(2*X)14. 81 C .......... C0NVFRdFNuF PRTNT PFSUI IS14. :1.9 SET T(J9*J9*N*N)/(t.kI9)
14. 29 SET J8FSQT(J8)
i4. $ SET J9(JJj.*Nt*))/CI0*(Nt-NXt))
j4. 49 SET .19.FSQT(JS)
15. o
15. .4 TYPE
15. 9 TYPE
1.5. 19 TYPE S. 0*3 "NXO -
15. 20 TYPE NXi. = NX1
15. <9 TYPE
i5. :i. TYPE
is. :2 TYPE 'KNX
iS. .5 TYPE K M%
15.45 TYPE " EFF - ' to
15. M TYFE
15. TYPE "NO =
15. f.J1 TYPE ' NI.iS( TYPE
iS. 4i TYPE "ill. Ill
15. 7 TYPE Xl XiiS. 7 TYPE
15. $ TYPE "F TOTAL 0 =" JO
15. 85 TYPE F FREE 9 " .s3
15. 8$ TYPE
15. 99 TYPE " FTOTRL j =Jj
15. 95 TYPE F FREE I =' 39t5.9T
iS, 9? 0 NR
15. 98 TYPE Il

15. 99 0070 1,. 40
1*3. 19 TYPE "NO CONVEPOFNCF'
1*3. 20 OUIT
28. :19 P ........... DEF1NtTI0U
20. 1.5 C NI. Ml. = TOTAL MOLAR CONC. OF CL- AND CL04- IN MIX.
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C X1, Ji. TOTFiL r1OLtR ccJNc. OF H+ IND TOTIRL MEAN MOLAR
2..21. C ACT. COEF. OF CL IF4 MIX.
ø. 2 C B. C, D E PRPMETERS OF CULSERSON EQ. FOR PURE HCL

20. 30 C NO. JO - TOTRL. MOLIRP CONC. RND .CTtVrrY COEFtCENT OF
20 31 C PURE HCL WLN WITH SAllE EFFECTiVE IONIC STREN3TH
20. 35 C RB. Al RCTIVIr, OF WCL IN PURE SOLN AND MIX.
za 4g C r1)O. NXI AND MX-1 CONC OF TON PRIRS.
20. 45 C Ki ASSOC tAT ION CONSTANT OF HCLO4
20. 50 C KB ASSOCIATION CONSTANT OF HOL
20. C 10, II EFFECTIVE IONIC STRENOTH OF PURE SOLN AND MIX.
20. C THESE QUANTITIES APE EQIJIRL WHEN ITERATIONS STOP.
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XMSI5 UBØØØ

SA DT -,-4/DTE1 3,1ø/LPA 5/PPA 7

SeLOAD

LOADER Y53000
'.-FOCAL

$UB 'B

FOCAL LSL %

*E A
*L I IONPRA

IOt4PRA
PARAMETERS FOR CULB. Ea. - HCL.zI.2I2:.2ø97:..1292:.l5S5

NI AND ::.ø952:.!5526
Xl AND Fl :;.928.82

AND Fø =

a :12432 r:i = a aii
KN = a i279 K = a L3LØI

Ni1 = 1. Z't9 Nt = '3. '39O2'3

Ml a 32'3 ! = a
F T1I1R'L çj = '3. '3:8'342 F FF '3

FTOTRI j = '3. 82'3'3O F FREE i. =

= a
30 I EFF = a

'3. 93'3
'3. 2'350i
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APPENDIX Ill

Program Ionprb

A complete listing of program Ionprb is given. This program

is used to calculate the stoichiometric association constant of an

electrolyte MX (x = I or 2) from measurements of the activity of

an electrolyte NX in NX-MX mixtures. The generic electrolyte

NX must be uni-univalent and its stoichiometric association

constant known as a function of effective ionic strength. A sample

of the data input (from teletype) and the printed results for

are given. The program is written in the FOCAL LSL programming

language.

I.
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C FAL LSL V48
81.. 1.8 1 'tON'RB" I

81.. Ii, C THI' PROGRAM L4I I.. DETERMINE K MX WHERE M HA A

81, i:T C CHARGE OF ± OR 2 IF THE ACTIVITY OF MX IS MEA5uPFr oMr K"

01. 1$ C MX IS KNOWN 0$ A FUNCTION OF IE. MX MUST BE A 'JNI-

01. 1.7 C I.INIVALENT ELECTROLYTE. SUFFIX 0 AND 1. ON VARIABLES REFER

01 ±8 C TO THE PURE NCL AMP MIXTURE OF NCL AND MCL. INPUT DATA ARE

01.1.9 C FOUR CONSTANTS OF CULBERSONS EQ FOP Y TOTAl. MX MOt.AL.

01,. 71. C TWO CONSTANTS FrJR DENSITY EQ. OF PURE MX

81. 2 C MOLECULAR WEIGHT OF MX. CHARGE ON Z IS M

81. 24 C MPI.AL TOTAL IONIC STRENGTh OF MIXTURE OF MX AND MX

01. 2 C IONIC STRENGTH FRACTION OF MX IN MIXTURE.

TOTAL MOLAL ACTIVITY COEFFICIENT OF MX IN MIXTURE.

'ai. 7 C LINE 'as. 5 CONTAINS ThE EQUATION TO CALCULATE K' NX AND

012$ C LINE 06. 14 CONTAINS THE EQUIT ION FOR MX NAT GIVES

01. 29 C MOLALITV(NX - MOtr4x),(R-B*t1OLARtTV(NX)
C ........ INPUT PROPERtIES OF MX .........

01, t A "PAPAP1, (IF V MX PllRF" A, C. 0,

01 7 A PAPAM. OF RHO MX AND W MX" AM, BM. WM

A ' CHARI3E OF N" 211

01. 34 C ........ INPUT PROPERTIES OF EACH SOLUTION..........

01. 3 A MOLAI IS" IS
01. 40 A CONC OF NCL NI
81. 4ti S "V MIX" JI.
01. 4' C .....,.. CONVERT MOL.AI ITY TO MOLIRRITY .........

01. -..0 S RUN 8. 9978 0. t$

01. 13 $ RUM - AM + BM IS

81... I S ','Pl (IS - Ni ) / $
01..i')65RH0((t -'VM)*RHN+VNRHf1 )

81.. 0 S ON (211*211 + ZN) / 2
01.605 P11. - (IS - NI. ) / Oil

o1.SIRN-RHO/ci. +8,801*(Mj*38.44+Mt*WM))
01. 67 S Ni. NI. 1PM
01. (-: S Ill Mi. 1PM
0i.695X1N1+t *Mi*ZN
0±. f8 S .11. - JI. * a. 99785 / 1PM

01. A7 C ......... MAKE
ENITAL GUESS AT UNKNOWNS .........

01, AS S KO 8. ±5

81. 0 S N 0. 8 * IS

01. 9 S JO 1. 04 * JI
02. HI. C ....... IJSINO INITAL ESTIMATES MRKF FIRST ITERATION TO

02. 0 C ESTIMATE REMAINENO QUANTiTIES .......
82. :7.0 SET 11-0

02. 2L SET A0'J0*J0*N*M
02. :<o SET 01. -L*J-t*NL*Xi.

