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As the Nation’s principal conservation agency, the Department
of the Interior has basic responsibilities for water, fish, wildlife,
mineral, land, park, and recreational resources. Indian Territorial
affairs are other major concerns of America’s “Department of
Natural Resources”.

The Department works to assure the wisest choice in managing
all our resources so each will make its full contribution to a better
United States—now and in the future.

FOREWORD

s is one of a continuing series of reports designed to present

accounts of progress in saline water conversion and the economics of

its application. Such data are expected to contribute to the long-range

develppment of economical processes applicable to low-cost demineraliza-

tion of sea and other saline water.

Except for minor editing, the data herein are as contained in a report

subm

are e

|
itted by the contractor. The data and conclusions given in the report

ssentially those of the contractor and are not necessarily endorsed by

the Department of the Interior.
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ABSTRACT

The significance of activity coefficient measurements in
connection with current research and engineering in desalination
is discussed. The importance of activity as opposed to concentration
in the electrodialysis and reverse osmosis processes is shown using
the theory of irreversible thermodynamics. The activity of individual
components is shown to be the relevant composition factor in processes
involving solvent extraction, adsorption or electrosorption, and scale
formation.

The principal experiments described in this report are those
which measure the activity of NaCl in multicomponent electrolytes
using the cell

Na, Hg/Na", CI°, H,0, MX/AgCl/Ag

for added salts (MX) Na2804, KCI1, LiCl, MgClZ, and CaClZ. The
conditions under which such a cell can be used are discussed.

The thermodynamics and kinetics of the alkali metal amalgam
electrode are discussed in detail, with emphasis on factors affecting
the accuracy of measurements in cells such as the above. Inter-
ference by a second cation such as potagsium or lithium is analyzed
quantitatively. Measurements of the standard potential of the lithium
amalgam electrode, made during the course of this research, are
reported.

The alkaline earth amalgam electrodes are discussed, with
particular attention to the calcium and barium amalgam electrodes.
Standard potentials are calculated for both these electrodes from
data of other workers, using the best available thermodynamic data.

The experimental methods used in our research are discussed
in detail. Techniques for handling amalgam electrodes, chloride and
sulfate-reversible reference electrodes, glass electrodes, and liquid
ion exchange electrodes are described.

Results reported include activity coefficient measurements in
the aqueous multicomponent systems NaCl-NaZSO4, NaCl-LiCl,
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NaGl-Ca:12, NaCI~MgC12, and NaCI—BaCIZ. Activity measurements

using a ¢
the theor
is discus
preductic
presente
amalgam

alcium -sensitive specific ion electrode are reported, and

y of the activity of calcium ion in multicomponent solutions
sed. A possible method based on the Br8nsted theory for

n of acrivity coefficients in multicomponent mixtures is

1. Experimental studies of the calcium amalgam and barium
electrodes are summarized.
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I. INTRODUCTION

Desalination of sea or brackish waters involves solutions
of relatively complex composition. In almost all processes currently
under development, the activities of the ionic components of the
solution are of paramount importance both in determining the process
rate and the final equilibrium composition. Yet, reliable activity
data for multicomponent salt solutions are scanty. As a result, con-
centrations are usually used in theoretical analyses as well as in the
design of 'experiments, and the large differences between activities
and concentrations are ignored. Since the activity of a species may
be ten times smaller or ten times larger than its concentration, it
is apparent that a real need exists for accurate activity data in
solutions of interest.

Although the above may appear self-evident, activities have
been ignored in actual practice with such consistency that it might
be useful to illustrate our assertion with some examples. In reverse
osmosis, ‘separation of ionic salts and water is accomplished by
applying a pressure differential across a membrane; in electrodialysis,
an electric field is used for the same purpose. The general equations
governing these processes are given by the theory of irreversible
thermodynamics(l). The driving force, Xi’ for the separation process
is the sum of the chemical potential gradient, 7 Mo the electrical
potential gradient, \/ ¢, and the external hydrodynamic or mechanical
forces (here represented by Y) imposed on the system:

Xi= T\?’ul + VQ‘ + Y (1)

The chemical potential gradient may be expanded as follows:

Ve = vy Up + g (2)

Where the sum is taken over-all the components of a multicomponent
electrolyte, v; is the partial volume of component i, p is the pressure,
and Ck is the concentration of each of the various components.



' Letlus consider a simple case of electrodialysis of a single

galt. We ca

n estimate the magnitude of the various terms in eq. (1)

by taking sgme approximate values in a one-dimensional model.

Typically Y

is of the order of 10° joule/ mole cm (agsuming a

potential difference of 10 “v across a membrane 10—2cm thick).
The work term v\/p is negligible (20 joule/mole cm), and the second
term in the|chemical potential gradient is thus of the same order as

Y.
Now
of concentra

"/ pg =RT i/ fn —

i.e. as expe

if we ignore activity coefficients and assume a ratio
tion across the membrane C"/C" ~ 2, we have approximately

T

1.7 x 10° joule/mole cm

Cl

cted, the force applied is of the same order as the force

opposing flow of ions in the direction of the field. Let us now assume
that the actiyity coefficient changes from 0.6 to 0. 8 we go from the

more concentrated tothemore dilute solution.

ratioa'/a'

Then using the proper
= (2) (0.6/0.8) = 1.5 we find that the correct value of

*T/,ui is in faect 1.0 x 105 joule/ mole cm; a difference of about 70%,

in the driving force.

must be emy

This example makeg an obvious point, but it
hasized that the kinetics as well as-the thermodynamics

of the over-all process are affected. The flux of component k ig

where Ly is
depends dirg
its estimatio

iThe 9
ponent soluti
(0 13/ 8 C a
of each| comy
in concéntrat
Expressed in

J_k - ? LkiXi

a generalized conductivity of the membrane. The flux
ctly on the term Xi calculated above and any errors in

n will be directly reflected as errors in calculated rates.
ituation is more complex where we deal with multicom -
ons. In this case, the diagonal coefficients in eq. (2),
re the largest terms, but gince the chemical potential
onent is affected by every other component, particularly
ed solutions, the off-diagonal coefficients are not zero.

terms of activity coefficients (vi), these become;
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Thus, unless we have determined such activity coefficients
we may make errors of as much as 100% in the analysis or prediction
or the behavior of specific practical systems. Entirely analogous
arguments apply to reverse osmosis.

Activity coefficients are of importance in another aspect of
desalination by reverse osmosis or by electrodialysis. One of the
principal design problems in reverse osmosis is the description and
proper evaluation of the effects of a concentrated salt boundary layer
formed on the high-pressure side.

The usual approximation in solving the mass transport equations
is to replace chemical potential gradients by concentration gradients.
Thus, in the partial differential equation for channel 'flow(l)

) 5]

(uC) + —— uC - D =—=! =0
X 9y o vy,

(where u is the velocity, C is concentration, and x and y ére coordinates)
the activity has been replaced by concentration. The result is to make
the diffusion coefficient D a function of the concentration of all com -~
ponents in the electrolyte and, consequently, to limit the usefulness
of measurements made in any particular multicomponent electrolyte.

The activity of individual components becomes of still greater
significance in processes involving solvent extraction and adsorption
(or electrosorption); here, the operative factor is a set of specific
chemical and physical equilibria which depend strongly on the nature
of the materials involved. Again, concentration rather than activity

is normally used with consequent possibilities of substantial errors.



Let
desalinatio

us turn to yet another topic of great importance in a
n process. Scale formation in distillation involves
specific ionic equilibria which depend, of coursge, on activities rather

than concentrations.

Activities have rarely been used in the analysis
scale formation because of the limited availability of activity
5, particularly when dealing with concentrated solutions.

ties are important is clear, for example, from the effect

[ content on the solubility of calcium sulfate or from the

ral observation that the solubility of slightly soluble salts
creases with the presence in golution of a large number

ome other soluble salt.

of data on ¢
coefficients
Thart activi
of total sal
more genet
strongly in
of ions of g An understanding of such inter -
lecessary in order to explain, and thus predict, the wide

in the nature and thermal resistance of gcale formed in
iters. To cite an example again, the thermal resistance
med during boiling of water from the Donets basin is con-
irger than that formed during boiling of Cagpian Sea Water,
although the concentration of scale-forming agents in Caspian Sea

actions is
variability
different ws
of scale for
siderably lé

Water is 3

found in the

in the Done
We

o 4 times larger. The origin of this difference is to be
much larger total salt content (about 10 times larger)
[s bagin water(z).

can generalize all the above examples by drawing an

analogy with what we need to know in design and analysis of the

on degalination process, namely distillation. Here, it
[ accurate knowledge of the activity of water, and hence
pressure of water as a function of salt content, tem-
[c. is abgolutely necessary.

most comm
is clear tha
of the vapor

perature, e In an entirely similar

fashion, knowledge of ionic activities in the multicomponent salt

solutions processed by other desalination processes is equally

indispensible.
The

solutions co

emphasis in this work has been on multicomponent salt

ntaining NaCl, since these are the most relevant to

desalination|of water. A bibliography of papers(?’"gg) concerning
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activity coefficients in multicomponent salt solutions is given in
Table I. Thig list does not include measurements on nonagueous
systems nor thevery extensive series of measurements on systems
containing HCI together with another solute made b Harned and
co-workers and well-summarized elsewhere(40’ 41),

Three principal methods have been used to determine activity
coefficients of metal salts in multicomponent salt solutions: the
amalgam electrode cell, the isopiestic method, and the membrane
electrode cell. The amalgam electrode cell was used for much of
the early work but has not been used recently because of the ex-
perimental difficulties associated with dropping amalgam electrodes.
During this contract we have used sodium amalgam electrodes to
study the systems NaCl-LiCl, NaCl-CaCl,, NaCl-MgCl,, and
NaCl—NaZSO4(32_34). The results of these investigations are
given in section VI of this report.

The isopiestic method—based on equilibrating the multicom -
ponent electrolyte vapor pressure with an electrolyte of known '{}apor
pressure—is experimentally simpler, but is restricted to concentrations
greater than about lm. This limitation results because the measure-
ments require accurate values for small changes in weight of golutions;
and the calculations involve interpolation of concentration ratios, to-
gether with integration of the results of a number of measurements to
obtain the activity coefficients of the components. The amalgam
electrode method has an important advantage over the isopiestic
method in that an emf measurement yields the activity coefficient
of a single electrolyte component directly, and the calculations do
not depend critically on other measurements.

Recently, some studies have been made using membrane
electrodes reversible to only one of the cations in a multicomponent
electrolyte. Thermodynamically, such electrodes are equivalent to
the amalgam electrodes, but in practice, the selectivity of the electrodes
is not perfect and the assymmetry potential of the membrane may
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(21,26,27) ,
(18-20)

chanée with time, Both glass electrodes (for Na+)
organic membrane electrodes (for alkaline earth cations)
have been used successfully. We have made measurements with
both these types of systems (see section VI-A and VI-B).

In most mixed aqueous electrolytes, the activity coefficient

of at least pne of the components has been found to obey Harned's
Rule(fm’ 41):

i log vyp = log vy - Xl

Where% Yo 18 the activity coefficient of component 1 in the mixed
electriolyte of ionic strength I, Y10 is the activity coefficient of
comp(iment 1 alone at ionic strength I, X2 is the ionic strength
fraction of component 2 in the mixed electrolyte, and a9 is the
Harned Rule coefficient, which depends to some extent on the
total ionic strength I, but not on the fraction of the second component
X,. Among the systems not obeying Harned' s Rule within ex-
perimental lerror are the KOH-KCI and NaOH-NaCl mixtures(?” 4),
In the system NaCl-Na,50,, it was at first believed that Harned' s
Rule was oheyed for only NaC1(27), but independent measurements
showed thag Harned's Rule is obeyed for both components(32’ 36, 38).
These three are the only cases where independent measurements
were made pf the activity coefficients of each component. Small
deviations from Harned's Rule have been observed in very accurate
1neasdren1e1ts(39).
~ Althpugh the activity coefficient of the second component can

be calc}:ulated,, by the Gibbs-Duhem relation, from measurements
of the ;activity coefficient of the first component over a range of com-
positions, the final test of thermodynamic consistency is to make
independent|measurements of the two components by different ex-
perimental methods.

This|report discusses the use of amalgam electrodes for
meagurements of activity coefficients in multicomponent salt solutions,

_]_0_
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with emphasis on understanding the limitations in our present knowledge
of amalgam electrodes and on measuring accurate activity coefficient
data relevant to desalination of water.

