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ABSTRACT

The development of a variety of selective ion-sensitive electrodes focuses
attention on numerical scales for the activity of individual ionic species, for
these electrodes measure the activity of the selected ion only relative to that of
the same species in a reference solution of known or assigned ion activity.
Nevertheless, scales of ion activity must be based on a convention from
outside the realm of thermodynamics. Scales based on different conventions
are discussed and compared. In dilute solutions of ionic strength less than 0.1,
several reasonable conventions give equivalent results, but the situation is
more complex in concentrated solutions where the specific properties of the
individual ionic species must be taken into consideration. It is shown that a
convention based on the hydration number of each ionic species makes
allowance for these individual differences. The scales of ionic activity so derived
are found to be consistent with the responses of ion-selective electrodes.

INTRODUCTION. POTENTIOMETRY

As an analytical tool, modern potentiometry has its roots in investigations
of the behaviour of electrodes and electrolyte solutions extending back in
time to the nineteenth century!'2. Electrodes for silver and mercury were
used with success to indicate attainment of the equivalence point in titrations
as early as 18933, Potentiometry was nurtured by the early work of Bjerrum*
and received strong impetus from the definition of a practical pH scale by
Serensen’® in 1909. As time went on, electrodes suitable for the accurate
measurement of the concentrations or activities of ions other than hydrogen—
silver, cadmium, lead, zinc, the halides, sulphate—were applied to the
solution of analytical problems.

Nevertheless, the development of a practical pH glass electrode more than
40 years ago® brought potentiometry out of the laboratory and put it to
work guarding the quality of manufactured products, in controlling
industrial processes, and in diagnosing illness. In the past decade, potentio-
metry has come into its own, as numerous types of ion-selective electrodes,
responsive to anions as well as to cations, have become available. The
impact of this technique of analytical measurement is enormous. It may
fairly be said, however, that developments in the technology of ion-selective
electrodes have outdistanced our efforts to understand and give precise
meaning to the numbers these valuable new tools make available to us.
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The analytical chemist is preoccupied to a large degree with the com-
position of matter and with the concentrations of material species that
exist in solution. It is easy to show, however, that ion-selective electrodes,
even in their regions of perfect behaviour, do not indicate the concentrations
of the ionic species to which they are reversible. That the cell composed of a
sodium glass electrode and a lanthanum fluoride electrode in solutions of
sodium fluoride actually responds to the mean activity of the sodium and
fluoride ions is strikingly evident in Figure I, where the negative logarithm

log M nak

Figure 1. Mean activity coefficient of sodium fluoride (circles) determined from the e.m.f. of the
cell Na(sel)/NaF(m)/F(sel) compared with accepted values (curve).

of the mean ionic activity coefficient, y,, of sodium fluoride calculated from
the e.m.f. of this cell is plotted as a function of the logarithm of the molality’.
If these electrodes measured the concentrations of the two ions, the plot
would be horizontal (see dashed line), passing through zero on the ordinate
axis. The expertmental points, however, lie very close to the solid line which
represents the known activity coefficient of sodium fluoride®.

Two problems become evident immediately. The first is embodied in the
question, ‘How can one convert potentiometric activities of ions into
analytical concentrations?’. The second is, ‘If the ion-selective electrode can
only yield an ion activity in relation to that in a reference solution of known
activity of that ion, how can one obtain reference standards with which to
calibrate these electrodes?’. It is to this second question that this paper is
addressed.

ION ACTIVITIES AND THE LIQUID-JUNCTION POTENTIAL

Ton-selective electrodes are classed as membrane electrodes and may be of
several types. Some are composed of solid or liquid ion exchangers and
others of precipitate-impregnated matrixes, glass membranes, or single-
crystal barriers. The complex mechanisms by which these membrane
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electrodes function are discussed by Rechnitz, vide infra. The primary
thermodynamic process is one of selective ion transfer under a gradient of
chemical potential. Unlike electrodes of the first kind, the changes in electrode
potential are not developed by oxidation-reduction processes. The membrane
electrode potential can be accounted for by two terms, of which the first is a
phase-boundary potential at each solution-membrane interface and the
second a diffusion potential which can be attributed to the transfer of
counter ions through the membrane®. The expressions for the potential at an
ideally selective membrane reduce to the simple forms

Ey = S IOg;l; (M
for cations M"*, and to
RTIn10  a
By =——F log @

for anions Y"~. In these equations, a represents activity and the prime
mark () designates the reference side of the membrane, where a constant
activity of the selected ion is maintained. For most useful ion-selective
electrodes, there is a fairly extensive region of concentrations in which the
electrochemical behaviour follows closely these simple equations.