03. 10 SET XKO
03. 28 SET *(-7*p4)-j

e. :<o szi Z9*.N*N)
03. 40 SET 4X0(-Y-FSQT(V*V-4*X*Z))/(2*X)
04. 10 SET Wy4-NX0)*( N-NXO)*(R1/A0)
04. 70 SET L7XjW*K0
04. :<o SET FIXI. -W/(N1-NXI) + Xl - MXI

05. 81. C ........ cHECK To SEE IF IE is SAME 114 BOTH s

05. 8 C SQl. IJT IONS .........

05. 10 SET tO N -NXO
05. 28 5 Ii. '3. .5 * < <N1.-NX'L) + (X1-NX±-NXt) + ZM*ZM+(Tl1-MXI))
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05. 72 Ii. 11. + 0. 5 * ZM-1) * M)<1
05. <0 SET - tO-1)/ti
05. 40 SET 1FRBSCQ)
05. .0 SET LlU+1
135. 12 1(0 FEXF(-i. 179 - 0. 015 * It)
05. A IF (0-. 130139131) 10. 1
06. 01. C ........ ZE NOT THE SAME. FIND NEW CONC OF PURE NCL
13. 03 C ....., AND REITERATE
95. 1.0 SET NKO*ij*tj+I1
06. 12 TEM N
136. 14 N N/J3. 737-9. 25*N)
96. 29 SET I-. 5109*FSQT(N) )i( j+B*5QT(N) )+C*N+c.*(N1. 5)+N*N
0. 39 SET FEXP2. 3926*13)
95. 2 JO - J9 * N* 0. 99?O4/TEi
06. S N TEM
96. 40 GOTO 7. 2
19. 01 C ........ PRINT RESULTS.....
-113 10 SET 1(1-FIX-i /( (fli-fiXi >1-MXi.-f*d.))

29 SET J8-AO/(tO*t9)
10. 0 SET JAFSQT(JO)
10.40 SET J9At/(<X1-NX1-NX1 )1-NXI))
10. '0 SET J9-FSQT(J9)
ii. 0. T 8. 06
it. 1.9 0 LP
ii. ii TYPE N)G) "NXO
ii. 12 TYPE ' NXI "r4:.<i.

ii. 1.3 TYPE MXI " F1X:1

11. 1 , TYPE
ii.. 29 TYPE "NO - "N
ii. 30 TYPE NI Ml
ti. :(; TYPE
ii. 40 TYPE " Mt "MI.

ii. i TYPE Xi. "Xi
Ii. TYPE
tl. Al TYPE "K NX 1(0

Ii. TYPE " K FIX ' 1(1.

11. Jfi TYPE
11. 99 TYPE I EFF Ii.

12. 19 TYPE
1.2. 29 TYPE "F TOTAL 13 - "JO
12. 39 TYPE ' F FREE 13 - "JO
12. 411 TYPE
12, ,0 TYPE "F TOTAL. 1
12. TYPE " F FREE '1. .J9

12. ?13 TYPE
12. 75 1 "TRN TPN . I
12. 80 TYPE II
12. 9 TYPE
12. 92 TYPE
12. 94 TYPE
12. 9i 0 HR
12. 9.S 0010 1. 3!
12. 9? QUIT
13. 1.0 C
13. 15 C ............... DEFINITIONS
13. 29 C
13. 2'i C B. C, 0, E - PARAMETERS OF THE CULBERSON EQUATION
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13. 2. C FOP THF ACTIVITY COEFFtCIEUT CF ri IN XT
13. ?7 PUPF cOLUTION
t3.3 C IS MILAI. TOTAL IDNIC STPENI3TH
13 C Ni TOTAL lIOLA, CCNCENTRRTIO?& OF ION N IN I4IXTURE.
13. 36 C ON OUTPUT NI IS IN MOLAR UNITS.
13. 4$ C Jt TOTAL P1OLA ACTIVITY COEFFICIENT OF NX IN
13. 41 C MIXTURE ON INPUT. IN MOLAR UNITS ON OUTPUT.
13. 4 C M1 TOTAL MOLAR CONCENTRATION OF ION M IN rilxTljRE
13. $ C XI - TOTAL MOLAR CONCENTRATION OF ION IN MIXTURE.
£3. C N - TOTAL MOLAR CONCENTRATION OF PURE NX SCLUTI')N.
13. f$ C J$ TOTAL MOLAR ACTIVITY COEFFICIE)T IN PURE NX.
13. 5 C NXj MXL NX$ cONCENTRATION OF EON PAIRS.
13. ?$ C A$ TIVITY OF PuRE MX SOLUTION.
£3. 7 C Al ACTIVITY OF (IX IN MXTIJRE.
£3. C I Ii EFFECTIVE IONIC STRENGThS OF PURE SOLUTION
13. At C AND MIXTURE. I.u1EN TNFSE QIJANTITTF RFCOME
13. A C EQUAL TWE ITERATIONS STOP.
13. A C KI STOICHIDPVTRIc. ASSOCIATION CONSTANT OF MX IN MIXTURE.
13. 9$ C K$ STOICHIOMFTRIC ASSOCIATION CONSTANT OF N:
13. 5 C TRN RATIO OF MOLAPITY TO MOLALITY IN MIXTURE
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L I IOPiPRN

IOPRB
PARAt4. OF I MX PURE1.212:.2097t.1292.5S5
PARAN. OF RHO MX AND W MX.99BL.043ø:74.56
CHAR OF *1
P1OL.At. IS: .8720

CONC OF NCU.8720
I MIX:.7077

= J. 937 NXT. = 0. 000120 M1. = a i873
t40 = 0. 721979 Ni. = 0. 084865

11:1. = 0. 75:792 xl. = 0. :3406;7
K NX = 0. 162044 K r.1).:: 498799

EFF = 0. 6290: a
F TmAL 0 = a 73607 F FFEE 0 0. 069221
F TOTAL I = 0 72I321 F FPEE I = 0. 8&22i
TRN a 97::2::i
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APPENDIX IV

Progran Newrap

A complete listing of program Newrap is given. This
*program is used to calculate KM from measurements of the

g

activity of MgC12 in MgCl-MgSO4 mixtures. A sample of the

data input (from teletype) and the program output are given.