- 11 -



II. THE EMF
|

METHOD OF MEASURING ACTIVITY COEFFICIENTS

I
An electrochemical cell, reversible to one component of a

multicomponent salt solution, can be used to obtain the activity co-
efficients of that component directly. An example of this method is
the measurement of the activity coefficients of NaCl in mixed aqueous

NaCl - Nast

whose emf is

E =H

where E° is tl

oiven by

4 electrolytes. We used the ce11(32)

Na, Hg/Na™, Cl°, SO,” / AgCl/ Ag

9
o _ RT M+ Me-) (vy9)
B X

Na "Na

e standard potential, R is the pas constant, T is the

absolute temperature, F is the Faraday constant, m is solution con-

centration in 1

noles/ kg, ¥ 918 the mean activity coefficient of NaCl

in the electrolyte, XNy 18 the mole fraction and YNy 18 the activity

coefficient of ]

Na in the amalgam.

In order that the activity of sodium in the amalgam need not

be kept rigoro
electrolyte corn

usly constant for a series of measurements at different
centrations, two cells are used. The reference cell

containg an electrolyte of constant composition and rthe two amalgam

electrodes are
of the composi

fed from the same reservoir.
re cell

For example, the emf

variable

Ag/AgCl/Na® el 80,~/Na, Hg/Na™, gig{‘gdﬁxgm/zxg

depends only o

where m ig con
the mean activi
solution of fixe
to the golution

n the ratio of activiries of NaCl:

[ o < 2
o . RT 0 (@ne) 0g0) 07y)
2

F

(g gy ()
centration expressed in moles per kg of water, v is
ty coefficient, the superscript zero refers to the

d compositions, and the unsubscripted quantities refer

of variable composition. Since the composition of the

- 192 -
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3)

(4)



solutions is obtained by analysis, or by weighing out the required
quantities of water and anhydrous salts, and the temperature can
be held constant by means of a thermostat, a measurement of the
combined emf of the two sodium amalgam -silver chloride cells
gives a direct measurement of the ratio of v 12 in the mixed
electrolyte to v}  in pure sodium chloride solutions.

Before the present study was begun, the only multicomponent
systems studied by the amalgam electrode method were the hydroxide-

halide mixtures(s 7)

, and the most recent work of this type was com-
pleted in 1937. In spite of the limited precedent, a large number of
multicomponent salt systems can be studied using amalgam electrodes,
provided certain conditions are fulfilled. First, the amalgam electrode
must be reversible to the desired cation and no others present in the
system. Second, the reference electrode must be reversible to the
desired anion and to no others present in the system. Third, the cell
must be substantially free from liquid junction potentials.

Most of the experimental work described in this report has
been carried out using the sodium amalgam -silver chloride cell, which
gives the mean activity coefficient of sodium chloride in the mixed
electrolyte directly, provided that the other components present in
the electrolyte do not interfere with the electrode reactions. To
establish the reversibility of amalgam electrodes is a complex problem,
discussed in detail in sections III and IV of this report.

The silver/ silver -chloride electrode is reversible to chloride
ion provided no other anions are present which form silver salts
less soluble than AgCl and provided no strongly oxidizing or reducing
jons are present which could interfere with the Ag/ Ag+ electrode
reaction. Salts used to prepare the solutions must be highly purified,
particularly free from traces of bromide lodide, cyanide, and heavy
metal ions. The activity of NaCl can probably be measured in
mixtures with many nonreducible aniong: NaOH, NaF, NaNOB, NaClOB,
NaClO4, NaQCOS, NaHCOB, NazSO4, possibly NaBrO3 and NaIOB, as

- 13 -



well as the spdium salts of many organic acids. In section VI-A we
have reported our results (32,36) 4 the NaC1-Na,SO, system.

The “ells used in the studies we are concerned with are
usually described as "cells without liquid junctions. " This is at
best only an approximation. In fact, cell (1) is better written

Na, Hg/Na™, C1°, 80,7/Na', CI, 80,7, Ag", AgCl, AgCly, etc.
/AgCl(s)/ Ag

with a well-defined junction between the electrolyte saturated with
AgCl and the |pure electrolyte which contacts the amalgam electrode.
Only because|of the low solubility of AgCl in excess chloride can we
neglect this liquid junction potential.

Figure 1 shows how the solubility of AgCl and the concentrations
of the varioug silver chloride complexes vary with the concentration
of added chloride(42 ’ 43). Instead of decreasing indefinitely with in-
creasing chloride concentration (as predicted by the solubility product),

(5)

the solubility of AgCl passes through a minimum value (about 5 x 10 _7M)
when the concentration of added chloride is about 4 x 10_3M. In solutions

containing 0. 1 to 1 molal chloride, the solubility of AgCl may increase
to values greater than 10"41\/1, and most of the soluble species will be
anjons of high| charge, such as AgC13= and AgC14E.

Because the activity coefficients and mobilities of these ions
are unknown, lit is impossible to calculate the exact value of the liquid
junction potential, but a rough approximation can be obtained using the

equation (10-6/-16 of Ref. 40):

{/ A
E, = + _B_T_ p> III t.dlny, + = III t-dlnm.&
] B i1 i i i 1 i 1}'

Here t; are transference numbers; the sums are performed over all

- the ions present, and the integration made from the bulk of electrolyte
in the left hand compartment (I) to the bulk of the electrolyte in the
right-hand compartment (II).

- 14 -
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III. ALKALI METAL AMATL.GAM ELECTRODES

Since the main emphasis in this work has been on solutions
containing NaCl, we have devoted most of our effort to measurements
with alkali metal amalgam electrodes, particularly sodium amalgam.

A. Factors Affecting Reversibility

For a reversible electrode to be effective in cells used for
thermodynamic measurements, three primary criteria must be
satisfied: (a) The exchange current for the desired reaction must
be high, (b) The acrivity of reactants must be either constant or
accurately known, (c) No other reaction must take place at the
electrode.

The first requirement, high exchange current, is well satisfied
by the amalgams of all the alkali metals. For example, under the con-
ditions where the sodium amalgam electrode has been used(45) to
determine the activity coefficients of NaCl, the exchange current for
the reversible reaction

Nat+e = Na (amalgam)

2 (46)

is of the order of 1 a/cm , comparable to that of the platinum -
hydrogen or silver-silver-chloride electrodes(47).

The second criterion, that the activity of the reactants be
either constant or accurately known, is more difficult to satisfy. The
composition of the electrolyte can be accurately measured by analysis.
However, because of the possibility of contamination by traces of
oxygen, the composition of amalgams prepared by electrolysis or by
mixing weighed quantities of mercury and alkali metal can be accurately
determined only with great difficulty. For this reason, virtually all
workers have used two identical cells, with one containing a solution
of known activity, as described in the previous section.

The final criterion, the absence of side reactions, is the most
difficult to satisfy and is the primary cause of experimental difficultieg

with amalgam electrodes. Even though the activity of an alkali metal in
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gam (typically 0. 05%) may be 10_14 times that of the

, the direct dissolution reaction

Na + Hy0 — Na* + OH™ + }H,

e place at the amalgam -electrolyte interface(49_51).

lution of the amalgam affects the measured potential in

) It shifts the zero-current potential from the reversible
e of the additional electrode process of hydrogen evolution.
ses the concentration of sodium ion in the diffusion layer
adjacent to the electrode surface and thus shifts the

ential. Both of these shifts are to more positive values.
hese processes depends of pH but does not depend strongly
ntration. The second becomes most important at low
ations, where the concentration in the diffusion layer may
er than the bulk concentration of the solution.

ition to dissolution of the amalgam, reaction can also

th the cation of the second salt in a mixed electrolyte,

1 is close to that of the amalgam. For example, the

Na(Hg) + K" = K(Hg) + Na©

potential of a sodium amalgam electrode in solutions con -
odium and potassium ions.

These various effects will be discussed in more detail below.

| \
B. E

fifect of Hydrogen Evolution

|
Let us

at a sod!ium al
sodium ichlor
Na.2SO4). -Th

of sodium fro

4

5 consider first the potential shift due to hydrogen evolution,
malgam electrode in an electrolyte consisting only of

ide, water, and an inert sodium salt (such as NaOH or

e only anodic process that can take place is the dissolution

m the amalgam:

Na(Hg) — Na¥ + e (2)
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However, two cathodic processes can take place:
Na® + e — Na(Hg) )

The net current at the electrode will be the difference betieen the
anodic and cathodic currents:

1] = 1 - 1 - i “
i i i i (1)

and the potential at which this current is zero will, in general, be
different from the reversible potential for the elecirode, at which

=1, - L. 2
We can obtain anexpression for these various currents using independently
measured values for the kinetic parameters of the sodium ion dis-
charge reaction and the hydrogen evclution reaction.
Using the Tafel equation, we can express the partizl cuirreants
for the reactions proceeding at the sodium amalgam elecirode in terms
of kinetic parameters:

=i exp[ F QA -0o)E-E_/27T] =)
ib - iO exp [ -F o (E - Ee>/ RTH] gy

where io is the exchange current, « is the cathedic trapsisy cceflicient,
and E_ is the reversible pctential for the Na/ Na™ reaction, defined
by the equation

£ =ge . RT ,, _MNaT's
e 7 Na(Hg) © ~5 X o
‘Na 'Na

where EONa(H ) is the standard potential of the sodium amalgem
electrode (-1.95 volts), my,+ is the molality of sodium icn in the
gsolution Yy is the mean activity coefficient of NaCl (since the reference
electrode Ts reversible to chloride icn), Xy 18 the mols fracrion aad
TNg 18 the activity coefficient of Na in the amaigam (see part E ¢l thig
section).




Imai and Delahay(46) have measured exchange currents and
transfer coefficients for the alkali metal reactions using the faradaic
rectification method, and their results are summarized in Table II
in terms of|the following equation:

. _ o 0 A(1-a) (@)
i, = I ka CM+ CM

TABLE 1I

Kinetic Parameters for the Alkali Metal Amalgams(38)

Metal o Fk° X
amp 1 em 2 mole ™t amp/ cm?
Na 0.61 17. 4 2.6
K 0. 59 5.0 0.57
Li 0. 65 8.9 0. 00635

* CM+ = 0.5m; E = -1.795 volrs.

The units of| F kao given in Table I are such that CM+ and CI\/I are

both in molaes/ liter, and i, is in amp/ cm2. For comparison purposes,
Table Il gives i, for conditions corresponding to our experiments.

The concentration of metal ion in solution was fixed at 0. 5 m, and the
concentratign of metal in the amalgam was taken to be the equilibrium
amount at a potential of -1.795 volts. Note that the sodium amalgam
electrode has the highest rate of the three alkali metals listed.

Reasonable values®2)

for the kinetic parameters of the hydrogen
evolution reaction under the conditions of our experiments are i o =

2 . .
3x 10 13 amp/cm” and @ = 0.50, independent of pH. The reversible

potential of the hydrogen reaction is -0. 059 pH volts, so that

i.=3x 10713 exp [ -19.47 (E +.059 pH)]

- 20 -
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Addition of neutral salt decreases the exchange current, so that this
is an upper limit.

In Fig. 2 these components of the current are plotted for the
potential region near the reversible potential in a typical case at
pH = 7. The zero-current potential is shifted approximately 0.75 mv
more positive because of the contribution from the hydrogen evolution
reaction.

The hydrogen evolution reaction can be diminished in its effect
by making the solution more alkaline, which shifts the reversible
potential of the hydrogen reaction to more negative values and
decreases i,. For example, at a potential of -1.795 volts with pH =
12.0, the current i, is calculated to be 2.3 x 10"% amp/ cm”. This
is only about 0. 019 of the current due to the sodium reaction, and
produces a negligible shift in potential, less than 0. 005 mv.

One crucial point must be considered in this discussion: The
current-potential curve for the hydrogen discharge reaction on
amalgams is strongly affected by impurities in the solution, notably

oxygen and organic m_aterials(49’ DO).

It is therefore important to use
extremely pure materials and to prepare both the amalgams and the
solutions in an inert atmosphere. The presence of traces of oxygen

in the solution allows the additional reaction

20y + HO + 2e —20H (@)
to take place, adds another cathodic current contribution to the rotal
current, shifts the zero-current potential to more positive Values(51)
and increases the rate of corrosion of the amalgam. Even in alkaline
solutions, then, substantial errors may result unless oxygen is
rigorously excluded.

Investigations of hydrogen overpotential on amalgams have shown
that in the absence of oxygen, dilute amalgams have a very high
hydrogen overvoltage, essentially identical to that of pure mercury(52’ 53).
In the presence of traces of oxygen, however, the shape of the current-

potential curve is drastically altered, and oxygen reduction becomes
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e prhm'a_; p rocess. Removal of the last traces of oxygen from the
aolution can be achieved by passing the solution over platinum black,

(54)

black acts as an internally short-circuited fuel cell, a caralyst for the

while saturating the sclugion with pure hydrogen The platinum
combination of hydrogen with oxygen, and effectively removes the
iast traces of oxygen from the solution. As discussed later, this
t'a.rpe of purlﬂcatlon can be carried out without appreciably affecting
the electrolyte concentration.