For the cell without liquid junction

Na(sel) | NaF (m)|F(sel)

used to obtain the data plotted in Figure 1, the em.f. (E) is therefore given by
the Nernst equation

RTIn 10
E = E° — =~ log (any: ar ) 3)

in which the standard e.m.f. (E°) formally represents [(RT In 10)/F]
log (a, +ag-). Cells without liquid junction composed of either one or two
ion-selective electrodes are of value in determining mean activity coefficients
and other thermodynamic data when conventional oxidation-reduction
electrodes reversible to these ions are not available!®.

In most direct potentiometry, however, the primary objective is to
determine the concentration or activity of a single ionic species alone. It is
therefore usual practice to combine the electrode selective for this one ionic
species with a reference electrode of constant potential such as the saturated
calomel electrode (S.C.E)), in a cell with liquid junction. For the measurement
of sodium ions, for example, such a cell would be

Na(sel}| Soln.X || S.C.E.
and, for the measurement of fluoride ions,
F(sel)|Soln. X || S.C.E.

where Soln. X is the solution of unknown composition and the double
vertical line marks the site of a liquid junction. In accord with the IUPAC
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conventions!!, the em.f. E of this cell is the electrode potential of the S.C.E.
(E,) less that of the selective electrode as given by either equation 1 or 2,
with an added contribution from the potential (E)) generated at the liquid
junction. One can then write

o . RTIn 10
E = Lo — EM + EJ - “*4’;1:7-— log aM* (4)
and
RTIn 10
E=El—Ey +E+ —n—;——— log ay 5)

If the liquid-junction potential is assumed to remain unchanged when a
standard reference solution S is replaced in the cell by the unknown solution
X, one has, by analogy with the operational definition of pH'Z,

_ nEx — E9F
PM(X) = PM(S) + = (©
and
B n(Ex — E9F
pY(X) = pY(S) - T RTIn 10" (7

It is evident from equations 4 and 5 that the activity of a single ionic species
and the liquid-junction potential are mutually interdependent, that is, if
one is known, the other can be evaulated. It is now well recognized that
neither of these quantities can be uniquely determined by thermodynamic
methods. In the measurement of the logarithm of the activity of a cation or
anion A (that is, pA), complete equality of liquid-junction potentials is rarely
achieved. It is convenient to define the residual liquid-junction error, E;, in
pA (logarithmic) units by’

E; = pA(X) + loga, (8)

where pA(X) is the ‘experimental’ value and a, is the ‘true’ or defined activity
of the 1on A.

IONIC ACTIVITIES IN DILUTE SOLUTIONS

We come now to the practical matter of choosing an arbitrary or
‘conventional’ means of evaluating a quantity, the activity of an individual
ionic species, that cannot be exactly defined. In this a precedent has already
been set with the establishment of a conventional scale of hydrogen ion
activity. This procedure for the standardization of the pH scale has been
shown to meet all the practical requirements. Furthermore, hydrogen ion
activities based on this scale, though conventional in nature, have a clearly
defined role in the formulation of chemical equilibrium. This standard pH
scale has been endorsed for use internationally'!,

The pH scale is based on the convention that the activity coefficient y
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(molality scale) of chloride ion at ionic strengths (1) of 0.1 or below shall be
calculated by the equation

Al

~logyg- = 1+ 150% ©®

where A is the Debye-Hiickel slope constant (scale of molality). 4 is a function
of temperature and dielectric constant of the medium and has the value
0.5108 kg mol~* at 25°C'?. In two important respects, at least, the
standardization of pH was less difficult than the standardization of measure-
ments made with cation-selective and anion-selective electrodes of the
newer types. In the first place, with only pH measurements to consider,
considerable freedom in the choice of a convention could be exercised. Yet,
in principle, it is only necessary to fix the numerical scale of activity for one
ionic species, whereupon the values of the activity coefficients of all other
species become fixed through the measurable mean activity coefficients for
combinations of ions. The pH convention, therefore, accomplishes this
result for solutions of ionic strength not in excess of 0.1. It is not easy, how-
ever, to trace the activity coefficients of many of the ions of interest back to
the reference values for chloride ion. If a variety of pathways is allowed in
order to avoid the necessity of this direct comparison, ambiguous results
dependent on the chosen pathway may result. This is particularly true when
the ions of interest form ion pairs or other aggregates with chloride ion or
with a primary reference cation such as sodium ion or potassium ion’.