The program is written in the FORTRAN programming language.
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C

C

C
C
C
C
C
C
C

C.
C
C
C

3

5

9

PR(JGPAPI NEWPAP
CHFFIICAL FOUIL IRIUM - NFWTONRAPHSON METHOD

THIS PROGRAM IS USED TO FIND THE STOICHZOMFTPIC ASSOCIATION
CONSTANT OF MGSO4 FROM MFASUREMErITS OF THE ACTIVITY
OF MtCL ZN MIXTURES WITH r'10504. THE PROGRAM IS BA'ED UPON
A GF.NERALIZED NEWTONRAPHS'DPI PROGRAM GIYFN IN EXAMPLE
5. 5 OF 9. CARNAHAN, H A. LUTHER AND J. Ii WILKES,
APPLIED NUMERICAL METHODS, WILEY 1969. IN THEIR
PRO(PAM THE SYSTEM OF NONLINEAR EQUATIONS THAT IS TO BE
SOLVED IS GIVEN ZN THE SUBROUTINE CALCU. ALONG WITH ALL OF
THE PARTIAL DERIVATIVES OF THE WIJATIONS, I HAVE MODIFIED
THE SUBROUTINE CALCN SO THAT THE PARTIAL DERIVATIVES DO
NOT HAVE TO BE EXPLICITLY ENTEPED. BUT THEY APE INSTEAD

VALUATF BY FINITE DIFFERENCES THIS IS
DONF IN THE MODIFIED CRLCN SUBROUTINE AND THE IJBROUTIHE
SIJBI. VARIPALES ALL HAVE THE SAME DESIGNATION AS GIVEN
IN CARNAHAN ET AL. ONLY THE INPUT IS SLIGHTLY IHANI3Ec.
THE SYSTEM OF it NONLINEAR EQUATIONS WAS SIMPLIFIED
BEFOPF SOLVING BY SIMPLE SUBSTITUZON. THIS REDUCED
IT TO 4 EQUATIONS IN 4 UNKNOWNS. THE 4 uNKNOWNS ARE
GIVEN IN SUPROUTINE 5U91. THE VALUES OF THE EQUATIONS ARE
IN THE MATRIX A WHICH ALSO cONTAINS THE PARTIAL
DERIVATIVES WITH RESPECT TO EACH UNKNOWN.
THE VALUES OF THE UNKNOWNS ARE IN THE ARRAY XOLC..
THE VAI UES OF THE EQUATIONS ARE ZERO AT THE CORRECT
SOLUTION.

REAL P1011
DIMENSION XOLD(2i), XINC(Zt).A(2i.Zi)
COMMON P1GM. CLN. 504M. ANON

RFRD DATA .........
THE DATA WILL BE READ IN FREEFORM INPIJT FROM TTV
MOPI. LJl, 504P1 AND AMOM APF THE TOTAL MOLAR CONC. OF
MG, CL. AND 504 AND THE ACTIVITY OF P1GCL2 IN THE MIXTURE.

PFAD(3, ) ITNRX, iPRtNT N. EPSt EPSZ. (XOLD(I). t1, N)
WRITE <3 200) ITMAX IPRINT. N, EPSt EPSZ, N. (XOLD(I). 1=1.. N)
READ(3. ) MOM. CLN. $04M. AlIGN
DO 9 ITER t, ITIIAX
CALl. CRLCN( XOLD,A,N)
DO 7 Ii..N
CONT I HUE
DETER StMtJL( N, A. XINC. EPSL 1 21)
IF (DETER. NE. '3. ) GO TO 3
WPITE(3. 201)
GO TO 1
ITCON =
00 5 1 - 1,.N
IF(RAS(XIUC(I)).GT.EPSZ) ITCON 0
XOt.D(I) XOLD(I) + XINC(I)
IF( IPRINT. EQ. i WPXTE(3 202) ITER.. DETER.. N, CXOLC'(t), 11., N)
TF(ITCON EQ. 0) GO TO 9
WPITF(2,.203) LTER.N. (XOLD(t). It..N)
GO TO I
CONTINUE
WRITE(3.. 204.)

GO TO 1.
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1813 FOPrIT(1ØX. 13 j7<. It. j.X. 13/ IØX. E7. 1. i3X.. E?. 1/ (2X. F1Ø. 3))
28I FORMAT(1OH1ITMA 18/ i-OH IPRINT 18/ 'i-OH N

1 10/ IØH EPSI , IPEI4. 1/ i-OH EPS2 , IPEI4. 1/
2 2HO XOLD(l),..XOLD(. 12,, IH)/ i-H / (i-H 1P4Ei') )

21. FORMAT( 3$H8MATRr 1$ IIL-CONI)ITIONED OR S1NOIJLR )
.2Pt2 FORMRT( IOHOITER - 18/ i-OH DETER E'1:3. /

2 2Hu3 <OLD-j) ..(OL'( 12. i-H) / (i-H , -i.P4EIS. 5) )

28 FORMiRIC 24HI3SUCCESSF;JL CONVERGENCE / IOHOITER 13/
2 2I4'3 XOLD(i-)... XOLC(. 12. 1.H) / i-H / (i-H ,1P4E1S.)

284 FORMAT ( 1H NO CONVERI3ENCE )
285 FOPMAT(2X, E'12. 3, E12. 3. E-12. 3. E12. 2. E12. 3)
2136 FORP1T(2)<, 4Ei2. 3)

PAUSE
END

28'3 ORNAT( IOHON TOO PIG )
END
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FNCTION SIFIUL( N, A, X. E"5 INDIC. NRC )
C Tht: FUNCTION t PRODUCED EXACTLY AS GIVE
C ET Al. ThE ON V MINOR DIFFERENCE IS ThAT
C CISION VAPASLES ARF U5E0

CIMFNcXON IROW<O), .JCOL('3).. JORD<ø). Y(O>
MAX N
IF( TNIC. G I) MAX - N + 2.
IF(N. LF. 50) GO TO S
SIMUL 0.

RETTJFN
.5 DETER 2..

DO ta K 1 N
KMI. K - I
PIVOT - 0.
DO 11 1 t..N

Dcii J1.N
IFK. EQ. 2.) 00 T 9
DO ISCAN L Kill
DO JSCAN - 2.. Kilt
IF < I.EQ. IROW<ISCAN)) GO TO 11
IF J. EQ. JCOL(JSCAN>) GO TO 12.

'3 CONTINUE
9 IF<ARS(R(I.J)),LE.AES(RtYtDT)) GO TO 2.2.

P1V01 - A(I. .1)
1R014(K) I.
.JCOL(K) - .1

ti CONTINUE
IF(ARS(PIVOT). 0TEp) GO I'D 1.3
sIptl_It_

RETURN
2.3 IROWK IROW..K'.

JCQLJ( - JCOt (K)
DETER - DETER * PIVOT
DO 14 J - 2... MAX

14 A(IRCJI4ICJ) A(1ROW<. J)/PI VOl
AtRflI4K...JCOLK) L/PLVOT
DOtt-t.M
AL3CK A(I..JCOLK)
IF' C I. EQ. IROWK . GO I'D 1
A( I. .JCOLK) - ALJCK/PIV'DT
DO 17 -J

IN CARNAHAN
SIPIQLE PRE-

AC.20. 20).X (20)

17 IF( .3. NE. JCOLX) R( I, S) F 1,1) _1r41 JCK:A IR1DWK, -3)
i CONTINIJF

D020 11.M
IROWI IROW(I)
JCOLI JCOL(!)
JORD( IRON! )-JCCLX

20 IF(INI)tC.%DE.0) (JCOLI) A(IROWI.tIAX)
INICH 0
NM2. N - 1
DO 27 1 = i.NM1
IPI - I * 2.
DO 22.3 IPI.N
IF( JORD(J).GE.JOPO(X)) GO 1022
.ITEMP - .IQRD(J)
.JOPD(J) - .JORC(I)
JOPtCI) - .JTEMP
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WTCH NTrH + 1
22 CONTiNUE

IF( INTCH/2*a NF INTCM) cTEP - DET
24 ZF ( INDIC. LE. ci) '30 1') 26

Stt1IJt DETEP
RETIJPW

25 00 28 .Jt. N
00 '7 I t. N

tPOWI I0I4(I)
JCOLI JCcii<i>

27 Y(JCCI 1) ,(IPOWLJ)
00 2 I r1N

2 l(I. .5)