Traces of adsorbable organic material can also be removed
by adgorption on platinum-biack, but in order for this to be effective,
the system must be free of orease or wax, and must be scrupulously
clean. Only glass and Teflon appear to be \,ompauble with hydrogen

3
overvoltage measurements of high accuracy (5 )

Finally, let us consider what the effects of amalgam and electrolyte
concentration will be. The exchange current for the amalgam reaction
is increased both by increasing the concentration of salt in the solution,
and by increasing the concentration.of sodium in the amalgam (Eq. 6).
The reversible potential of the sodium ion-sodium reaction is shifred

to more negative values by increasing the concentration of sodium in

g
the amalgam, and to more pesitive values by increasing the con-
centration of sodium salt in the electrolyte (Eq. B).

Thus, the most faverable conditions for operating the amalgam
electrode go that the minimum shift from the reversible potential
sccurs is to use (1) aikaline sciutions, (2) a high concentration of sodium
salr in the electrolyte, (3) a moderately low concentration of sodium
in the amalgam, and (4) extreme purity of solutions, pafticularly

freedom from oxygen and organic materials.

C. Effect of Concentration Polarization

Now let us turn to another factor which may cause a shift of the
measured potential from the true reversible potential for the sodium
ion-~scdium couple: changss in concentration in the diffusion layer

1
[ ]
(W]




near the electrode. The potential of the electrode depends on the

activity (withi
ion in the eled

n a few angstroms of the electrode surface) of sodium
trolyte and of sodium in the amalgam, not in the bulk,

although it ig the bulk activity which we want to measure. If an
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action of the cathodic current is due to hydrogen evolution
uction, there will be a net accumulation of sodium ions
and a corresponding depletion of sodium in the amalgam.
steady state will be reached, where the interface con-

e controlled by diffusion of sodium from the interior

n and by diffusion of sodium ions away from the inter-

k solution. Thus, the steady potential observed may differ
om the true reversible potential and depend on the rates
ion processes.

y experimental studies of this effect published in detail(5l)
out with concentrated amalgams in solutions containing
xygen. Thus, the effect was much larger than would be
ilute amalgams in an oxygen-free solution such as we

ur measurements. Nevertheless, these results indicate
ect to be expected and give an upper limit to the magnitude
1 shift which may be obtained.

fference in activity of Na© at the electrode surface from

k of the electrolyte is denoted by s, the difference in

at the electrode surface from that in the bulk of the

enoted by m, and the diffusion potential resulting from the
a¥ ions away from the electrode by Ediff’ Then the

lal due to the diffusion processes is given by equation (5)
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In general, s, m, and Ediff depend on the bulk concentrations, tempera-
ture, and rate of growth of the drop at a dropping electrode. However,
they have been shown to be relatively independent of all these factors(5 l).
Using a potassium amalgam containing 0. 133 mole percent

potassium in oxygen-containing solutions, Brauer and Strehlow(‘:’l)
found that the measured potential was 10 mv too negative in 0. 05 M KC1
solutions, and 70 mv too negative in 0. 005 M KC1 solutions when com -
pared to the values extrapolated from high concentrations. However,

by using the form of equation (8) with Ediff = 0, and m = 0, namely:

E = 0.05915 1og (1 + 7.8 %1070 ) 9
CK+
the potentials over the entire range of concentration from 0. 0005M
to 0. 2M were fitted, within an error of approximately 2 mv, by a
Nernst relation with an activity coefficient for potassium ion which was
consistent with the Debye-Htickel theory.

The systematic errors resulting from the diffusion-limited
dissolution of the amalgam in Brauer and Strehlow's experiment are
very large compared to those in our experimental situation, and the
inherent errors in their potential measurements were much larger
than we have observed. Even so, it is important to note that with a
simple function such as Eq. (9) above, it is possible to correct
effectively for the diffusion process.

Since this concentration polarization effect is caused by the
corrosion of the amalgam, it can be decreased by the same measures
described in the previous section-alkaline solutions, high electrolyte
concentration, low amalgam concentration, and purity of solutions.
Note, however, that too low an amalgam concentration results in
concentration polarization in the amalgam phage. This effect also
tends to make the observed electrode potential more positive than the
true reversible potential corresponding to the bulk activities. However,
unlike the kinetic shift, the concentration shift becomes most important
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nost careful work previously done with sodium amalgam

(55), in which they deter-

was a study by Smith and Taylor
tandard electrode potential of sodium. By making measure-
completely air-free system, they were able to obtain for

1 of the cell
Hg, Na/Na' Cl17/AeCl/Ag

h were reproducible to within + 0. 02 mv. Their results

he large random deviations observed by earlier workers,
+ 0.4 mv, may have been caused by a failure to exclude

1 the system rigorously.

(30) we have observed deviations smaller than

T experiments
der the most favorable conditions. For example, in one
we used 1. 000m NaCl in one cell and 1. 000m NaCl +

dSO4 in the other cell. Both solutions were 0. 01m in NaOH,
1lgam contained 0. 365 weight % Na. The values obtained
ntial difference between cells, on successive changes of

cre

22.25 + 0. 05 mv
21. 85 + 0. 05 mv
21.65 j_O. 01 mv.

1lue was congtant for over an hour without appreciable

considered to be the most reliable value.

sion of this order of magnitude is comparable to that of
curate potentiometric studies which have been carried

ystem(40’ 41, 47), but as we shall see in section VI, ex-

ire not always this reproducible, nor indeed, this accurate.
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E. Systems with Two Different Cations™®

Systems which contain a single common cation (such as
NaC1~Nast4 or NaCl-NaOH) require only that the amalgam electrode
by reversible to the cation. In systems containing more than one
cation, however, a further requirement is that the electrode be
reversible to one cation only. This limits the number of systems
that can be measured with, say, a sodium amalgam electrode to
mixtures with cations whose reduction potentials are considerably
more negative than that of Na™.

Although the standard potential of pure sodium is over 200 mv
more positive than that of potassium and nearly 300 mv more positive
than that of lithium(56), these values cannot be used to predict
quantitatively the behavior of amalgams of these metals. The solid
phases in equilibrium with dilute alkali metal amalgams are not the
alkali metals themselves, but compounds of the alkali metals with
mercury: NaHg,, KHg;,, and LiHgs. The activity of iaikali metal
in these solid phases may be as much as a factor of 1077 less than
that of the pure metals. The standard potentials of the amalgams,
therefore, must be independently measured, and calculations of
relative activities of metals in the amalgams at different potentials
must be based on these values rather than the standard potentials of
the pure metals(57’ 58).

For the dilute amalgams the standard state of activity is that
of unit mole fraction in the ideal solution. To obtain activity the ex-
perimental values for the emf of amalgam concentration cells are
extrapolated to infinite dilution, where, for example, the activity
coefficient may be defined to be

"Na ~ a1\151/}{1\1&1 - L

* This section was published as part of the paper "Activity Co-
efficient Measurements in Aquious NaC1-LiCl and NaCI-KCI
Electrolytes Using Sodium Amalgam Electrodes, " by James N. Butler,
Rima)Huston, and Philomena T. Hsu, ]J. Phys. Chem. 71, 3294-3300
(1967). -
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At finite concentrations of alkali metal in the amalgam electrode E

1s then given

by equation (5)
My T Y+
RT In Na T

F X

E

=FR° -
Na(Hg)
Na "Na

The standard potentials of the amalgams of Na, K, and Li are

given in Table III.

Note that the standard potentials of Na and K

amalgams differ by only 13 mv, whereas the standard potentials of

Na and Li amalgams differ by 238 mv.

the various

The activity coefficients of

amalgams are shown in Figs. 3, 4, and 5. These were

taken from the calculations of Davies, et al. (57), based on the ex-

perimental r

(60)

esults of Dietrick, et al. (59), Bent and Swift , and

Richards and Conant(6 1) for sodium amalgams; Armbruster and

(62

Crenshaw

(63)

) for potassium amalgams; and Cogley and Butler

for lithium amalgams.

(Refex
Metal
Na
K
Li
The eq

TABLE III

Standard Potentials of Amalgams at 25°C

concentration used in our studies can be calculated from these data.

For example

activity coefficient of 1. 05 (Fig. 3).

1. 000m NaCil

, & sodium amalgam containing 0. 1 mole % Na has an
If this is in equilibrium with
, Where v, = 0. 657, then equation (5) gives a potential

- 28 -

ence State: infinite dilution, mole fraction scale)
Amalgam Standard Potential

volts Reference
-1. 9575 + . 0005 (58)
-1.958 +.001 (59)
-1.9574 +.001 (60)
-1.971 (38, 62)
-2. 196 This work

(section IIT-F)

uilibrium potential of an amalgam having the approximate

(5)
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of -1.793 v

lts.

A potassium amalgam of the same concentration in

an electrolyte containing lm KC1 would have a potential of -1. 808

volts, only
The
in solutions

or LiCl-NaCl solutions we have studies, may have a profound influence
on the potentials measured at these electrodes.

depends not

15 mv more negative.

containing more than one cation, such as the KCI1-NaCl

This interaction

also on the rates of the various electrode processes.

is further complicated by the fact that a dropping amalgam electrode

is continual]

only on the equilibrium potentials of the amalgams, but

The situation

y growing in area, dropping off, and being renewed. The

transié‘ent behavior of the dropping electrode may also modify the

effect bf the

i . L .
If a sodium amalgam electrode is in contact with an electrolyte
contailiqing spdium and potassium iong, the amalgam will quickly acquire

some gmall
reactions od

As we discu
flowing at a

|
|
where curre

|
i =
ta

“‘ib =

I

0

= i

a "l

A

i

Na© + e
Na(Hg)

i H, + OH"

KT +e”
K(Hg)

given potential is given by

e

curring may be summarized as follows:

Na(Hg)

Na©T+e”
H20 +e
K(Hg)
Kt +e”

@)
(b)
()
(d

(e).

ssed in section III-B, the total current (anodic = positive)

reaction kinetics on the electrode potential.

but finite concentration of potassium, so that the electrode

nts are given by Tafel equations of the type

(Na) exp [ _‘RL (L - a(Na)) (E - Ee(Na))]
T

RT
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interaction of the electrode processes at amalgam electrodes
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o T iO(H) exp [ - _F a(H) E - Ee(H)) ]

RT
LK) Foq-a®ye g K
ig = i, " exp [ vy (1-a e ]

i, =1 exp [

(K)
e 0

E 40 g g (0)
RT

(12)

Ee is the equilibrium potential (see Table III), iq is the exchange current,

and o is the cathodic transfer coefficient for the reaction indicated by
the superscript (see Table II). If reactions (d) and (e) are ignored,
equations (12) become the same as those used in Section III-B. As we
have already seen, the shift of potential due to hydrogen evolution at
pH = 12 is negligible, less than 0. 005 mv, so let us ignore reaction
(c) for the moment.

Potassium ions, on the other hand, produce an effect which
cannot be made negligible. Consider what happens when a 0. 1 mole 7
sodium amalgam is introduced into a solution containing 0.5 m NaCl
and 0.5 m KCI1. Initially, the concentration of potassium in the
amalgam is very small and the equilibrium potential for potassium,
according to eq. 5, is very positive. From eq. 12 we see that the pre-
dominant reactions initially will be eq. a, b, and e, but even in this
initial stage the potential measured at the amalgam electrode is not
the equilibrium potential of the Na -Na™ couple. The zero current
potential is more pogitive than the true equilibrium potential of sodium
in that solution, because reaction a must compensate for the additional
cathodic current of reaction e. This is shown in Fig. 6. The partial
currents at a sodium amalgam electrode containing a small amount
of potassium, in a solution containing both Na™ and K+, were calculated
using eq. 1, 5, 6, 11, and 12 and the data in Tables II and IlI. Note
that the zero current potential ig shifted by 4. 2 mv in the presence
of potassium.

The concentration of potassium in the amalgam grows with
time and the potential Ee(K) becomes more negative. Since the anodic
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Note that the zero current
potential (-1. 8035 v) is 4. 2 mv more positive than the equilibrium
potential (-1. 8077 v) expected for the Na(Hg)/Nat couple if there were
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reaction of sodium dissolution (eq. a) is required (at zero net current)
to balance not only the sodium deposition (eq. b) but also the potassium
deposition (eq. ), the sodium content of the amalgam is depleted and

the potential E, (Na) becomes more positive. Eventually, an equilibrium

potential is reached which is defined by eq. 11, withi = 0, and with
the various partial currents given by eq. 12. This potential is neither
the equilibrium potential for sodium nor the equilibrium potential for
potassmm In the limit where 1 (K) is very small compared to

(Na)’ or E () is much more negatlve than Ee(N ), the equilibrium
Value reached will be essentially E (Na) but inthe case we are con-
sidering, such an assumption is not valid.