A second difficulty stems from the practical need for ion activity standards
at high ionic strengths. This is a problem of slight concern in pH standardi-
zation, where nearly the entire range of useful pH values can be spanned by
buffer solutions with ionic strength less than 0.1. The glass electrode is
subject to an acid error, and consequently interpretations of pH in terms of
ion activity are rarely attempted in concentrated media. The sodium glass
electrode, however, responds satisfactorily in a saturated solution of sodium
chloride', where the sodium ion molality is 6.145 mol kg~!. The large
residual liquid-junction potential precludes accurate measurements in these
concentrated solutions if the electrode has been standardized at an ionic
strength less than 0.1.

Nevertheless, in the low range of ionic strengths where the pH convention
applies, specific differences among the activity coefficients of unassociated
electrolytes are not great. The values of pM and pY furnished by several
simple conventions do not differ seriously at I = 0.1, as may be seen in
Table 1. The activity coefficients for the calculation of the values of pM and
pY given in the Table have been derived in three ways:

(i) by applying the valence relations of the Debye-Hiickel equation to
separate the mean activity coefficient of the electrolyte into the individual
jonic contributions ; this approach leads to theequality y4 = 7% =y,, = y,_,
where the subscripts indicate the ionic charge; (i) from the Maclnnes
convention!®, by taking the activity coefficients of potassium and chloride
ions to be equal to the mean activity coefficient of potassium chloride in a
solution of equivalent ionic strength; (iii) from the pH convention; y¢,- at the
appropriate ionic strength is obtained from the convention set forth in
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equation 9, and yy,+ is defined by yZ,ci/7ci-- When one of these two primary
reference ions is joined with anoOther cation or anion in an unassociated
electrolyte solution it thus becomes possible to derive the activity coefficients
of all ionic species present from the known mean activity coefficients for the
electrolytes.

Table 1. Comparison of values of pM and pX based on three different conventions; ionic
strength = 0.1, ¢t = 25°C

Salt  Debye-Hiickel convention =~ Maclnnes convention pH convention

pM pX pM pX pM pX
KCl1 1.114 1.114 1.114 1.114 1.118 1.110
NaF 1.116 1.116 1.106 1.126 1.108 1.124
NaCl 1.110 1.110 1.106 1.114 1.108 1.110
Nal 1.104 1.104 1.106 1.102 1.108 1.100
NaClO, 1.111 1111 1.106 1.116 1.108 1.114
CaCl, 1.898 1.282 1.880 1.291 1.887 1.286

Both the Maclnnes convention and the pH convention leave in doubt the
exact manner in which one is to proceed from the defined y¢- to obtain
B~ OF Ys02-, for example. In an earlier publication’ it was shown that it
makes little difference, when the 1onic strength does not exceed 0.1, which of
the following alternative expressions for yg.- one elects to use

2 2
YNaBr YkBr . (VCaBrz);
Ya- 3 Ol Ya- 3Ol Ya- —3
YNac1 YKa (YCach)

The differences among the estimates of the logarithm of the activity co-
efficients of six univalent anions derived by pathways involving nine alkali
and alkaline earth chlorides were, on the average, less than 0.02 unit.