DO0 rLr1
00 29 3 t, N

TROWJ tROW<3)
JCOLT JCOL<J)

2? YCIPOWJ) R(I.-JCOLJ'
CO J 1 N

30 F<I...J)

STrHJL DETER
RErJRN
END
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SUBROUT I NE CR(.CN< DXOLD. A, N
C THIS SUBROUTINE HA BEEN MODIFIED TO EVALUATE
C THE PARTIAl. DERIVATIVES OF THE SVSTEM OF EQUATIONS BVC FINITE DIFFERENCE. THIS IS DONF BV EVALUATING
C EACH EUAT ION FOR THE VALUES OF THE ESTIMATES
C OF THE IJNKN44. THF FIRST UNKNOWN ARIABLE IS THEN
C INCREASED Si' 1. PERCENT AND THE SySTEM OF EQUATIONS I
C EVALUATED ;JSING THIS MODIFIED VECTOR OF ESTIMATES,
C THE PARTIAL DERIVATIVES OF THE EQUATIONS WITH RESPECT TOC FIRST UNKNOWN ARE EVALUATED FROM THE DIFFERENCE IN
C THE VALUES OF THE EQUATI0N OBTAINED WITH
C THE TWO VECTORS OF 'JNKNOWNc DIVIDED SV ). '31..
C
C ...... INITALIZE VECTOR OF ESTIMATES OF THE UNKNOWN

QUANTITIES........

QIMENtON XIJLD(iO), OXOLC(Jj), A.'iM ±13>. B(1S, ±13)
00 113 i-IN
<OLD( I)0)<OLC< I)
CONTINUE

I N+i
C ....... EVALUATE SYSTEM OP EQUATIONS IJSIN,3 ESTIMATES OF THEC ...... UNKNOWNS

CA I. SUBI(R, iDL 0)

00 15 J-t.. N
A(J, N+t)-A(J.. N+±>
CONTINUE

C ....... NOW BEGINIPIG WITH THE N TN UNKNOWN O(JANTtTY
C INCREAF IT BY 1 AND RECALCULATE THE VALUES
C OF THE EOUATION5. THFN ESTIP1ATE THE VALUES OF THE
C PARTIAL DERIVATIVE WITH RFSPECT TO THE N TN UNKNOWNC AFTER THIS IS DONE CONTINIJE FOR TH NEXT NEXT UNKNOWN
C UNTIL ALL PARTIAL DERIVATIVES HAVE BEEN EVALUATED.

1I-I
IF (I. EQ. 13) RETIJPN
XOLD(X) <OLDt) + 1313±*XOLD<L)
CA.L SUBI(a XOLD;.
XQL.D<I)DXOLDt)
DO 1IM J1..N
A(S,T) (8(.LN+L>+A(.f,N.I)>.- 13.13i..*XOLD(t))

liii CONTINuE
'30 ir 11313

END
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SUEROUTINE 5LJ81(A. X)
C THE SYSTEM OF ELEVEN NON INAR EQUATIONS THAT AR IJSED
C TO rFTERMINE THF STOICHIOMFTRIC ASSOCIATION CONSTANT OF
C MScl4 ARE EVALUATED IN THIS SECTION- THE SYSTEM WAS
C REDuCED TO 4 NON..INFAP EQUATIONS IN 4 IJNNOWNS V SIMPLE
C SJSSTITIUT!ON. THE VALUES OF THE EQUATIONS ARE TW
C LAST COLUMN IN THE MATRIX A. THE FOUR
C UNK:NOWNS WHICH AR 1W ARRAY XOLL) AND X ARE AS FOLLOWS:
C X(i) TOTAL MOLFIPIT',' OF P!JRE MOCL2 SOLN HAVINO SAME
C EFFECTIVE IONIC STPNQTH AS THE MIXTURE.
C X(2) CONC OF MOCL+ ION PAIRS IN PURE SOLN.
C X() - ONC OF MOCL+ ION PAIRS IN MIXTURE OF CL AND 504.
C <(4> CONC OF M5O4 ION PAIRS IN MIXTURE.

PEAl MI3M, MGFP MGFM
OIMFNSION .X(±0) A(iøi0)
COMMON MOfl CLrI, 504c1, FsMI3M

C IN THF NEXT 4 LINF.S THF FREE CONC. OF rio AND CL IN
C THE MIXTURE AND THE PURE SOLNS ARE CALCULATED

MGFMP1GM-X()-X(4)
CLFM CLP1 - X)
MGFP = X(i) - X'2)
CLFP 2. X(1) -

C THE NEXT LINE PLCULATES THE MOLALIT'? OF THE PURE MOCL2
C SOLUTION FROM ITS MOLAR IT'?.

C RCTIV IS THE MEAN MOLAL ACTIVITY COEF OF THE PURE MGCL2.
ACTIV -t 7#595*SQRT(XM)/(i.0 + 3.ii77*sQRT(:M))

t -. iøtO*XM + '.3. S007*(XM**t.!) - a 691*XM*XrI
RCTIVIØ. 17**ACTIV

C RCTIYC IS THF MOLAR MEAN ACTIVITY COEF.
ACTIVCACTIV.XM*ia. 9704n<( 1>

- MGFN* (CLFM**2),(MOFP* <CLFP4.*2))
& -RMOM/(4. 0*((X<1)*ACTIVC)**5))

A('. ) (4. * rIGFM - 4. O+X(4) + CLFM+ X(3)I + 4. .3 * 504M) - ( 5. 0 * XCI) 4 0 *X(2))
RC.) - X(2)/(MGFP*CLFP) - X3)/(MGFM*CLFM)

C 1W CONSTANTS OF THE EQUATION ARE THOSE TO DETERMINE
C THF STOICHIOrIETRIC ASSOCIATION CONSTANT AS A FUNCTION
C OF ThE EFFECTIVE IONIC STREN'3TH.

A(4,Z) ALOI3(X(2)!( NOFPCLFP))t -a 762 + 0. L3Ø + (#5 '3+-(i.) - 4. '.3 * X(Z)) / 2.0
2 -.4.567 (((6.0 * XCI) - 4. 0*X(2))/Z 0) ** 2:

RETURN
END
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$ G LOA 0

LO4D9 VRØØØ
..WEWRAP,CALCN, Sum ,siitii

50,0,4,1 E-10,1 £5,.e3,.eøQ\I,.001,.00t

ITPX : , 50
I'RIHT : 0
N = 4

zi'si :,
EP52 :

XOL0(1...XOLD( 4)

3J00000E-02 I .000000E-03 1 .000000E-03

.08664,.!34g1 ,.06923,,00001 125

SUCCESSFUL CONVEGE4CE
1T ,

XOLD(1)..,XOLD( 4)

5.361 46 E-02 9.$77358E-3 2. 5911 37-Ø3

304

1 .000000E-03

4.53I32E-02
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APPENDIX V

Program Seawat

A complete listing of program Seawat is given. This program

is used to calculate the speciation and total activity coefficients in

mixtures of electrolytes. A sample of the data input (from teletype)

and the program output is given for a 0,3 m NaC1 and 0.2 m MgC12

mixture. The program is written in the FOCAL LSL programming

language.