A simplified solution to this rather complex problem can be

obtained by considering an infinite reservoir of electrolyte and a

limited amount of sodium amalgam and permitting the reaction
Na(tlg) + K' = K (Hg) + Na©

to go to equilibrium. Because the electrolyte supply is infinite, the
concentrations of the ions will not change, but because the amount of
the amalgam ig finite, its concentrations are subject to the restriction

X T Xna = *Ra

where XNa is the initial mole fraction of sodium in the amalgam and

AK
ratio in the amalgam can be estimated from the standard potentials of

and XNa are the concentrations at equilibrium. The concentration

the amalgams. Applying the Nernst equation to the cell
Na (Hg) / Na*, KT/ K (Hg)

with E = 0, using known activity coefficients for the electrolytes(4l)

and amalgams(SS)

, and combining with eq. 13 we obtain X3, /XNa =
1.565. By eq. S this corresponds to a shift of the sodium amalgam
electrode potential to a value 11. 5 mv more positive than if Kt had not
been present. Figure 7 shows the partial currents at equilibrium,

calculated using equations 5, 6, 11, and 12,
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Fig. 7 | Equilibrium partial currents at a sodium amalgam electrode

taining 0,
for hydrogen evolution is less than 10

from potassium ion,
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(0.1 moleS%) in contact with a large excess of electrolyte con-
m Nat and 0.5 m KT, pH 1%. The partial current
"9 amp/cm2, The equili-
brium composition of the amalgam is 0. 064 mole g) Na and
0.036 mole % K, The zero current potential (-1, 79
| 11.5 mv more positive than the equilibrium potential (-1, 8077 V)
{ expected for the Na(Hg) /Na"' couple if there were no influence

62 v) is




Our experiments (conducted as described below in section V)
using the cell |

Na, Hg / Nat, KT, C17 / AgCl / Ag

have confirmed the conclusion reached theoretically: activity co-
efficient measurements cannot be made with sufficient accuracy in
NaCl-KCl electrolytes using sodium amalgam electrodes. The general
scheme proposed in our theoretical discussion has also been confirmed,
although extensive experiments were not made. The results of three
experiments made with NaC1-KCl1 electrolytes are summarized in
Table IV. Our experimental potential values are listed in the third
column. The potential calculated on the assumption that the sodium
amalgam electrode reached equilibrium with the NaCl-KCl1 electrolyte
is listed in the fourth column and the potential calculated from the

isopiestic data(l?” 14,17)

on the assumption that the sodium amalgam
electrode was reversible to Na+, with no effect of K , 1s listed in
the fifth column.

The observed potential fluctuated irregularly as the amalgam
drops fell from the capillaries and not smoothly as in solutions con-
taining only Na'. Note that the experimental values agree to within
a few millivolts with those calculated assuming that the analgam electrode
reached equilibrium with the solution. However, the uncertainty in
this correction is in most cases larger than the activity coefficient
variation described by Harned' s rule and it is clear that accurate
measurements on the activity coefficients of sodium salts in the
presence of potassium salts (or vice versa) cannot be made by the
amalgam electrode method.

Of course, the real situation is much more complicated, as
we have indicated, but this shift we have calculated probably re-
presents a reasonable upper limit. If the ratio of Na¥ to KT in the
electrolyte is larger or if the measurements are made before the
full equilibrium is established, then the potential shift may be smaller;
if the ratio of Na¥ to K is smaller, the potential shift may be even
larger. In the limit where XNa+ — 0, the potential at equilibrium is
that of the potassium amalgam electrode, which corresponds to a
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negative ghift in potential.

A totally analogous argument may be made for golutiong
containing Na't and Li*, but the conclusion is more favorable. From
Table 111, we can see that the standard potential of Li amalgam is 230mv
more negative than that of Na amalgam and from Table II that the
exchange current is smaller than that for sodium. Using eq. 5 and 13
with K replaced by Li, we find that for Li+/ Na™ ratios less than 30,

the error due to the reaction
Na (Hg) + Lit = Li (He) + Na ™t

is less than{ 0.1 mv. Thus we predict that no appreciable systematic
errors may| be observed in Lit-Na™ mixtures (using sodium amalgam
electrodes) |if more than 3% of the cations present are Na®, Because
of the lowey exchange current of the lithium reaction (Table 1I},

we expect that the effect will be even smaller than predicted. This

is borne out by our experimental measurements, which are presented
in section V[I-A.

TABLE IV
Measurementg in NaCl-KCI Electrolytes
Potential cal'd from
isopiegtic data, *

mv
Including  Neglecting

amalgam amalgam
MyLC1 My Meagured effect effect
0.50 0. 50 9.2+0.3 7.3 18.79
0. 200 0. 200 26.6 + 0.2 25.6 14.13
| 28.0+0.5

* Referencej cell for the first set contained 1. 00 m NaCl; reference
cell for the gecond set contained 0. 200 m NaCl. Solutions contained
5 x 1074 m NaOH. Isopiestic data from Refs. 13, 14, and 17.
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Keyes® 7 in 1913, They measured t

andard Potential of the Lithium Amalgam =lecirode®

I'he cnlv experimental measurement of the standarc soientiz.
of the lithium slsctrode in aquecus solutions is that by Lewls and
(64) the EMF of the two cells
i)/ Li, 1, propylamine / Li (Hg)
Li{Hg)/ Li", CH, H,0/ LiC1(0. 1M)/ KC1 (0. iM)/ KCI (1. 0Mj/ Hg,Cloing
The liquid junction DOLc{lTlaL: were eliminated by correctiors mads

i

sing the Lewis and bargem 63) formula based on conductivic With

[

thegse corrections, the standard potential of the lithium CL:S.«L... ode ves
reported ag -3.3044 volts vs. the Normal Calomel Electroce. his
corresponds to -3. 0243 volts vs. a Normal Hydrogen Electrecs. Zcow-

-

ever, the correction for liquid junction potentials was 25.9 s
could be in error by several millivelts. In a later publicatizon, _2wis

(66)

reported the standard potendal of lithium as -3. 227 veiie.

(68)

and /\1"0‘0
Still later, Lewis and RanoaH(é/' and Latimer incorrectly guciac
Lewis's experimental value for the standard potentiai of lithium 28
-2, 957 volts.

Latimer’ s (and the U. 5. Buresau of Standards) preferrec vai
for *he(éga;ndard potential of lithium is based on hils own entrozy C2iCu-

lations and is -3. 043 volts. Since the measurement of the swenis

potential of lithium amalgam was never repeated, we felt it dssiranis
to make this measurement in a cell without liquid junction, a=c terssy
eliminate the uncertainty in the liguid junction porential correcticns

of Lewis' s early work. Furthermore, the recent measuremsnts 1=

(63)

this laboratory of the cell

Li(s)/ Li"C17, Dimerhyl sulfoxide/ LikHg)

* Submitced for publication as "The Standard Potential of the .1i]
Electrode in Aqueous Solutions, " by Rima Huston and jamss
Accepted by the Journal of Physical Chemistry.

1
Uy
O

1




gave an accurate standard potential difference between the lithium
amalgam and solid lithium electrodes, of 0. 8438 volts, which differs
slightly from the Lewis and Keyes measurements (0. 8412 volts).
LiOH solutions were prepared, in a glove box under nitrogen
atmosphere, from a sample of the monohydrate containing less than

5 ppm Na,

K or heavy metals (Foote Mineral Co. ) and triply distilled

conductivity water. The solutions were analyzed volumetrically with
standard HC1 using phenolphthalein indicator, and deoxygenated by
passing hydrogen over a large platinum black electrode for 2 hours.
Solutions thus prepurified were also saturated with hydrogen.

. Lithium amalgam was prepared from 99. 99 pure lithium ribbon

K & %K Lal

oratories) and triply distilled mercury (Doe and Ingalls)

in a dry box under argon atmosphere. The liquid mixture thus prepared
was saturdred ar 25° and was analyzed to be 1. 335 mole % Li. Various
concentrations of lithium amalgam were obtained by diluting the
saturi%lted amalgam and checked by analyzing it after each experiment.
The a?malgam electrodes were constructed as described in section V -B.

| The
of 99. 9% P1

hydrogen electrode was prepared by attaching to a piece
wire a 1 cm2 Pt screen platinized by cathodizing in a

chloroplarihic acid solution. The electrode was kept in triple-distilled
water prior to measurement. Hydrogen used for the electrode as
purification and saturation of solutions was obtained from
an ult?ra -pure hydrogen generator (Matheson Co. ) by electrolysis of
water|in a cell with silver-palladium cathode and contained less than
0.1 pﬂjm oxygen.

well as for

at 25. \OO +
| The

limits\ on E

.02°.

All measurements were conducted in a thermostat

experimental measurements are given in Table V. The
indicate the approximate variation of values obtained,

but do/ not include any estimates of systematic errors.

\ The

BY (st (st

following eq

uatrion

standard potential of the lithium amalgam electrode
the Normal Hydrogen Electrode) was calculated by the
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X1i 71i %10 Ky
1

EOLi(Hg) = E + 0.05915 log

where E is the experimentally measured potential (IUPAC convention)
of the cell
Pt/H, (8)/ Li*, OH, H,0/Li (Hy),

Ky = L00x 10714 is the ion product of water, Xy ; is the mole
fraction of lithium in the amalgam and m is the molal concentration

of LiOH in the solution. The activity of water was calculated from the
osmotic coefficient of LiOH (g LiOH) using the equation(ﬂ)

TABLE V

Measurements of the Standard Potential of Lithium Amalgams

LiOH SOlUti(?;’l (@) XLithium An}yalg&)rji B o |
m_ + Li Li (v) Li(Hg)
0.026  0.866  3.25x10° 1.122  -1.406+.002  -2.183
0.026  0.866  1.08x107° 1.043  -1.397+.010  -2.209
0.518  0.589 13.35x10° 1.574  -1.317+.001  -2.183
1.293  0.537  4.46x10° 1175  -1.254+.002  -2.196
2,669  0.501  3.25x 1070 1122 -L.2124.002  -2.197

(a) Values taken from Robinson and Stokes(4l) or calculated (below
0.1 m) from Debye-Hlickel theory with a = 6 Angstroms.

(b) From Reference 63.

£ n aHzo = 0.018 m ¢LiOH

The barometric pressure was corrected for the vapor pressure
of the solution to obtain the hydrogen pressure PH . Activity coeffi-

cients of LiOH were taken from Robinson and Stok%sml)

except where
the concentration was lower than 0. 1 m in which case the Debye-Hiickel

equation was used witha = 6.
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of 3. 4, |with
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robably more accurate than the currently accepted value

= most reliable measurements in Table V are expected to
ith 2 LiOH concentration which is not too small, and a con-

of amalgam which is not too large. Under these circumstances

of the amalgam would have the least effect on the measured

For these reasons we have weighted the entries in Table V

or M/ XLi and calculated the weighted mean to obtain an

r the best value of the standard potential of lithium amalgam

-0
E1i@g)

is the standard deviation.) This may be combined with
sly measured value(63)

= 2.1963 + 0.0016 volts

0
Eri

the best experimental value for the standard potential of
queous solutions:

0.8438 + 0.0002 volts

BT, -3.0401 + 0.0016 volts

is value is 5 mv more positive than Latimer' s theoretical
L6 mv more negative than the Lewis and Keyes(M) value.
n this standard potential value, the standard free energy
N ion is calculated to be

A G°

-70. 11 + 0. 04 kcal

e enthalpy of lithium ion (AH® -66. 554 kcal) obtained
it of dissolution of lithium in acid(ég’ 69) we obtain the
'@ reaction

Li(s) + HT

Li™ + $H, (g)
+11.9 + 0.1 cal/mole deg. Finally, this leads to the

ropy of the lithium ion (relative to H™ being zero) of

S® = 3.0 + 0.1 cal/mole deg.
" (68)

an implied error of several tenths of an entropy unit.
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V. ALKALINE EARTH METAL AMALGAM ELECTRODES

A. General Considerations

Salts of magnesium and the alkaline earth metals are of great
importance in desalination research and technology, but no previous
studies of multicomponent systems containing these ions have been
made by the amalgam electrode method.

Magnesium, calcium, strontium and barium all form liquid
amalgams with mercury at room temperature, containing 0.5 to 2. S
atom 9 of the 1netal(70). Such concentrations are adequate to use
these amalgams as electrodes, if the electrode reaction is reversible.
Some early thermodynamic work was done with the calcium, strontium,
and barium amalgam electrodes, but no reliable measurements have been
made of the potential of a magnesium amalgam electrode.

Table VI summarizes some of the information available about
the potentials of the alkaline earth metal amalgam electrode. Proceeding
from magnesium to barium, the reduction potential of the pure elements
become more negative, but the reduction potential of the amalgams
becomes more positive because of the formation of stronger compounds
with mercury. Detailed kinetic studies have not been made, but the
polarographic reversibility, together with our own measurements (see
Section VI) indicate that the barium amalgam is the most reversible
electrode (highest exchange current) and magnesium amalgam is the
least reversible.