Garrels'® has shown that the necessity of choosing a single pathway from
the pH convention to the activity coefficient of a given ion can sometimes be
avoided by an experimental method. The activity coefficient of magnesium
ion, for example, can be calculated from measurements of the molar solubility
(S) of magnesium hydroxide in salt solutions, together with the corresponding
pH values and vapour pressures of water. These quantities are interrelated by
the equilibrium constant K for the process Mg?* + H,0 = Mg(OH), +
2H", and thus

—~log ymg» = log K + log S + log ay,o + 2pH (10)

An approach suggested many years ago'’, likewise permits the activity co-
efficients of certain anions to be related to the pH convention. For example,
the acid-base equilibrium CO, + H,0 = H* + HCO; leads to the
expression

log yyco; = log K, + log dco, + logay,o — log myco; + pH (11

It must be remembered that pH measurements are subject to increasing
errors from the residual liquid-junction potential as the ionic strength
departs from that of the reference standards with which the pH assembly was
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calibrated. This is also true of measurements made with ion-selective
electrodes. Nevertheless, it has been found that the activity coefficients of
magnesium ion determined from pH measurements'® and of calcium ion
determined with an ion-selective electrode’® agree well at ionic strengths of
04 to above 1.0 with values calculated by the Maclnnes convention,
presumably expressed in the form ygc,/y&c, Where M is magnesium or
calcium. In principle, a major defect of the Maclnnes convention is its
inability to reflect differences in yx. and y¢;- in concentrated solutions of the
same ionic strength but different ionic composition.

IONIC ACTIVITIES IN CONCENTRATED SOLUTIONS

Whereas the mean activity coefficients of electrolytes of the same charge
type are not greatly different from one another at ionic strengths less than 0.1,
large divergences are found in concentrated solutions. When the cation is
hydrated in solution, the activity coefficient frequently passes through a
minimum in the molality range 0.5 to 1.0 mol kg~ ! and thereafter rapidly
becomes greater than unity. Although there is evidence that the chloride ion
is not strongly hydrated, it does not seem reasonable to extend the simple pH
convention (equation 9) into concentrated solutions. Furthermore, the
matter of choosing the most suitable pathway, of little consequence at
I = 0.1, has been shown’ to be of considerable importance at I = 1.0. If, for
example, log ;- is related to the conventional log y¢,- through the lithium
salts, a value of —0.06 is obtained ; if data for the caesium salts are used, the
value is —0.22. Although there is no way to prove whether these differences
reflect in part a ‘real’ difference in the activity of iodide ion in 1M lithium and
caesium iodides, it appears that ion-selective electrodes do indeed reflect
changes in ion activity in these and similar media that are too large to be
attributed to the residual liquid-junction potential in the measurement.
They must therefore be accorded some significance. For these reasons, the
establishment of reasonable and internally consistent scales of ionic activity
in concentrated solutions acquires a special importance.

A practical approach to conventional scales for single ion activities in
concentrated solutions should fulfill three requirements: (i) it should be
consistent with the Maclnnes, Debye Hiickel, and pH conventions at ionic
strengths of 0.1 and below, where these three definitions are in close agree-
ment; (ii) it should allow for specific differences in the properties of ions in
concentrated solutions; and (iii) it should recognize that the activity co-
efficient of a given ion is not dependent solely upon ionic strength but varies
with the ionic composition of the solution. ‘Pathway effects’ would then be
of no concern.

Some years ago, Stokes and Robinson!® showed that the mean activity
coefficients of unassociated electrolytes could be accounted for up to molalities
as high as 6 mol kg~ ! in terms of the ionic strength, the water activity of the
solution (or osmotic coefficient, ¢), and a parameter termed the hydration
number (k). Bates, Staples, and Robinson?® proposed to base a convention
for single ionic activities on this hydration theory. Individual variations in
ionic activity at a given ionic strength are then accounted for in terms of
individual ionic hydration numbers. As the ionic strength decreases and the
osmotic coefficient approaches unity, these equations reduce to the simple
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Debye-Hiickel form and are therefore consistent with the three conventions
mentioned in (i) above. By applying the thermodynamics of electrolyte
solutions, these authors were able to develop formulas for splitting mean
activity coefficients into the contributions of the individual ions. For a
uni-univalent electrolyte MX, it was shown?® 2! that

log ym+ = log ymx + 0.00782 (hy — hx)me (12)
and
log yx- = log yux + 0.00782 (hx — hyymo (13)

This approach meets condition (iii) above, as well as condition (ii), for the
activity coefficient of a given ion is a function not only of the ionic strength
but of the nature of the other ions also present in the solution,