The calculation is also carried through step by step to

illustrate the proceedures used.



C FOi0I
@1. 1 C
@1. 1.1. C

$1. :t2 C
ol i. C
0114 C
01.15 C
01. 16 C
0-.T. 1? C

31. 10 C
01. 1 C
81. 7t C
01. 21 C
01. 23 C
'31. 24 C
01. 25 C
01. 26 C
81.2? C
01. 2 C
'31. 29 C
01. 'I C
'31. 31. C

'31. 35 C
$1. 6
01. 37
01. 0
01. 4
'31.. 4-1

'31. 42

01. 45
$1. 4
01. 4
'31. 40

01. 49
3i. TA
01.. :R

01_. T5

01. H
01. 4i
02. :10

02. 20
02. :<o

$2. 4
02. 50
'32. i3

@3. 1.

03. 7

03. 25
$3. <$
83. 50
03. 6(1

04. 1.0

04. 20
04. 38
04. 48
84. 50
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LSL V9B
PROORAM TO CALC SPECIOTION AND ACTIVITY OF COMPLEX SOLUTIONSTHF PROGRAM WILL CALCULATE THE CONCENTRATIONS OF ALLIONPRIRS IN A MIT1JRF 1W CRTIONO AND ANIONS BUTIT CANNOT HANDLE TRIPLE LON. THE TOTAL AND FREE
OCTIVITV COEFFICIENTS OF EAcH ELECTROLYTE APE ALSOCAl CULATED.
11-4 FIRST OATA THE PROGRAM WILL R9 FOR APE THENUMBER OF COTTONS AND NUMBER OF ANIONS IN THE SOLUTION.THE PROGRAM THEN Ak5 FOP THE PROPERTIES OF EACH LECTRCLYTETHE DATA REQIJIRED ARF:

I.. FOUR PARAMETERS OF CULBERSON EQUATION FOP THE
TOTAL MOLAL ACTIVITY COEFFICIENT OF THE PUW
ELECTROLYTE. USE 2ER05 IF NOT KNOWN.

2. THREE PARAMETERS OF EQUATION FOP
2. TWO POARMETERS FOP DNITV EQ. OF PuRE SOLN
4. MOLECULAR WEIGHT OF ELECTROLYTE.
5. CHARGE ON CATION ANt) ANION
6. NuMbER OF COTTONS AND ONIONS TN SALT.

THE PROGRAM WILL THEN ASK FOR THE TOTAL NOLAL CONCENTRATIONOF EACH ELECTPGLYTF
TN THE MIXTURE. 00 NOT USE ZEROIF ELECTROLYTE IS A9SENT BUT SOME VERY SMALL NIJMBERTHE PROPERTIES AND CONCENTRATIONS ARE INPUT IN THEORDER.. . FOR THE FIRST CATIUN<WP4ICH IS AN ARBITRARY

CHOICE) GO THROUGH EACH ANION. THEN REPEAT FOR EACHRMRrNtN'3 tATION USING SAME ANION ORDER.
THE OUTPUT DATA APE THu CONCENTRATION (P1OLAL) OF EACHSPECIE AND TT FRACTION OF THE TOTAL CONcENTRATION.ARE PRINTED. EFFECTIVE TONIC STRENGTH IS MOLAR.BEGIN PROGRAM

A NUN0ER OF COTTONS" C
A "NUMPER OF ANIONS" A
C FIND PROPERTIES OF EACH ELECTROLYTE
FOR 1 1. 1. C DO 30.0
C FIN!) CIDNC OF EACH ELECTROLYTE

T '.2

FOR 1=1.. t C FOR t A DO 23. 0
C FIN!) TOTAL CONC OF EACH ION AND TONIC STRENGTHFOP J.tjR FOR IL.1,C 00 25.0S IT '3

FOR T1.t..0 S IT tT+CRT(I)*ZC(X)ZC(I)FOR ..rt,j..R S IT tT+RNICI)ZA(J)ZA(J)S tTtT/2
C CALt.ILATE DENSIN OP EACH PURE COMPONENTS DR.! 0
S WT A
FOR J1 t A FOR I1, C DO 30.0S DEN DENtT
S TRN DEN /1+wTt088)
C CONVERT ALL ION CONC TO MOLARITYFOP T-LLC S CATU COT<I)kTPN
FOP j- 1..LA S ONI<J)FOR Ji.LR S IJRP4(J) PNICJ)*$. 7S IE ITTRN*. B
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0. 1.ii C CALCULATE ASSOCIATION CONSTANTS
FOR J=1 L A . FOR t=1 1.. C , co 39. 0

06. 113 C CAl cULATE FREE ANION ANO CATION C3NC
06. 20 F Ii . 1. C 40. 0
06. 40 FOR Jt, L A; 00 42. 0
0?. 1.0 C CHFCK FOR CONVEROENCE OF FREE ANION CONC
0?. 20 S PA
0? 0 FOR .J 1 -L A ; DO 43 0
07. 40 IF CR) 6. 1
08. 10 C CHECK FOR CONEPGENCE OF IE
08. 20 S 1E10
go. :o FOR J'=Ll..0 ; S IE1IEi+4iCACI)*ZC(I)*ZCCI)
040 FOR JLLA; S tEtE1+IJANCJ)$Z0CJ)ZAJ)
08.0 FOR Tt1C 00 4.0
08 15 S tEl IEi,2
08. 4 S T =FPBS((IE-IFj.)/IEI>
08. i1 IF CT-. 0001) 10.1
08. lu1 IE tEl.
08. A GOTO ¶. I
10. 10 C CALCIJI..RTE TOTAL CONC OF PUPF SOLUTIONS ANI) FREE F+-
18. 70 FOR Jt 1.0; FOR tt 1. C ; 00 48. 0
11.. 10 C CALCULATE TOTAL F IN N1<TURE
11.20 FOR T't..l.,C FOR J1.-i.R 00 -L0
it. 20 FOR i-i. 1.. C ; DO 2. 0

11.443 FOP J1..t.0 ; 00 .3.0
-12 1.0 C PRINT RESULTS
12. 12 0 LP
12. 1 T 6.

12. 20 1 "IE IE ; I
12. :<o I C/M IRN ; I
12. 443 1 'RHO DEN; I
12. I ! T
12. 60 1 'CArIOPI DISTRIAUTION" I
12. 6 FOR rt.,t.c oo z. o
12. 70 1 ; I
12.801 ANION DISTRiBUTION" ; I
12.98 FOR JbtA DO 7. 0
-13. 10 1 "ACTIVITY COEFFICTFNTS
13. 1 I
13. 16 1 S.
13. 1.? 1 "CATION ANION FTOT+- FFREE+-C"
-13.70 FOR I t.1C ; FOR .1 tLA DO S6.0
13. .0 !; I I &
t3. :2 0 NP
t3. : OOIO 1. 8
30. 10 FOR .J1. l.A 00 31. 0
31. 0 I
31. 113 1 'ELECTROLYTE I, " ". .1 1
31.200 "PARAtI. OF F+-" 8G(I,J),CQ(I,.S).DG(I..J).EQ(I.J)312Z I