Although measurements of activity coefficients using barium and
strontium amalgams agree closely with those obtained by other methods,
measurements using calcium amalgams are in some doubt, The activity
coefficients of Ba012 measured by the isopiestic method(75) agree to within
+ 0.3% with two independent measurements by the emf methodUB’ 76, /7),
over the concentration range from 0. 1 to 1. 5m. Similarly, isopiestic
measurements of the activity coefficients of Sr612(75> agree with the emf
method(76’ 77)
2. 0m.

to within + 0. 3% over the concentration range from 0. 1 to
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TABLE VI

Reduction Potentials of Divalent Cations at 25°C

(volts vs. normal H 5 electrode)

Salubility Standard (
in H Potential Standard . (74)
at 5°C%70) for Pure Potential Polarographic
Element Aﬁ:om A Element(°0)  for Amalgam i
Mg 2.5 -2.37 -2.1(?) -2. 06 (irrev.)
Ca L5 2. 87 19967 1) -1,98
Sr 2.5 -2, 89 1.9 ({72 -1.87
Ba 0. 55 ~2.90 1. 727(73) -1, 696
In co

are quite dis
coefficients
factor to ma
1. Om, the ig
to within 19
independent 1
which disagr
trations, the
disagreemen
data on the a
method has g

far)
magnesium h

but not the en

ntrast, the measurements of activity coefficients of CaCl2

cordant, as can be seen from Table VII, The activity

listed in this table have been multiplied by an arbitrary

ke them all equal at m = 0. 1. Over the range from 0. 1 to

opiestic and freezing point methods give the same values

which is acceptable. The emf measurements of three

nvestigators give values which are nearly 509 higher and
ee with each other by approximately 5%. _ At higher concen-

disagreement is even worse, Robinson 9) attributed this

L to the irreversibility of the calcium amalgam electrode, and
ctivity coefficients of calcium salts obtained by the emf

enerally been discredited(40’ 41). Activity coefficients of
alides have been measured by the isopiestic method(SO)

nf method.
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TABLE VII

Activity Coefficients of CaCl, at 25°C Obtained
by Different Methods(/a)

Freezing Point

EMF EMF EMFE Isopiestic (corr. to 25°C)
m (76) (78) _ (79) (75) (75)
0.1 0,531 0.531 0.531 0.531 0.531
0.5 0.513 0.516 0. 535 0. 457 0. 447
1.0 0.730 0. 704 0.737 0. 509 0.305
L5 --- 1. 181 1. 080 0. 626 ---
2.0 1. 565 0. 807

The possibility of using amalgam electrodes to determine
activity coefficients in mixtures containing magnesium or calcium
salts, depends primarily on the standard potentials of the calcium
and magnesium amalgam electrodes. Some estimates of these values
can be made from the data in Table VI

The polarographic reduction of MgH occurs at the dropping
mercury electrode at a half-wave potential of -2, 06 volts V8. NHE, but

(74). From this value, the

the reduction appears to be irreversible

standard potential of the amalgam can be estimated to be approximately

-2. 1 volts, which is considerably more negative than that of sodium (-1.958 v,.
In spite of the apparent irreversibility of the calcium amalgam

electrode (as indicated by the data in TableVII), measurements(78’ 81) have

been made from which a standard potential can be calculated. These cal-

culations are summarized in the next section; and similar calculations

for the barium amalgam electrode follow.
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1 the estimated values in Table VI for the standard potential
d magnesium amalgams, it appears to be possible to make

measurements with sodium amalgam electrodes in the presence of cal-

cium or magnesium salts, provided the ratio of calcium or magnesium

to sodium is|not larger than about 10 to 20. One mitigating factor

operates, ho
of the measu

is much slower than that of the sodium reaction, and thus less inter-

ference is obtained than from an ideally reversible reaction. An external

ever, which improves the accuracy and extends the range
ements: The rate of the calcium and magnesium reactions

check on me
NaCl-CaCl2
or from isop

asurements using amalgam electrodes in NaCl-MgCly or

ixtures can be obtained from glass electrode data(zl’ 27,31) ,

(24, 30)

iestic measurements. Our measurements using

sodium amalgam electrodes in NaCl-C‘aCl2 and NaCl-MgCIl2 mixtures

. . X
are given in Section VI.

B. The Standard Potential of the Calcium Amalgam Electrode*

Although a number of determinations of the potentials of calcium

amalgam electrodes in aqueous solutions have been made(74’ 78,81,82, 83),

no critical evaluation of this data presently exists, and in general it is

ignored in compilations of thermodynamic data on the potential of the

(68, 84, 85)

calcium electrode in aqueous solution , or discredited as being

* Published as " The Standard Potential of the Calcium Amalgam Electrode, "
by James N, Butler, in ], Electroanal. Chem. 17, 309-317, (1968).
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unre liable(40’ 56,

75) . However, recent experiments on the kinetics
of the calcium amalgam electrode in aqueous calcium formate at high
pH-values have shown that the electrode is apparently reversible(8g),
in contrast to previous statements that it is irreversible(75).

Previous workers did not apply consistent corrections for activity
coefficients to their data, did not in general extrapolate to infinite dilu-
tion, and did not in general apply any corrections for temperature,
liquid junction potentials, or ion-pairing, where these were applicable.
Thus in order to compare these data we recalculated them completely,
beginning with the actual experimental measurements, and applying the
most recent data on activity coefficients, liquid junction potentials,
reference electrode potentials, and ion-pairing equilibria. The results
are summarized below. We have divided this discussion into measure-
ments involving cells without liquid junction, cells with liquid junction,

and non-aqueous cells.

Cells Without Liquid Junction. The simplest measurement of the standard
potential is made in a cell without liquid junction. Two sets of measure-
(82) used the cell:

ments have been made: Tamele

Ca(Hg)| CaClZ[HgZCIZ(s)i Hg

(83)

and Shibata used the cells:

Ca(Hg)|CaCl, |Hg,Cl,(s)|Hg

Ca(Hg)lCa(OH)legO(s)ng
Taking the CaCl2 cell as an example, we shall describe the method used
for calculation. The potential of the cell is given by

g og0 g0 RT | J1Ca?t) [cl 2y

ref Ca(Hg) oF X (g Ca
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The potential E is positive according to the ITUPAC convention. The
experimental measurements consist of the tota] concentration of CaClQ(M),
the reference glectrode standard potential, ]2 refr the mole fraction of
calcium in the|amalgam (XCa.)’ the temperature T, and the measured
potential E. To calculate a value of the amalgam standard potential,
one must make assumptions about the activity coefficients of the ions
and about the possibility of ion-pairing, and about the activity coefficient
of calciulf‘n in the amalgam.

Iﬂ the case of solutions containing only CaCl in water, ion-pairing

is probably quite small( 0) and we assumed that the ion-pair equilibrium
constant, Kl’ was 0. 1 for all our calculations concerning CaClQ.
[CacCI’) = K, [Ca*ty [C17)

The activity coefficient of the ions was assumed to be given by the Davies

equation:
A Z+Z_ NI
| log % = = -[—O.lZ+Z_I
1+ M
where

2 [Ca®t] + L [cacTTy + & Q1]

is the io11ﬁc striength. This equation represents the experimental activity
coe:fficien;ts satisfactorily in dilute solutions, and provides a rational
basis for lcalculating single-ion activity coefficients in the cells involving
liquid ju.n}ctions .
Tlile activity coefficient of calcium in the amalgam was provisionally
assumed to be unity, since there were no data or theory available which
would predict this quantity. Since the amalgams are dilute, it was
expected j(by analogy with alkali-metal amalgams) that the activity coefficient
of calcium would be within a few percent of unity. If the standard potential
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was found to vary with amalgam concentration, it could be extra-
polated to zero concentration.

The standard potential of the calomel electrode was taken to
87)
be(

Egef = +0.27082 - 0.000254 (T - 15. 0)
The amalgam standard potentials calculated from Tamele's data,
are plotted in Fig. 8.
Similar calculations were made for Shibata's measurements

on the Ca(OH)2 (cell. For this calculation, the ion-pairing constant
88) +1. 20
K, = 10

was taken to be 1= , and the standard potential of the
HgO/Hg electrode was taken to be(89)
0 _ 75 - -
E g = T 0.0977 - 0.000288 (T - 25.0)

The standard potentials are also plotted in Fig. 8.

With the exception of two points, all the data fit a single straight
line (Fig. 8) giving EO as a function of M. There does not appear to be
any systematic trend with temperature or with amalgam concentration,
within the ranges covered, and there appear to be negligible differences
between CaCl2 and Ca(OI-I)2 as electrolyte. This latter observation is
quite important, since the pH of the Ca012 solution was probably about
6 or 7, and the pH of the Ca(OH)2 solution was about 12. If there had
been interference from the hydrogen evolution reaction, we would have
expected the Ca(312 measurements to give EO—Values which were svs-
tematically more positive than the Ca(OH), measurements, both because
of amalgam corrosion (which increases Ca * concentration near the
electrode) and because of kinetic interference. Although the CaCl2
measurements of Tamele are two or three millivolts more positive than
those of Shibata, this difference is within experimental error, The fact

. that Tamele's CaC12 value at 0. 005 M agrees with Shibata’s Ca(OH)2
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value at the same concentration is perhaps the strongest evidence
that the electrode potentials measured are indeed thermodynamic
values.

The trend of calculated EO with concentration simply reiiects
the use of the Davies equation as an extrapolation function; and
extrapolation of the EO-Values to zero concentration gives a thermo-
dynamic potential of -1.997 = 0.001 V.

Cells With Liquid Junction. Imost one hundred measuremernts were
(81)

made by Drucker and Luft and by F osbinder('/ 8) , using the cell:

Ca(Hg)iCa™, Xl KCliHg,CL,|Hg

In this cell, the nature of the anion has relatively little influence,
Fosbinder used CaSO4, Ca(OH)z: CaC12 calcium lactate, and calcium
acetate. Drucker and Luft used only CaClz. Their cell was slightly
different, in that they used a normal calomel electrode connected to

the CaCl, solution by a 3M KCI salt bridge. Fosbinder usad a saturated
calomel electrode and a saturated KCI salt bridge. In cither case, the
potential of the cell is given by

2+
0 0 RT , [C8 Iy

ref ~ E In

E = FE TS
C -
alHg)  2p 7 X CavCa ]
For our calculations, we assumed (as before) that YOa the activity
coefficient of calcium in the amalgam was unity and that the activity
coefficient of the calcium ion was given by the Davies eguation:




- AANIHL +NT) + 0.4 1

log;r Yor
122 [ca?) 44 [Caxty 2 X
=2 [Ca?t)+2 [S‘O42']

[X ] for salts of the type CaX

2
for CaSO4

The ion-pairing equilibrium constants used are given in Table VIII.

Ca
Caf
Ca
Ca“
Ca“

TABLE VIII

Ion-Pairing Equilibrium Constants

Ion Pair log K 1

+ - Cl -1

) ~
- acetate +0. 77

+ _oH” +1. 20

A lactate +1.42

T -50,% +2.31

The combix
was taken t

0
Te

E

i

+ E.

J

o be the value given by Ives and Janz

Reference

40
90
88
91
92

1ed potential of the reference electrode and liquid junction

(47)

+0. 283 - 0. 0003 (T - 25) for normal calomel

= +0. 2445 - 0. 00066 (T ~ 25) for saturated calomel.




i

In calculating the activity coefficients, it was usually necessary
to make several iterations, since the presence of the ion-pairs had a
substantial influence on the ionic strength.

Figure 9 summarizes all the Eorvalues for the calcium amalgam
electrode which were calculated from Fosbinder's data. Though one
set of the CaSO 4 data shows an upward trend with increasing concentration,
and the CaC12
to give a standard potential

data show a downward trend, all the data can be combined

Y = - 1,992 + 0.001 V.

This is 5 mv more positive than the value obtained from cells without
liquid junction.

The data of Drucker and Luft(gl) were less precise. Though
the temperature varied substantially, there appeared to be no obvious
trend with temperature. The slight trend of EO with electrolyte concen-
tration was accounted for by extrapolation to M = 0. These extrapolated
values are plotted in Fig. 10, along wiih gll the other data, as a function
of amalgam concentration. If the first two series of Drucker and Luft’ s
data are ignored (since they show wide scatter) all the data from the four
separate investigators lies between -1. 992 and -1.997 v. There does not
seem to be any trend with amalgam concentration, though a range of
nearly a factor of ten was covered. This substantiates the assumption
that ¥, = 1.

Drucker and Luft's third series (which they consider to be the most
accurate) gives an average potential

g0 - -1.996 + 0.001 v

which agrees with the results from cells without liquid junction to within
1 mv.
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pparently can be established in aqueous solutions with
tandard reference electrodes, the potential of pure calcium
negative for any kind of electrochemical equilibrium to be
with an aqueous solution. The rapid corrosion and passivation

use entirely spurious potentials (much too positive) to be

standard potentials of the alkali metals have been measured
d co-workers using the standard potential of the amalgam in
itions, and combining this information with the potential of
us cell which has the amalgam as the positive electrode and
tal as the negative electrode. Such an approach should also
cium, and has been attempted on a number of occasions.

e results obtained in this way for the standard potential of
n discarded by the compilers of most tables of oxidation-

tentials(56’ 68, 84, 85).