The conventional step in the hydration treatment is, of course, the assign-
ment of hydration numbers to individual ionic species. The hydration
numbers obtained by fitting mean activity coefficients to the Stokes-
Robinson equation are regarded as the sum of the hydration numbers of the
cationic and anionic species. It is only necessary, therefore, to assign a
hydration number to one ionic species in order to fix the values for other
ions. There is evidence?® that h for the alkali metal chlorides decreases
steadily with increasing size of the cation and is very close to zero for
caesium chloride. The hydration number for chloride ion was therefore
taken to be zero. Ionic hydration numbers referred to he, = O are listed in
Table 2. On this basis, the activity coefficients of the ions of the unassociated
bivalent metal chlorides MCl, are given by?°

log e+ = 2108 yma, + 0.00782 hyme + log {1 + 0.0183 — hym}  (14)

and

2 logyai- = log yma, — 0.0078‘2 hymo — log {1 + 0.018(3 — hym} (15

Table 2. Hydration numbers for individual ion species

Cation h Anion h
H* 8.0 F~ 1.9
Li* 7.1 Cl- 0
Na* 35 Br- 0
K* 1.9 1- 0
Rb* 1.2
Cs* 0
NH; 1.6
Mg?* 13.7
Ca?* 120
Sr* 10.7
Ba?* 7.7

It is difficult to confirm positively that these expressions for single ionic
activities are consistent with the responses of ion-selective electrodes. To
provide a comparison, the data of Shatkay and Lerman?? for cells with
sodium glass electrodes and saturated calomel reference electrodes in

414



ION ACTIVITY SCALES

sodium chloride solutions have been corrected for liquid-junction potentials
and normalized at a molality of 0.1 mol kg~ !, The ‘experimental’ values of
log ay,- thus obtained?® were in excellent agreement with those derived
from the hydration equations up to a molality of 3 mol kg~ *. The deviation
at 6m was 0.09 in log ay,.. Recently Bagg and Rechnitz?® have made a
careful experimental study of concentrated solutions of lithium, sodium and
potassium chlorides and also potassium fluoride, bromide, and iodide, with
the use of halide-selective electrodes. After correction for liquid-junction
potentials, reasonable agreement with the activities derived from the
hydration theory was obtained up to 4m sodium chloride, 4m potassium
chloride, 3m potassium fluoride and 1m lithium chloride, and to the highest
molalities of potassium bromide and potassium iodide studied, namely 4m
and 0.2m.

The hydration numbers for electrolytes are determined by fitting the mean
activity coefficients of electrolytes to an equation of the Stokes—Robinson
form. Two adjustable parameters, the ion-size parameter and hydration
number, are involved. It is reasonable, therefore, to expect that the hydration
numbers may have uncertainties of 0.5 to 1.0. It is assumed in the hydration

Table 3. Comparison of —log ax- from halide-sensitive electrodes with values derived from the
hydration convention and the Maclnnes convention*

molality Hydration convention Maclnnes
mol kg™! ‘Observed’ hx =0 hy = 09 convention
MX = KCl
0.001 2.99 301 301 301
0.01 2.04 2.04 2.04 2.04
0.1 1.13 1.11 1.11 1.11
02 0.85 0.84 0.84 0.84
0.5 0.50 0.49 0.49 0.49
1.0 0.23 023 022 0.22
20 —0.06 —-0.03 —0.06 —0.06
40 —0.35 -031 —-0.36 —0.36
MX = NaCl
0.001 2.98 3.01 3.01 3.01
0.01 2.04 2.04 2.04 2.04
0.1 1.12 1.11 1.11 1.11
0.5 0.48 0.48 0.46 0.49
10 0.19 0.21 0.17 0.22
20 —0.07 -007 —0.10 —0.06
40 -039 -037 —-044 —0.36
5.69 -0.64 —0.54 -0.64 -
MX = KBr
0.1 1.15 1.11 1.11 1.10
0.2 0.87 0.84 0.84 0.84
0.5 0.53 0.49 048 0.48
1.0 0.25 0.23 0.21 0.20
20 -0.07 -0.04 —-0.07 —0.09
3.98 -0.35 —0.32 -0.38 —040

* Data of Bagg and Rechnitz *3,
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convention that bromide and iodide ions, as well as chloride, are unhydrated,
yet somewhat different hydration numbers are derived for the alkali cations
depending on whether one uses the hydration numbers found for chloride,
bromide, or iodide salts. The averages of the three results are as follows:
hy; =79 +07;hy, =44 +07;hg =22 + 02;and hg, = 0.9 + 0.2. These
values, except for Rb*, are somewhat larger than those listed in Table 2.
Although the assignment of the individual hydration numbers given in the
Table is conventional, it seems likely that some refinement, based on a
critical re-examination of mean activity coefficient data, would be worth-
while.