P "FARAPI. OF K" "

31.40 A "PARAPt OF DEN" AP'I.s,BPCI.J
31. 45 I
31. M A "MOI..FC. WEIGHT" W(I.J)
31. 5 I
31.60 A 'CHARGE TYPE" ZCCI).ZRC.J)



31. 5 I
31. ?' A SALT TYPE XC(.J>.X8(I.J)31. Th I ! I
33. 10 1 Cc1tC OF ELECT' I. J33.20 1 " A CONsI,J)
33. :<o S CAT<I>I3
33. 48 5
33. 50 1
3. 18 CAT(T)CON(X,J)*)CI...J)+CPTI)
3. 20 S ANY(J) CON(t,.J)*4A<LJ+4NI(J)38.05 S OQL.3) ZJ)*ZR(J)+ZC(I)*ZCCI)-30c.J)*ZC(I)38.10 5 RHO - AP(I..J)+8PIJ)IT
30. :o S DE$ EN RHO*QQ( I.. J)*CON( I..7)
38. 40 S LJT.WT+W( I. J)*CON( h-I)
39. 18 S K(I, J)FEXP(K(h J#(8K(L J)+CK(I, J)*tE)*E)40. 10 S IJC(I) 1.
40.20 FOP Jt 1.0 5 - UCA)+Kt.J)*UflN(.Y)
413. 0 S IJCfl() CAT(I)1UCR.::I;
42. 1.0 S X(J) - I
42.20 FOR Ii.i..0 5 (J)
42. 30 5 (J) RNI<J)/X<J)43. 18 S I - FABSX(J)-UPNJ,'xJ))
43 1 S UPUJ)cJ
43. 20 IF (.0001-1) 43. 4
4. : RETIJPN
43. 4H R---J.

45.10 FOR J1.1.A. S IE1Ei+K(IJ)UCA(I)*URN(S)4.((ZA(.J)-C(I))2)40. 10 S V2*ZA(J>s.ZC(t)
48. 20 S i(>C(I. J)ZC<1)2+XR(t.J)*ZP(J)2)/V
40. c0 5 RTg/(Z(J)*ZC(I))
ia :<- S XC(I,J)+xA(J))-24'a*R-O/K(I..J)40.40 S
413.455CC - R2+R/K(I.J)
48. 5(1 S PCOt4(IJ)- -2*CC,.B8-FO.T(8B*BB-4*A0*CC))
48. S PIP(I..S) PCON(I.J)*O-R
48. 4 S PIT(hj) - PcN(I. J)*Q( I. .7)
48. 70 C CALCULATE MOLA LW OF PURE SOt.IjTIONS40 .5 S MIT(t.J)PIT(I.J)
48.80 FOP (.1..1..5 ; 0049.0
48.9< S SMIFSOT(MIT(I..j))
413.85 S GPT(I.J)--ZA(j)ZC(I)s0. 5j*5/+8(t,J)*SMI)48. 86 5 PT(I, J)OPT(I. .J)*COCI. j)I'MIT(1. J)+tI(I, J)*SllI*MtT(I .7)48.87 S PT(E.J>-0PT(I.j)+(I.j)MIT(I,J)2
40.08 S GPTI.J)-FEP(0PT(I..J)2. 2026)40. 90 S OPT(I. J)0. 99704GPT(I. J)*PIP(I, J)/PCON<X..7)40.95 S PCO4(I,J)0<C(I.J),(PCON(t. J)*)<C(I .J) -PIP L...3)))XC1.. Y))48.96 S N<(PCON(J)*XA(Ij),(pCON(I...J)<p(I,j)-ptp(T...J)).::A(hj))49.9? S ISF(t,.S) - GPTctn*N1/X0(I.J+CI.J))49.10 S PHRO(t,j) P(,J) +
49.705 MP<t,J)PC0N(t,J)/(P0.J)-PCON(t,J>-4(I.J)MO0:.49.30 S 1IT(t..j) MP(hJ)*Q0(1,J)
51. 1.0 S M ((IJCR(I)/CPI(I)))<C(I, .1))51.20 S N (IJA(J)/0Nj(J))XA(I...3))
st:<o S OTM(t, .7) (I, .J)*((t1N)(1/(<0(t, .3)+-(C(t, .7))))5. 40 S STM(I, J)-GTtI(I. J)NTRN/0. 99713451.50 S IP(I.. J)I.J)*IJAN(J)IJC8(I)
51.60 S IP(T,J)-IP(I..j),TPN
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Z. i. S CAT(T)CFiT(I)TRN
Z. 2fl S

3. 113 S ANT<J) ANI<J)/TPfl
23 S UAJ>UAP.K,J)..-TFfl

s. ii r-

ZZ. 1 T CATrON "I I 3RECIE'
S$. 20 T TOTAL FREE

'<0 FR .3i. L A T tP", .3,"
Z5. 4I I
z. 4. I 6.

Z I CATCT)
6 FOR J'tiR I , IP(t,J)

. 70 1
I ' " JJCAI).'CAT(I)

5. 91 FOR JLt.A I ". ..3/tTCI)
I

. 23 I 4.

: I i.' ', y. ". ori:i. .3>. ". OFI J)
. 40 1
. M I

7. ii I 3
7. t0 I ANION '. J, " SPECIES T
7. 20 1 " TOTAL FREE
7. 0 FOR Tt L C T tP I.."

S7.40T
7. 4 I 6.

I urn.' ".SjANJ)
7.60 FOP jtjr I " ". IP<L.S)

7.j I

7. I ".. UAN(S)?ANI<J)
$7.90 FOR I±,LC

. I 1P1,.J/ANIJ>
$7.9 I ; I
70. 10 C .......... DEFINITIONS ...........
70. 11 C C NtJMBFR OF CAT IONS
70. i C A NUMBER OF ANION'
70. 15 C 90. CG. D8 EG - PPAME1tRS OF CULSERSON EQ.
70 20 C AK. 8K. CK PARAMETFRS OF F0 FOR K
70. 2 C AR. OP PARAMETERS OF EQUATION FOP DENSITY OF P'JRE OLN.
70. 30 C W MOLECULAR WFIOHT
7, t5 C :C..2A CHAOE ON CATION AND ANION
70. 417 C XC, XA - r4UM8ER OF CATIONS AND ANIONS IN ELECTROLYTE
70. 4 C r.ou CONCENTRA-rION OF ELECTROLYTE
70. 0 C CAT. ANt CONCENTRATION OF CATION AN1 ANION
70. 5 C IT TDTRL NOLR IONIC STRENGTH OF Mfl<IUPE
70. 60 C DFN DENSITy OF MIXTURE
79. 6 C TPN RATIO OP MOLAITV TO MOLALITY IN MIXTURE
79. 70 C K STOICHIOPIETRIC ASSOCIATION CONSTANT
70. 7 C UCP.UAN - PEE CONCENTRAIION OF CATION ANc ANION
70. 77 C IE MOLAR EFFECTIVE IONIC STPFNGTH
70. 00 C MIT MOLAL TOTAL IONIC STRENGTH OF PURE SOLUTION OF
70. 01 C EACH COPIPON?4T IN MIXTURES WHiCH HAS SAME IE
70. 0$ C OPT TOTAL MOLAL ACTIVITY COEFFICIENTS OF PURE SOLUTIONS
70. 90 C OF MOLAR FRFF ACTIVITY COEFFICIENTS
70. 9 C OTM TOTAL MrJLAL ACT. COEF. OF EACH ELECTROL','TE Iri MIX,
?0.6 C IP - CONC OF EACH ION PAIR IN MIXTURE.
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G
NUPEH OF CATIONS:2