The value given is -2. 87 v, which was
v Latimer(93) from the heat of dissolution of Ca in acid and

5 of the hydrogen and calcium ions.

ich more impotrtant difficulty with the experimental measure-
passivation of the calcium electrode. All the workers who

led measurements with the cell:
Ca(s) ]CaIz, pyridine ]Ca(Hg)

on-aqueous cells, have remarked on the necessity for scraping
of the calcium electrode continuously in order to obtain a
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reproducible potential value. Tamele(gz)

says: "The EMF of the
non-aqueous cell was less constant, If not scratched, the value was
about 0. 6 volt and indistinct. During scraping the value rose to
0. 88-0. 90 volts and remained constant, varying slightly with the con-
centration of the calcium amalgam. After prolonged, very intensive
scratching, the EMF fluctuated towards still greater values, which was
most probably due to the warming of the rubbed surface. Owing to the
instability of the calcium amalgam, the final determinations had to be
obtained from the couple (aqueous and non-aqueous cells measured
simultaneously) to ensure the same concentration of amalgam in both
amalgam electrodes. "
Drucker and Luft(Sl)
ment in a closed container but a remarkable case of passivity occurred,

said: -""First we tried to make the measure-

which has already been described by Tamele. A voltage of only 0. 4 volts
or less is observed when the calcium is completely immersed, but
nevertheless no surface reaction is visible on the completely shiny metal,
If one grinds the surface with a roughened glass or with carborundum,
approximately 0. 8 volts are obtained. Even a slight vibration of the
electrode already dispenses with the passivity — for instance, hitting

it against the glass wall. During the measurements, stirring was intro-
duced, and the metal rod was always vibrating slightly against the glass
wall. Under these circumstances, the voltage dropped only very slowly,
and reached its highest value immediately after renewal of the amalgam
surface. Stopping the stirring caused the voltage to drop immediately

to 0. 4 volts, after which it decreased slowly. Stirring again caused the
original value to appear once more. "

It appears from Drucker and Luft's illustration that their
measurements were carried out in an open beaker. No mention was made
of using a drybox or other inert-atmosphere facility. The fact that these
meastrements gave a lower potential difference may be explained by
atmospheric contamination with oxygen or water or both.
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lue.

ata(83) said: "The difficulty lies in the following points:

1e calcium amalgam is brought into contact with water,
ion begins, which lowers the concentration of calcium in

(2) in the process of measuring the EMF between

1 calcium amalgam, the surface of the calcium is oxidized,

it is immersed in the organic solvent, so that the EMF
y lowered. The vessel is made out of thick glass and is

th rough sand. The reason for this is to keep a new sur-

ium continually exposed by rubbing the calcium electrode on
When rubbing stops, the potential falls (from 0. 895
If the calcium electrode is not covered with

y cement, an unpolished spot is exposed to the solution,

If the diameter
too large (i.e. 7 mm), then the potential also falls because
ished parts; but an end which is too small also gives an

in, the apparatus diagram implies that the experiments were

pen beaker, and no indication of an inert-atmosphere facility

clear from these experiments that passivation of the calcium
n important problem, but the fact that no real attempt was
lude oxygen or water-vapor from the system may have made

much larger than they need to be.

' In Table IX, we have summarized all the experiments performed
to daté, including some early measurements by Cambi(94), some :
measdrements by Smyr1(95) and our own preliminary measuremems(%).
(See Sgctior V1.) The quantity, AEO, listed in the last column of the
table, was calculated from the equation

aEY = EQ -EY = E + (RT/2F) In X7

a(Hg) Ca Ca Ca
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As before, we have assumed that the activity coefficient of calcium

in the amalgam is unity. The concentration of calcium ion in the

electrolyte does not enter the calculation, but in most cases, the non-

aqueous solution was saturated with the calcium salt.

TABLE IX

Potential between Calcium Amalgam and Solid Calcium
Ca(s)lCa2+, Non-Aqueous Solution‘Ca(Hg)

Concn. XCa T
Workers Year  Salt (M) Solvent  in Amalgam (°C) E
Cambi{?® 1914 CaCl, 0.25 MeOH 0.0148(satd) -80 0.502
) CaCl, 0.25  MeOH 0.01 -80 0.811
Cambi®¥ 1915 CaCl, 0.35  MeOH 0.01 -80 0. 829
Ca12 0.0093 pyridine 0.0l +25 0. 149
Tamele!®?) 1924 Cal, sard.? pyridine 0.000385  17.5 0.88
0. 90
Drucker(81) 1926 Cal,, satd. pyridine  0.00126 17 0. 843
and Luft
shivata®® 1931 Cal, sad.  pyridine  0.00133 15 0.895
CaI2 satd. ? EtOH 0. 00133 16 0. 885
smyr1(?>) 1966 CaCl, 0.0288 DMSO  0.0051 25 0.310
0.0551 DMSO 0.0051 25 0.316
Huston 1967 CaC12 0.010 propylene 0.000148 25 0.802
and Butler(%)
carbonate 0.000136 0. 876
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es obtained for AEO are probably most nearly correct,

actors introducing systematic error (corrosion and

of the solid calcium) tend to decrease the measured

low its thermodynamic value. Thus we choose AEO =0.813

ighest value) to be the best of the presently available experi-
s, Several other measurements tend to confirm this,

1itly lower: Cambi (0. 791), Tamele (0. 782), Shibata (0. 803),
measurements (0. 789). We believe now, in the light of all
5, that it may be possible to obtain a more nearly thermo-
ue for AE™ by being extremely careful to eliminate oxygen
om our non-aqueous electrolyte, and by introducing freshly-
1algam and freshly-polished solid Ca simultaneously into

yte.  If the potential is read as a function of time during the
nutes of cell operation, it may be possible to extrapolate

and obtain a better measurement than has formerly been

s now compare the value of the standard potential of calcium
[atimer with the value calculated from the best available
I data.

non-aqueous studies were roughly the same, the assumption

Since the amalgam concentrations used in both the

ty coefficient for calcium in the amalgam should not introduce
error. The standard potential of the amalgam in aqueous

1ave already established as:

0

Ca(Hg) = ~ 1.996¢ £ 0.002 v

E

scussion above, we proposed that the difference in standard
tween the amalgam and solid calcium was greater than

is implies that
-0 _
E Cy 2. 809 v
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or some more negative value. Latimer's calculated value is -2. 87 v,
and to obtain this experimentall, AEO would have to be larger than
0.87 v. A value this high has not yet been obtained, but might be
possible to obtain with extreme care. 97)

As a final note, we must report that recent measurements
of the cell:

PbIPbCOB} CaCOg4|CaCly, H,0 Hg,Cl, |Hg

when combined with other thermodynamic data, have yielded the value

E%a ~ -9.868 v, which supports Latimer’s calculated value.

C. Standard Potential of the Barium Amalgam Electrode*

The most reliable results in the literature on the potential of

a barium amalgam electrode are those of Tippets and Newton(73),

who measured the potential of the cell
Hg/Hg2C12(s)/BaClz(m), HzO/Ba(Hg, sat)

“at temperatures from O to 45°C. The potential of this cell is given by

0 0

. RT 3.3 _RT

2F 2F

E =E Ba "B (1)

where 7V, is the mean activity coefficient of aqueous Ba(312 at molal
concentration m, XBa is the mole fraction of barium in the amalgam,
and YBa is the activity coefficient of barium in the amalgam (reference
state: infinite dilution, mole fraction scale). The activity coefficient
v, of BaCl_ in aqueous solutions was obtained from the tables of
Robinson and Stokes(4 l). For concentrations below 0. 1 m, the extended
Debye-Huckel equation with a = 5 was used.

Since the exact concentration of the barium amalgam was not
measured by Tippetts and Newton, we calculated the values of the
combination

* To be published.
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EO 0 0 RT

= Epahg) - EHg,Cl, ~ or B Xga Tpa (2)

which are plotted in Fig. 11. This quantity should be independent
of m; except that v, for 25° was used for all temperatures. There-
fore, thes¢ values are extrapolated to m = O to obtain the best
value of ET' for each temperature.

‘ The quantity EO' was extrapolated to m = 0 by fitting a least
squaﬁes straight line to the plots of Fig. 11; and the results are given
in Tajble X} with 95% confidence limits based on the statistics of

this calculation.

| TABLE X
!
|

Standard Potential of The Barium Amalgam Electrode

Retls 3 X Ba Y Ega(Hg)
o |0 0024 -2..0302 + . 0006 -1.6841 £ . 0008
15 |0.0041 -2..0490 * , 0003 -1.7154 + . 0004
25 |0.005 -2.0620 + . 0002 -1.7271 * . 0003
35 0. 0069 -2.0739 + . 0013 -1.7432 + . 0013
45 0. 0084 -2.0875 + . 0008 -1.7613 + . 0008
Notes‘

a) XBa taken from the phase diagram of Ref. 70.

b) EO obtained by a least-squares linear extrapolation (Fig. 11)
Errors are 95% Confidence Limits.

0 . i
c) EBa(Hg) calculated from Eq. 2 assuming Tga = 1 The confidence

limits |include an estimate of the error due to uncertainties in X.Ba'
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3

2

occasion to measure some potential values which were
r a considerable time interval. These correspond to the

values measured by Tippetts and Newton. These measure-
During the time interval given, the

constant to within the limits given. In general, these

1ts support the accuracy of the standard potentials calculated
a of Tippetts and Newton.

the barium amalgams were analyzed by reaction with
k-titration with base, the concentrations were found to

an the saturation concentration (XBa = 0. 0055) for 25°C.

] concentrations were XBa = 0.0064 for runs 4 and 5, and
84 for runs 6,7 and 8* The potentials calculated using
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If XBa is taken to be 0. 0055, the calculated potentials are

* We believ
amalgam,
dropping

c the samples taken for analysis contained some solid
and hence do not reflect the true concentration at the
amalgam electrode.
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TABLE XI

Equilibrium Potentials of Barium Amalgams

. Drop
Run mBaCl2 Ty (Anzl(l%;ed) (;(al?ti) (Afacl%flzced) (lsjai:til)c hﬁ Lifgéiér le_
4 i 0. 3108 0. 423 0. 0064 0. 0055 -1. 6883 -1. 6863 -1.685 £ ., 002 0.1
5 1.7053 (0.4415 - 0.0064 0. 0055 - 1. 6659 -1, 6639 -1. 663 + 002 0.5
é\l G 0. 4787* 0. 388 0. 01084 0. 0055 -1. 6906 -1. 6819 -1. 6746 + . 0002 0. 005
| 7 1.7053 0. 4415 0. 01084 0, 0055 - 1. 6726 -1, 6639 -1. 6604 + | OOOS 0. 02
8 0.3108 0. 423 0, 01084 0. 0055 -1. 6950 -1. 6863 -1. 6834 + 0005 0.1

* Contains also 0.5112 m CaCl2

Notes:

(1) Ba amalgam analysis by titration with acid. Sample analyzed may have contained some solid phase,
(2) Saturation concentration from phase diagram of Ref. 70.

(3) Calculated potentials agsume Ega(Hg) = -1,7271 volts (see Table X).

(4) v, for no. G calculated from v, for BaCly and Harned Rule Coefficient for CaCly-MgCl, mixtures(29).
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s of BaCl2 in BaClz-CaCl2 mixtures.
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V. EXPERIMENTAL METHODS

A. Solutions

Solutions were prepared from reagent grade salts and triple-
distilled conductivity water. Typical analyses of the salts used are
given in Table XII. Because it was not always possible to remove the
last traces of water from these salts, stock solutions prepared by
weighing definite amounts of salt and water were always analyzed after
preparation. The pH was adjusted to L1 or 12 by adding an accurately
weighed amount of reagent grade NaOH, and the excess Na+ concentration
included in the calculations of activity coefficient.

Analysis for chloride by the Volhard Method was carried out as

follows: Duplicate portions of the chloride solution, approximately 10
| grams each, were weighed and acidified with a few drops of concentrated
nitric acid. One milliliter of nitrobenzene was added to assist in coagu-
lating the silver chloride precipitate and to decrease the rate of reaction
of AgCl with the thiocyanate solution during the back-titration. Standard
(0. 3000 N) silver nitrate solution was prepared by weighing the theoretical
amount of silver nitrate which had been dried for several hours at 100°C,
A 109 excess of this standard silver nitrate solution was added to the
chloride samples. The precipitated silver chloride was shaken vigorously
for a few minutes until it settled out in large, spongy flakes. The super-
natant liquid was then titrated quickly with potassium thiocyanate solution
(0. 3N) (standardized against the silver nitrate) using one ml of ferric
alum as the indicator. The end point.-was taken at the first appearance
of a pink coloration.