Furthermore, differences of hydration numbers for the cation and anion
appear in equations 12 and 13; thus the individual ionic activity coefficients
may be quite sensitive to errors in assigned hydration number, particularly
when the ions are hydrated to about equal extents. Bagg and Rechnitz??
found improved agreement between observed and calculated values of the
halide ion activity at high concentrations when hg was taken to be 0.9, the
estimate of Glueckauf??, instead of 0, as is evident from the summary of
Table 3. Their data, however, offer strong support for the validity of a method
based on hydration number as a guide to the splitting of mean activity
coefficients into their ionic contributions. Their measurements with chloride-
selective electrodes suggest that there is a real difference between yc- in
sodium chloride and in potassium chloride, a result which is inconsistent
with the Maclnnes convention. It is clear that the concept of a constant
hydration number can only be approximately true. Full hydration of a salt
becomes impossible, of course, at molalities exceeding 55.51/h, and even
below this limit it is probable that some reduction in hydration occurs.

IONIC ACTIVITIES IN MIXTURES OF ELECTROLYTES

For many of their most important applications, ion-selective electrodes
are used in media containing more than one electrolyte. Indeed, one of the
most attractive features of these electrodes is their ability to respond to the
activity of one particular ion in the presence of other ions. Furthermore, it is
often desired to convert the measured ion activity into concentration, as for
example in blood?®, for which activity coefficients of the ion in the electrolyte
mixture are needed. It was shown earlier’ that electrodes standardized in a
dilute solution of a single electrolyte may display rather large residual
liquidjunction potential errors when used in solutions containing two
ionized solutes. For this reason, it is desirable to standardize the electrode
assembly in a mixture of composition similar to that of the ‘unknowns’.
Hence, a knowledge of ion activities in mixtures is of some importance.

Intwo recent investigations?® 27, an attempt has been made to compare the
activity coefficient of fluoride ion, as indicated by the lanthanum fluoride
electrode, with activities related to those in the pure salt solution by consider-
ing the various modes of ion-ion interaction known or presumed to exist.
By applying corrections for liquid-junction potentials, Bagg and Rechnitz?’
determined the activity coefficients of fluoride ion in mixtures containing
trace concentrations of sodium fluoride and potassium fluoride in sodium
chloride, potassium chloride, potassium bromide, and potassium iodide
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solutions at molalities up to 4 mol kg™ . It was concluded that the values in
sodium fluoride-sodium chloride solutions were close to the values of p¢- in
solutions of sodium fluoride alone, as calculated from the hydration theory.
Somewhat larger departures were found for potassium fluoride in mixtures
with other potassium salts, and here slightly improved agreement was
obtained by introducing Harned’s rule for the mean activity coefficient.
The nature of the problem is illustrated for mixtures of hydrogen chloride
and sodium chloride at a total molality of 3.0 mol kg~ ! in Figure 2. These

045
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Figure 2. Mean activity coefficients of hydrochloric acid and sodium chloride in mixed solutions

of total molality 3.0 mol kg™!. The individual ionic activity coefficients in 3m HCl and 3m NaCl

are shown, and the possible variation of these quantities in the mixture of electrolytes is indicated
by the dashed lines.

mixtures of electrolytes obey Harned's rule?®; both log yuq and log ynaci
vary linearly with composition from the values (y°) in their own 3m solutions
to the values (") when all but a trace of the hydrogen chloride or sodium
chloride has been replaced by the second member of the electrolyte pair.
Furthermore, the hydration convention provides values for the activity
coefficients (5~ and yg-) of the individual ions in 3m hydrogen chloride
and of y%+ and yg- in 3m sodium chloride. Nevertheless, as the question
marks on the Figure suggest, one does not know how the activity coefficients
of the hydrogen and sodium ions vary with composition of the mixture, nor
whether the logarithm of the activity coefficient of chloride ion follows a
straight-line path from its value in 3m hydrogen chloride to its value in 3m
sodium chloride.