Ut' OF UO:1

ELECTROLYTE 1

PARAM. OF F-:L..35ø:.e437:-.øø94$ø
PARAM. OF lE

PARAM. OF DEP.997:.ø3SL
MOLEC. WEIaHI:58.44
CHARGE TYPEL:I

SALT TYPE :1:1

ELECTROt.YIE 2 1

PARAM. OF F+-j1.3øø:-,33S5j.t156:.ø4131
PARAM, OF ic :.736:.2S:-.467
PARAM. -OF DE* .9974:.244
MOLEC. WEI3HT:95.21 B
CHARGE TYPE2z1
SALT TYPE :1:2

CONC OF ELECT I I

CONC OF Et..ECT 2 1

IE = . E5297
C/il a 9:375

RHO 1. 023E.5

CAT:'.'::'N DISTR:IEuTIUN
CATION 1 SPECIES
TOTfIL FREE
0. ii3iji a 257;4

Ci. 85779

CHT:i 2 SPEC: IES
TITITRL FREE

20000 Ci. 1'3192

- 15092

NIiJN r:IsTprBuTIoN
ANIEIIW :1 SPECIES
TOTAL. FREE
a 7A000 Ci. 5.5927

Ci 79895

: .3

1.2

IP 1
'3. 0426
a 14221

IF' I
W. k19::ki7

a 49I3:7

IP I IF 2
a 042 a 09807
0. Ci09.5 Ci. -j4cij

AC:TP/ 1TY I::UFFFIC:IFNTS,
I::Ai ION ArJION FTOT+- FFREE+-C
1. k'I i. 000 8. 60 0. 805

2. 1. 0330 8. 474 0.
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Sample calculation of speciation and activity coefficients in a

mixture of 0.3 molal NaC1 and 0.2 rnolal MgC12. All equation

numbers refer to Chapter I of this thesis.

1. Calculate density of mixture.
The density is obtained from equations (65) and (66). The

result is pT = 1. 024.

2. Calculate the ruolarity of all components in the mixture.

The ratio of rriolarity to molality in the mixture for any
component is calculated from equation (63). The result is
(molarity / molality )' = 0. 9875

rNalT= 0.2963
[Mg] .=

0. 1975

LC1J.j. 0. 6913

3. Calculate Speciation

a. Estimate effective ionic strength. As an inital estimate

guess 'e 0. 8
T

= 0. 8 * 0. 8888 = 0. 711

b. Calculate the stoichiometric association constants from
equation (68)
*

K = exp( -0.570 - 0.970*1 ) = 0.284 (1)
NaC1 e

K*MgCl = exp ( 0.736 + 0. 028 * - 0. 467 * ) = 1.68 (2)

c. Determine the speciati.on by solving the following system
of equations.

Na NaTS , + 'IaC1°3 (3)

Mg] [Mg +MgCl (4)

ci= ci],+ ENaC1°jT +MgCl+JI

K*Nl= LNaC1°'
(6)

LNa , LC1.J,



*
K Mgcl= LMgCli'

[Mg, tc1]F
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(7)

First rewrite the equations by eliminating the concentrations
of the ion pairs

*
[Na j. = \Na / (1 + K [C] ) (8)

aC1
Mg Mg/(l+K

* MgClV*F)
E2. . = {cU / 1 K NaCl

LNaF + K
Mg Cl

[Mg ,) ()

The simplest method to solve these equations is to first
substitute the total concentration of Na+ and MgZ+ into

equation (10) of this appendix, in place of the free concen-

trations. The first estimate of LC1IF is then calculated.
This estimate is then substituted into equations (8) and (9)
and new estimates of the free cation concentrations are
obtained. Iterations are continued by substituting the free
cation concentrations into equation (10) and repeating the
whole process. Iterations continue until no change occurs
in any of the free concentrations.

The results are:

LNa., 0.2559; 0.1022; LCl, 0. 5556

LNacl°J' = 0.0404; MgClJ = 0.0953.

d. Calculate new estimate of effective ionic strength from
equation (75) using the speciation found in step 3c.

The result is I = 0. 6578. Using this new estimate of I
e e

go back to step 3b, and repeat all calculations of speciation.
Continue until the estimate of

e
does not change. When this

occurs the final speciation is obtained. The final results are:
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LNa3,= 0.2541; 0.1006; ClJ= 0.5523;
NaCl°1Y = 0.0421; iigciJ= 0.0968.

I = 0.6530e
= 0.300

NaC1
K

MgC1
= 1. 74

5. Calculate the total acti'ity coefficients in the mixture.
a. Find the total molarity of pure NaCI and MgC1, solutions

that have I = 0.6530.
e

In the case of NaC1 we have
2 *

= I + I K = 0. 810
T e e NaCl

For MgC1, one must solve the equations
= 0.5 (4Mg +1JF +[MgClJ)

K Mg = IMgCltlJ
LMg LC1IF

= LMg +v1gC1

2 :IIgJ = 1F + gC1j

These equations can be reduced to the quadratic equation
* +

K t..MgC1JMgC1 + +a/3
e

+ 1/3 \IgCl J) (i/3 'e - l/3i1gc1 j)
The result isMgJ = 0.3130 andMgC1+j= 0.1430.

b. Using equations (63) and (66) the tnolarity of each pure
solution is then calculated. One must not use the density
of the mixtures as it may be significantly different than that
of the pure solutions. The results are (Na)T 0. 7949

and (Mg) = 0. 3159.
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c. Using Culbersons equation (equation 67) the total molal

activity coefficient in each pure solution is calculated.
The coefficients of equation (67) for MgC12 and NaC].

are 8iven in Table 7 of Chapter I. The results are

T
= 0. 663 and

MgC12, T = 0. 475.

d. These total molal activity coefficients are converted to

the molar scale using equation (64) and the free activity
coefficients in the pure solutions are then calculated
with equation (1). The results are +NaCl, F = 0. 805
and +Mg Cl2, F = 696.

e. Calculate the molar total activity coefficient of each salt
in the mixture using the free activity coefficients found
in the pure solutions.

±NaCl, T
= {o.8052 (9.2541) ( 0.5523) 0.5

(.0.2963) (0.6913))

= 0.666

YMgc].2, F 693) tO. 1006) (a. 5523)2
2

0. 3333

(0.1975) (0.6913)2 )
= 0.479

f. Convert the molar activity coefficients to the molal scale
using equation (64).