The reproducibility of chloride analvses by this method was typically
£0.19% to £0. 2% . However, the analyzed concentration of chloride was
usually 0. 2 to 0. 4% smaller than that calculated by weighing out the
required amounts of dried salt and water. This small discrepancy reflects
the residual water in the salts.




TABLE XII

_89_

Mammufacturer”

NaCl (Fisher Certified Reagent)

Iodide (1)
Bromide (Br)
Insoluble matter

Chlorate and nitrate as
(NO,)

Nitrogen compounds as (N)
Phosphate (P04)

Sulfate (804)

Barium (Ba)

Calcium, magnesium and
R203 ppt

Heavy metals as (Pb)
Iron {(Fe)
Potassium (K)

pH of 5% solution at 25°C

0.
0.

o o o o ©

= I = S < S =

g ATalyses of Saits Used

NaOH (Fisher)

002% Chloride (Cl) 0. 005%
01% Iron (Fe) 0. 00059,
. 0029 NaQOH 98. 99
Sodium carbonate 0. 3%
. 003%

.0003%  Sulfate 0. 000%
.0001%  Phosphate (PO 4) 0. 00059,
001%, Ammonium hydroxide ppt 0. 609%,
.001%  Heavy metals as (Ag) 0. 0005

Potassium (K) 0. 00%
. 003%
. 00003% Nitrogen compounds as (N) 0. 001%
.0002%  Nickel (Ni) 0. 0007,
. 0019,
14

LiCl (Fisher Certified Reagent)

Sulfate (804)
Barium (Ba)
Calcium (Ca)
Iron (Fe)

Insoluble matter
Acidity

Alkalinity as (Li2(303)
Nitrate (Nog)
Phosphate (PO4)

Ammonia (NHS)
Heavy metals as (Pb)
Magnesium (Mg)
Other alkalies as {(Cl)

0.
0.
0.
0.

0.

0049,
0037,
009,
00029,

007%

none

0.
0.

o o O O

037,
0059,

. 00029,

L0019
. 00057,
. 00257,

. 099



TABLE XII (Cont. )

CaCl, - 2H,0 (Fisher Certified Reagent) __7\1_34@4 (Baker Analyzed Reagent)

2
Sulfate (804) 0. 0029, Assay (Na2804) 99.7%
Assay (CaCly) 78%, Insoluble matter 0. 008%
Insoluble matter and NH 4OH ppt 0. 005% [Loss on ighition 0, 25%
Oxidizing substances (NOS) 0. 002% pH of 5% solution at 25°C 6,2
Ammonium (NI 4) 0. 001% Chloride (CI} 0. 0029
Barium {(Ba) 0, 0019, Nitrogen compounds as (N) 0. 0003%,
ch Heavy metals as (Pb) 0. 00049, Arsenic (As) 0. 00003%
o _
| Iron (Fe) 0. 0001% Calcium, Magnesium and R 203 ppt 0. 005%
Magnesium (Mg) 0. 005% Heavy metals as (Pb) 0. 0003%,
Strontium (Sr) 0. 0% [ron (Fe) 0. 00039,
Potassium (K) 0. 00% Potassium (K) 0. 0049,
Sodium (Na) 0. 01%
pH of 5% solution at 25°C 6.0




TABLE XII (Cont. )

Mg012 .

6 HZO (Fisher Certified Reagent)

Insoluble matter
Nitrate (NOS)
Phosphate (PO4)
Sulfate (SO4)
Potassium (K)
Sodium (Na)
Manganese (Mn)
Ammonium (NH4)
Barium (Ba)

Calcium (Ca)

Heavy metals (as Pb)
Iron (Fe)

Strontium (Sr)

0. 005
0. 0019
0. 0005
0. 0029,
0. 0059,
0. 005
0.
0
0
0
0
0
0

0005,

. 0029,
. 0059,
.01

. 00057,
. 0005,
. 0059,

- 2H 20 (Fisher Certified Reagent)

Insoluble Matter

Subs. not ppt. by H280

Calcium (Ca)
Strontium (Sr)
Heavy metals (as Pb)
Iron (Fe)

Oxidizing subs. (as NO

4

Pass test (abt.

3)

PH of a 5% sol'n. at 25°C

Loss on drying

0. 095,

0. 050

0. 05,

0. 1%)

0. 00059,

0. 00029

0. 0059
5.2-8.2
14.€-14. 99



Later analyses for chloride were made by potentiometric
titration with standard silver nitrate. Approximately 10g of solution
was weighed into an Erlenmyer flask to which had been attached a side
arm containing a porous frit salt bridge, and a reference electrode
compartment. The solution was stirred magnetically as the AgNO3 was
added from a burette. The potential of a silver wire in the solution
- being titrated was measured with respect to a saturated calomel
reference electrode. To prevent the diffusion of small amounts of
chloride from the reference electrode into the titration cell, a IM
KNO3 salt bridge was used, and the solution in this salt bridge changed
frequently. Potentials were stable to =0. 1 mv and were measured
over a range of several ml either side of the end point. To avoid errors
in volume reading from residual drops, the tip of the burette was
rinsed after each addition.

The end point in this potentiometric titrations was determined
in three ways. The simplest method was to read from the titration curve
the volume at which the potential reached the theoretical value for the
equivalence point, in this case, 240 mv. The second method was to
measure the potential increment as small amounts of AgNOg were added
and to find the point where dE/dV was maximum. To do this, the finite
difference ratio AE/AV was plotted as a function of the average volume
in the interval, and a symmetrical cusp-shaped curve fitted to the points.
The line of symmetry of this curve was taken to be the end point. A
third method, (Gran’s method) was to plot the function

¢ = 107(E/0.059)

which should be proportional to the concentration of silver ion added after
the equivalence point. A linear extrapolation of this function to the axis
v = 0 gave the end point volume.
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Figure 12 shows all three of these methods applied to the
titration of 10. 182 g of approximately 0. 57m NaCl with 0. 3002N AgNO
Both the direct potential method and Gran's method give the same
result, 18.98 £.005 ml. The volume at which dE/dV reaches a
maximum is less certain but was estimated to be 18.97 + .02 ml,

The precisipn of these potentiometric titrations is much better than
the Volhard method, approximately  0.02% to £ 0.05%; and with a
simple computer program to perform the calculations, the time required
is comparable to that for the Volhard method. An important advantage
over the Volhard method is the elimination of systematic errors due to
the slow reaction of solid AgCl with the KSCN titrant, which can cause
the measured value of chloride concentration to be too low.

3-

Analysis for sulfate was performed gravimetrically. Sulfate was
precipitated |with reagent grade BaClz. The precipitate of BaSO4 was
allowed to digest overnight, collected on sintered crucibles (previously
brought to constant weight (+ 0. 1 mg) by heating in a muffle furnace at
750°C) and dried in a dessicator. The precipitate was dried at 150°C
for several hours, ignited at 750°C for 30 minutes, weighed, reignited,
and weighed again. A subsequent ignition and weighing changed the
weight py legs than 0. 1 mg. The NaZSO4 stock solution which was pre-
pared tc‘p have a concentration of 0. 3323 m was found by this analysis to have
a concentration of 0.3275 + 0.0010 m. This L. 5%, discrepancy resulted
from th‘fe unknown water content of the Na280 4 used.

Even if the concentration of the stock solutions is uncertain by
0. 1% 01\r mork, the error in activity coefficient measurements need not
be this large| provided that the same stock solutions are used to pre-
pare all the solutions méasured. The dilutions, performed by weighing
the required quantities of stock solutions into a dry glass vessel, can be
made wiLth anferror of £ 0. 02g in 200g, or + 0.01%. Provided the same
stock solutions are used, the errors in the concentration ratios, which
are the primary quantities which enter the calculations of the activity
coefficient ratios, will be approximately equal to the errors in making the
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\n error of 0. 019 in the concentration ratios corresponds

to an error of only about 0. 005 mv in the potential measurement, which

is quite negl
As W
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traces of oxygen, organic materials, or reducible metal ions.

materials ay
glass and Te
To remove d

igible.
e pointed out in Section III-B, accurate measurements with
ctrodes can only be made in solutions free of even small

Organic

e minimized by using apparatus constructed entirely of
flon, without any grease on ground joints or stopcocks.
issolved oxygen we have pre-electrolyzed the solutions

with a platinum black electrode while saturating the solutions with
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black electrq
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alkali at a si
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(Matheson Cd
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(54)
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No external current source is needed — the platinum

de acts as both anode (oxidizing hydrogen gas to water)
reducing oxygen and metal ions). The platinum black

0 removes the last traces of organic materials by adsorp-
rification cell is shown in Fig. 13.

event addition of impurities from the gas bubbling through
hydrogen was generated by electrolysis of concentrated
Only hydrogen gas diffused through
mbrane into the gas system, which was constructed entirely
The manufacturer of the hydrogen generator

.) reports that the impurity content of the hydrogen is less
, 8
in 10°.

Changes in concentration can be produced during the purification of

solutions if 1z
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to our p‘urific

A soll
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preparation,

through 500 n
the total chloi

increase in ¢

arge volumes of dry gas are passed through the solution or if
-electrolysis is carried out. We have studied the effect of
ogen through the solutions for periods of time corresponding
ation procedure,

ition containing 0. 5 molal KCI1 and 0. 5 molal NaCl was

e total chloride content, determined immediately after

was 0.9971 £ 0. 0005 molal.
11 of the solution for twenty hours at a rate of 2-5 ml/min,
ride content was found to be 0. 9996 + 0. 0002 molal, an

bncentration of 0. 25%.

After bubbling hydrogen gas
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experiment indicates that even without presaturation,

in concentration due to gas bubbling in the solutions are
resaturating the gas with a solution of the same concen-
by shortening bubbling times to one or two hours, the
oncentration can be made less than 0. 019, which is
igible.

lectrolysis for the periods of time involved in our experi-
roduces negligible change in concentration. At a current

1% current efficiency for decomposition, electrolysis for

ld be required to produce a change in concentration of 0, 01%.
alkaline earth halides and sulfates in a solution saturated

n, the current efficiency for decomposition at platinum elec-
siderably less than 1%, and thus this effect is entirely

malgam

studies (Section VI-A), sodium amalgam was used,

ration and handling of other amalgams is similar.

c011ce11tration(3, 7,9,45)

of sodium in the amalgam is
Thus electrolysis of NaOH at a
The

hod, direct combination of the elements, is less convenient.

and 0. 05 weight percent.

ode is the most convenient method of preparation.

a tenth of a gram of sodium is required to make 200g of

amalgam, the atmosphere in which the sodium is weighed and combined

with the merc

sodium {zvill h

To pre

ury must be extremely dry and free from oxygen or the
ave oxidized before the amalgam can be prepared.
:pare the amalgam by electrolysis, the cell shown in Fig. 14

was constructed. A mercury cathode pool (500g) was covered with 40 ml

of 6M NaOH,

5 cm2 aifea) W
during the ele

electrolysis,

of the cell int
1

reagent grade. A platinum screen anode (approximately
as used, and the solution was saturated with hydrogen

ctrolysis (0.5 amp for 4 hours). At the completion of the
the amalgam was drained through a stopcock at the bottom

b the previously evacuated reservoir for the dropping amalgam
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The silicone grease in the stopcock acted as an effective

ter, and no difficulty was experienced from traces of

r decomposition of the amalgam in the reservoir. So

nalgam was kept in vacuo or under an atmosphere of _

1 (< 0.5 ppm 02), it retained the bright surface characteristic

although the contact angle with glass seemed to be smaller
IeTCUury.

Traces of water and oxygen, such as are present
nitrogen or argon, caused the surface to tarnish almost

1alysis of the amalgam for its sodium content was carried
out as follows:

Duplicate samples of amalgam, approximately 150g
cighed accurately into beakers. An excess of standardized
ded, and the amalgam was stirred until evolution of
ceased. The excess acid was titrated with standardized

| using phenolphthalein as the indicator. Duplicate analyses
m prepared as described above gave 0. 0462 and 0, 0455

t Na.
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lver-silver chloride electrodes were prepared by the
rolytic method(w). Platinum wire (20-gauge) was formed
f 5 or 6 turns approximately 2 mm in diameter, washed
ncentrated nitric acid, and held in a flame until the

to metallic impuriries disappeared. The spirals were

th triple-distilled water and dipped into a paste made by

- oxide (Fisher purified grade) with triple-distilled water.
aste at least 2 mm diameter was formed on the spiral,

1 supported in an electric furnace. To avoid sputtering of
e rapid formation of steam, the electrode was maintained
out one hour; then the temperature was raised slowly to
450°C, where it was held for half an hour. The electrode
wly in the furnace to avoid cracking due to thermal shock.
rocess was repeated five times in all to give a porous ball
ximately 5 mm in diameter,

_78_




The silver electrode was then chloridized by making it the
anode in a U-tube containing 1% HCI solution. A platinum wire
served as the cathode, and a current of 10 ma was passed through
this cell for 6 minutes, resulting in the conversion of approximately
5% of the silver to silver chloride.