With the aid of the thermodynamic theory of mixed electrolytes, it is
possible to extend the hydration convention described in the previous
section in such a manner that the individual ionic activities in certain
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mixtures of unassociated electrolytes can be derived. In recent work, this
approach has been applied to mixtures of two uni-univalent electrolytes
with a common unhydrated anion?® and to mixtures of two uni-univalent
electrolytes with a common hydrated cation and one hydrated anion®’.
The first case is that of mixtures of hydrogen chloride and potassium chloride,
of sodium chloride and potassium chloride, or of the corresponding bromides
and iodides; the second is illustrated by mixtures of potassium fluoride and
potassium chloride.

In a mixture of constant total molality m, composed of MX at a molality
yux and of NX at a molality of yyxm, the hydration theory leads to the
following expression for the activity coefficient of the anion X~, when M*
and N* are hydrated but X~ is not

log yx- = yux1og ymx + ynx log ynx — 0.00782 hme (16)

where yyx and yyx are the mean activity coefficients of MX and NX in the
mixture and h = yyxhy + ynxhn The activity coefficients of the cations can
then be obtained from the relations

log yy+ = 2log yux — log yx- (17
and

log yn+ = 2log ynx — log yx- (18)

In order to use these equations, one must know how the osmotic coefficient ¢
varies with the composition of the electrolyte mixture. The needed result can
be readily derived from the Harned rule coefficients*!. When this treatment
was applied to mixtures of hydrogen chloride and sodium chloride at a
constant total molality of 3.0 molkg™ ', the individual ionic activity co-
efficients shown in Figure 3 were obtained?®. It is evident that the logarithms

0.b—=
5
0.3F
7
0.2F 4y
yéﬂ‘
0.1
>~
o
o
2 ot
o1 bt YNa*
* yedinHCL)
0.2}
3
0 0 .
HCl YNacl NaCl

Figure 3. Individual ionic activity coefficients of hydrogen ion, sodium ion, and chloride ion in
mixtures of hydrochloric acid and sodium chloride at a total molality of 3.0 mol kg™*.
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of the activity coefficients of all three ions follow curved lines when plotted
against the composition of the mixture, even though the mean activity
coefficients of both the electrolytes show the linear variation expected from
Harned’s rule (see Figure 2).

When the cation M* and the anion X~ in mixtures of MX and MY are
hydrated, but the anion Y~ is unhydrated, the relations are somewhat more
complex, but a derivation of the individual ionic activity coefficients is still
possible®®. If yyx and yyy are the mean activity coefficients in the mixture, ¢ is
the osmotic coefficient of the mixed electrolyte solutions of constant total
molality m, and the fractional compositions yyy and yyy are defined as
above, then

log ym+ = yux l0g mx + Ymy 10g ymy — 0.00782(ymxhx — hy)mep (19
For the anions,

log yx- = ymx 108 Ymx + ymy 10g ymy — 0.00782{hy — (2 — YMx)hx}m¢ (20
and

log yy- = ymx 10g Ymx + ymy log yyy — 0.00782(hy + yuxhxme 2D

In applying these equations to the mixture of KF (MX) and KCl (MY),
hy = hy = 1.9. The osmotic coefficient at a total molality of 3.0 mol kg *
varies almost linearly with yy.,. Because of these special circumstances,
YkF = Yk+ = Yr- and the logarithms of the activity coefficients of all three
ions (K*, F~, and C17) vary linearly with ygc.

CONCLUSION

The selection of a numerical scale for the activity of a single ionic species is
an undertaking that imposes a considerable weight of responsibility. Theory
can offer only limited guidance, and a conventional scale acquires utility
only insofar as it is generally accepted. For some years, a useful scale of
hydrogen ion activity has been in existence; it can serve as a cornerstone for
the construction of scales of activity for other cations and anions. Yet the
pH convention is intended to apply only in dilute solutions, and its extension
to concentrated media seems inadvisable. Self-consistency of ionic activity
scales poses a major problem to be faced in the region of high ionic strengths.
Scales based on hydration numbers of individual ionic species in un-
associated electrolytes show promise of providing the required consistency
by allowing for the specific differences among activity coefficients that
become important in concentrated solutions. Modified procedures of greater
complexity, however, will be required in order to establish ionic activity
scales in solutions where appreciable ion association exists.
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