±NaCl, T 0. 666 * 0.9875 / 0.99705 = 0. 660

4MgCl2 T
= 0.479 * 0.9875 7 0.99705 = 0.474
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APPENDIX VI

Program Culbeq

A complete listing of the program Cuibeq is given. This

program is used to determine the four variable coefficients (B, C,

D, E) of the equation

log
±

-O.5108 Z+z 'T +CIT+DIT+EIT
0. 5(l+BI

The program makes use of the IMSL program library subroutine

ZXSSQI which is available on the Oregon State University CDC

Cyber computer. The program is written in the FORTRAN

programming language.
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PCAM UL') 'NPL1 ,'JT'tfl
C TS o' rF't-' T.E Cr!rICTT 1

C fJATICN iS!C 1I. IS. LII!' !(S
C ' r CCTCt.T!. V T SL
C cctr'r. 'O t T tc t' CTFT'-.
C ' t 1 9CtUTZ Vt.t F Ct'T 1 DA(E.
C t5 I 'J"' II:'T 'C ! 14
C 1t'.
C I IF c CCIEC I. tSL. !1flrTTC!l'L 'tC

xJr.jr1, wC1!J
M1 /7'. C'CCO} U

1. ' ,

LO

t)JC =
= 4

=
=

= .fl.

=X) -.'i.

00 I

2a,crp , V)
2

= ocr
30 C04'!IJE

CALL 7X!(I'', , , CT$
t AX!, iCT. X SC, ., ZJ4C.

jj, !C
pII1. 'C

'a ccrrIr!r! .C,C,-
!'1 T 1..)

0

c.

a FC!t. CNC P'C
ffl 3 C = t.

f11) (t)

PIT ?. Cr'r(tP , ', (tI, t)
3

PtT '', S)
9! = )

'" 1(14'. C"?. !
Inn = , i2,X.TE . t'(

CC 2C
PC'I tt(1,.WCt)

ti' , F1(1.71
120 (IJF

sTep

U"(TCNE
CIN!T0 I"I. (')
Cfl'C! iZCF Y()P, CC-C(53) .Z7
jo IC t= l.-'

= I

G =-.Si)'ZZ C r. * 1I 0) rCCNCtt
1. X!I 4'.C(4(1t) * C

YrI - 1(1

-- .... ........... C -------- I ..-- ........ -.-. .

_3__ -, -.--- - .- -.
-.n - =- S-c.; -
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1 CU' tMU
Cr C

T'

-v - - j.-- ---- v,4

.1 -se
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APPENDIX VII

Program Pitzer

A complete listing of program Pitzer is given. This program

is used to calculate the total activity coefficients in mixtures of

electrolytes using the specific interaction theory developed by

K. S. Pitzer and 3. 1. KimJ. Am. hem. Soc. 96, 5701, 1974).

The program uses only the parameters for pure electrolytes to

predict the properties of mixtures. These parameters may be

found in K. S. Pi.tzer and G. Mayorga (3. Phys. Chem. 77, Z300,

1973). No provision is explicitly made in the program for the

parameters that reflect the interaction between different ions

of the same charge.
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O&AM 1Z(NPuJT. UUTPJT
C TkiL FOR 4CTTY UFFjCZTO OF M:ATL..S
C 3r S cF PITZ..S *. T

C TH SI A ?11Z. . .CT) Y oo
C l lniI1 L5 3 1C O MA ;.r

,C
_0_ IS --

O-h5ON L11,.fl, jI0(j,1.. , (j..,)
I PHZ ,C).
2 ZMi. z.(i.0, j...Ui,
3 1ti O.tti, .NIJI
-. i .NCI,)

C NSO.. £5 Ti 'F SOLri. to 44..r?l. _S
C IME NUIl, F 05 L TM,. uTZt S Tr

- C 0.' 4CNS.
C, N$...L. t.CAT, AM

tJ FI1.TC3IZ)
C rM P4T$ FOR £AC.-4 CT0TZ.
C rI-fe C4 T,: ?M_ 2 N TIlE

00 SC I L. 4O..T
CO 4. A2N

C, 21(Z). ZA(. d1II.J, Jx(I,JI
FOi (A. .F5.3(

..iIZ,J). 2U,JI, 3aIi,.4. 1(I,,J1,
1 2tL,..43, CP)4IZ,JI

iq FORM (óF..j.
00 -.'. L . (SOI.________ C TMZS CO C3P C0$ tHE LCULAZ0H F0i ACH ..UTl.
00 iT i ., MOAT." -

-
DO ,7 .4 .. AN

C .AQ CCNCZNT.R4TZC?. CF S.CM !CTCL.1T
55

55 )

57 w1TINUR

C C ..JL.T T0T.1. O4..0 OF .A0M 0N .O --
00 C .,
00 J 4.. NA OQNC(Z,J) * C.tC)

* CLZ,.4) 4. .1 (.41
- 15 CS P CO(i.J (VMt,JJ ZM(IJ " 2

I (Z...4 ((J ' .2 I

- a co.r:.ue
:5 ..5

C LUAT i. PRZME RID CC
.)D i C 4., 1,CAI
00 .. J 4.. '44.M
O
FZ1. 4.. - Il.. P 0) z.P(-0I
F_il. 1. C 4. .5 U 2) .A(-UI -1..
i(I,.J) tI.JI P 2. 34.11,-il FZ1. / ( c4

- -----3P4...M1,JJ 2. il.CL,J( F3.I. / H..4cL,.4) tS I 2 I -
CC(,.fl CP11I.J1 / (2. .QkT( 1.i() ZA(JI) U

:
F (2(I.JJ .10. 0.0) 00 TO i

0 Z(,l S0TLS)
I.. - Ci.. 4. 01 I

F]2 £ 1. 0 4. .5 * C I I XP(iI - 4..
-- -.

3(t.1 6(1.J 2. s1(1,I F22 / C IS 2(C,J) 2 I

PRMt(2.JP 3ZME(t,3 2. F3Z / C ( CS

-----I - -42f2..)) .2 ) -

O
C CA.ULAT ACTIVITY C0FIOXZT5 CF ACM £L2CTQLYT

TOTMZ
00 IL I 4., NC?
TOTS-tL TOTMZ C.T(IJ ZM(Z)

31 )TIhUE
00 4. 4.. lC.t1
0O--4.* -J l.,

F C.J2 dSC 211(1) Z((J)} C 2 / I .. 1.2 l)

1. 4. 4..âãZ A400( I. P L. 0 U
Vflf1.iI AlI..4I

O 5u
SU11
00 0 A - 1. NAN

- &4NA 4. AL(A) I 3(2...) * FGT4 cC(Z,A()

SUl.. UJ1A 2. VMCI,J) / V

C SuM CVA, CATIONi
SUMt.

-
20 1415 5 1. MOAT
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3UIL LJM .JJ + T.'IZ (C..JI)
J.O OTiIUL

Ui1C Z. Vi..) /
C SUn ER CtIQ .'i) NINSSUl.4

O ..
A
5UIlC. S( Z1Z)

I. áPM.lC,i Zn(XJ )/2t N1INU
Un4.A

O CUNIIU
C Pi.tN1 EUi.TSPIr , IsFO1AT, 1)IZ 7I.L .JtLG STiJIGT4 IS . Fo.*)P.LT 5

J5 F1T(, CrOLvT .CTIIT JtI
)O I i. 4GT
C C . ., AN

PZN? i_i_,J) , 3NC(I,JI, ,.iNAI,JI
2i3 FOM.Tt $, Ai. i..A, F7.5, X, F5.J
jo crz.0

sr

-:--)-.. -..:.Ca...t _..---:t...