Eight such electrodes were prepared and aged for three days
in Im NaCl solution. Intercomparison of the potentials of these eight
electrodes gave differences which were in all cases less than 0. 02 mv,
Several pairs of electrodes showed differences less than 0. 005 mv.

After aging for 36 days, the differences had changed less than 0. 005 mv.

Electrodes were used in pairs from the same batch, and
equilibrated for several hours with the solution to be measured. The
observed potentials of the amalgam cells were corrected by using the
bias potentials measured in Im NaCl. After severa. months, the
electrodes began to drift in potential (probably because of the accumula-
tion of AgBr from the traces of bromide in the salts or because the
AgCl dissolved in the electrolytes of high chloride concentration) and
were discarded.

Lead amalgam-lead sulfate electrodes were prepared as follows:
Approximately 1% (by weight) of lead metal (Mallinkrodt Analytical
Reagent) was dissolved in mercury (Doe and Ingalls, triple distilled)
at 100°C, with stirring, under an argon atmosphere in a giove box.

The (saturated) amalgam was cooled to room temperature in a sealed

flask with a stopcock and long tube for filling the cells (see Fig. 135, p. 82).
The long tube was filled with argon and sealed during transfer from the
drybox to the cell.

The amalgam flask was removed from the drvbex and the amalgam
introduced through the filling rube into each of the pool reservoirs of the
two cells (which had been previously freed with argon). To avoid systematic
differences in amalgam composition, first one reservoir in one cell, then
one reservoir in the other cell, were filled, and the process repeated.
Dry lead sulfate was sprinkled cver the top of the amalgam pools. The
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clectrode /Na', Cl , X/AgCl/Ag
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with the amalgam electrode ce11(32’34)

Na(Hg)/Nat, Cl°, X/AgCl/Ag

(here X stands for any set of non-interfering anions or cations) as
well as with measurements by the isopiestic method, has established
the accuracy of glass electrode activity coefficient measurements.
Similar measurements have been made in solutions of a single salt

(98d101), and these agree with measurements made by a

component
number of other methods.

The important precaution to-be taken in making accurate thermo-
dynamic measurements with a glass electrode system is continuous
calibration against a solution of known activity( 102). In practice, the
glass electrode is transferred from a cell containing a reference solution
to a cell containing a test solution, and back again, several times,
while the potential of the cell is recorded continuously. With a noise-
free electrometer and proper shielding, measurements accurate to a
few hundredths of a millivolt, comparable in accuracy to those obtained
with the amalgam electrode cells, can be obtained. Experimentally
simpler, because the elaborate precautions for eliminating oxygen are
not necessary, the glass electrode method can provide detailed activity
coefficient data much more rapidly than the amalgam electrode method.

Continuous recording of the potential and repetitive calibration
is essential because of both short-term and long-term changes in the
response of the glass electrode. Short-term changes in the potential
(10 to 20 mv) as the solution is changed in composition result both from
the establishment of phase-boundary equilibria (e. g. icn-exchange reac-
tion) at the glass surface, and diffusion processes both in the boundary
layer of the solution and within the glass itself(log). Although transients
in the concentration of Ag+, Li+, and Na+ can be followed by both the
cation-sensitive and sodium-gensitive glass electrodes with a time con-

stant of less than 20 msec, a-transient in Kt or NH4+ requires as long as
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ddirion to these short-time transients, glass electrodes

1iger -time drifts in potential (1 mv/hr or less) which

To
racy of £ 0.02 mv in potential measurements, it is clearly

arise from structural modifications of the glass.

Lo measure the rate of drift and to extrapolate the pseudo-
potentials in the two solutions to the same point in time.
ractice, using a small cell without stirring (Fig. 15),

the glass electrode with the solution to be measured as it
red between the test and reference cells. approximately one
equired to reach equilibrium; transfer between cells is
once every five or ten minutes, and the transfer takes

ely fifteen to thirty seconds. Figure 16 shows an actual

ned during our measurements of the ce11(36)

U 88SS Na, €17, SO,7/PbSO, /Pb(Hg)

used to obtain the activity coeificients of NaZSO 4 in its

ith aqueous NaCl solutions.

glass electrode we used was a Corning "Sodium Ion Electrode,
L-18. It was connected to an Instrumentation Laboratories

A electrometer, which operated a Sargent Model SR recorder.

was made with bias boxes differing in potential by a few
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millivolts. These were connected in place of the cell, and the

change in deflection of the recorder noted. The true potential
difference was read from the bias boxes to * 0. 005 mv on a Leeds

and Northrup Model K-3 potentiometer. Another bias box was
introduced in the recorder circuit so that the recorder zero could

be offset by potentials large compared to its span. A switch allowed
rapid comparison of the two sulfate-reversible electrodes incorporated
in each cell (Fig. 15).

So long as the mixed electrolytes contain only a single cation,
problems of selectivity do not arise; but when mixtures involving two
or more cations are involved, the glass electrode potential may depend
on the concentrations of more than one cation. Typically( 104) , this
dependence is described in terms of a selectivity ratio K i For example,
a sodium-sensitive glass electrode may have a potential given formally
by

0 RT
E =E + —1In [aNa-I— +zKiai]

F
where a, is the activity of the interfering cation i. If a cell without
liquid junction is used (as we have done in all our experiments), the
reference electrode responds to anion (e. g. chloride) activity, and
the above equation can be modified to contain only thermodynamic
quantities. The activity of each ion a; is replaced by m. M~ '\/‘3 , where
v; 1s the mean activity coefficient of the metal chloride. If polyvalent
ions are to be included, their activity is raised to the power (1 /Zi)
where z, is the charge on the ion.

Selectivity ratios defined in this way are more or less charac-
terestic of the glass composition, and in dilure solurions are relatively
independent of the composition of the solution. In concentrated solutions,
however, the interactions of ions in the hydrated glass layer leads to
quite complicated dependences of Ki on solution composition. Unfortu-
nately, the theory of the glass electrode is not sufficiently advanced to
predict the composition dependence of selectivity ratio quantitatively,
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nercial availability (Orion Research, Cambridge, Mass. )

on electrodes based on the liquid-liquid ion exchange

These electrodes consist of three liquid phases, an aqueous

» an aqueous reference solution, and an organic phase
The
the electrode is shown in Fig. 17. The organic phase is

in a membrane which is supported across the bottom of

e body. The reference solution is contained within the
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1ited silver wire.
ider, for example, the cell
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(115).
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3 RT

E = E° +

In (m~)

(for example) the molal concentration of CaCl, and 7is the

in the test solution. E~ contains a

2

m for the reference solution, which is constant in composi-

series of measurements; as well as any assymetry potentials
om the interfacial charge distribution being different at the

CCS.

crucial factor in obtaining thermodynamic measurements

»m such as this is the stability of the charge distribution at

es as the test solution is changed in composition; and this

ed both by the nature of the membrane used to contain the

se and the mechanical design of the electrode body. For
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Research, Inc. presently markets liquid ion exchangers which have

particular selectivity for CaH, Mgﬂ-, Cuﬁ—, cl, CIO4_, and NOBP.

New ion-exchange systems are being tested and will be available on
an experimental basis to research laboratories carrying out fundamental

work on these systems(28>.

F. Other Apparatus

Cell Construction. The primary difficulty to be over-

come in the design of the apparatus is to maintain pure, oxygen-free
solutions and amalgam while permitting the solution and the amalgam
to be changed rapidly. The general plan of the apparatus is shown in
Fig, 18. Purification of solutions and preparation of the amalgam
have already been discussed.

Two separate test cell systems and a reference cell system are
all fed from the same reservoir of amalgam, thus insuring that the
composition of the amalgam is identical in both the cells in which measure-
ments are being made. While one solution is being purified, the other
solution can be measured; in this way the time required to change the
composition of the solution is minimized. Both the solution and the
amalgam can be flowed continuously through the measuring cell, without
opening the cell to the air.

The electrodes were prepared by attaching 1-cm lengths of polaro-
graphic capillary to a 1-mm i. d. capillary stem using thin-walled Teflon
tubing (Fig. 19). In this way the capillary could easily be changed when
it became plugged with solid material from the amalgam. Drops with a
maximum diameter of 1 mm were formed at a rate of approximately one
per second. The cell (Fig. 20) was constructed sc the drops of amalgam
from the capillary fell through a 4 mm diameter hole in the bottom of the
cell, through a gas space, and into a waste compartment. Solution was
prevented from flowing through this hole by a slight back-pressure of
hydrogen. The amalgam was thus in contact with the solutions only during
through the hole in the bottom of the cell. Fresh deoxygenated solution
was then added from a solution reservoir without opening the cell to the
air.
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The polarographic capillaries of the dropping sodium amalgam
electrode eventually became plugged with small amounts of solid
material, often after operation for only a few minutes. They could
sometimes be cleared by tapping the cell or by applying a vacuum to
the top of the amalgam column and sucking a small amount of electro-
lyte back into the capillary. After the latter treatment, however, the
electrodes occasionally gave large and irreproducible potentials, which
implied that internal cells of variable potential were being set up within
the capillary. The most precise measurements and the longest operating
time were obtained if the capillaries were kept scrupulously dry until-
after the amalgam was flowing.

Other designs of dropping capillary were tried. A larger diameter
capillary with a tungsten or amalgamated copper wire plunger extending
nearly to its tip gave a good control of the flow of mercury in pure water,
but when used with sodium amalgam gave poorly regulated flowrate,
because of the strong potential dependence of interfacial tension. Solu-
tion crept along the inside of the capillary, causing the amalgam to
react within the capillary, and introduced large errors because of the
increased sodium ion concentration in this small region. A design where
the electrode was an amalgam_ pool in a Teflon cup, instead of a hanging
drop, was also unsatisfactory.

Thermostat. - All measurements were conducted in a thermo-
stat at 25.00 £ 0. 02°C. The thermostat was assembled from a glass
battery-jar approximately 40 cm in diameter and 30 cm high, and con-
tained approximately 35 liters of distilled water. A uniform temperature
throughout the bath was obtained by using a variable-speed stirrer
(Gerald K. Heller Co., Model 2T60-100). A Bronwill Contact Thermo-
meter (0-100°C range) was adjusted to close the control circuit of g
Fisher Unitized Bath Control (Model 50) at exactly 25. 00°C. The relay
of the Bath Control operate‘d__an immersion heater of approximately 250
watt capacity. The temperature was measured by an ASTM calibrated
thermometer accurate to = 0. 01°C at 23°C,




' This
the water-b
Tl
in a five-mi

of time.

sudden tem]
introdlhced i
approﬁ;imate
to 24.97°C,
the ice had |

25. OOO%C and

stirrin]g was
ture of| the b
temperature
smaller thar

‘The t
Since tl‘je tw
temper?ature
faces iij both
directlﬂr proy
peratuﬁe of
This corresg
and will be s
to the c\‘hange
smaller, of 1

.
[»

fluctuatl‘ions

a Leedsl and ]
104W1-G galy

response tim

thermostat system can maintain the temperature of
ath constant at 25. 00 £ 0, 02°C for an indefinite period
e fluctuations observed were generally less than 0.01°C
nute period. To test the response of the system to
berature variations, several hundred grams of ice were
nto the bath-water, causing the temperature to drop to
1y 24°C. Within 3 minutes, the temperature had risen
and in 7 minutes to 25.03°C. Within 10 minutes after
een introduced, the temperature was again constant at
deviated less than 0. 01° during the next hour. If the
stopped for a period of up to 20 minutes, the tempera-

ath drifted by less than 0.02°C. The differences in

between the two cells being measured are certainly be
this if the bath is well-stirred.

emperature control we have achieved is more than adequate. -

> cells are being measured at the same time, constancy of

over a long period is not necessary, but the electrode sur-
cells should be at the same temperature. Since E is
ortional to the absolute temperature, a difference in tem-
. 1°C will introduce an error in E of 0. 1/300 or 0. 03%.
onds to an error of 0.02 mv if the activity ratio is ten
maller if the activity ratio is near unity. The error due
in E® and v, with temperature is an order of magnitude
he order of 0. 002 myv.

lre entirely negligible.

Thus the effects of temperature

Electrical Measurements. Potentials were measured with
Northrup Model K-3 potentiometer, using a Honeywell Model
yanometer with a sensitivity of 0. 001 microamp/mm and a

e of approximatrely 0. 2 seconds for full-scale deflection

(40 mm). The standard cell (Eppley Laboratory Type 100) was calibrated

against a U. §

the value 1.0

5. National Bureau of Standard cell and guaranteed to have
1922 + . 00005 volts.
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This combination can measure one volt to 0. 003%, accuracy,
which means. that the error in the potential measurement (on the 0. 01
scale) mav be made as small as the readability of the slide wire,

0.001 mv. This is smaller than the sensitivity of the galvanometer
normally used with the potentiometer, or the stray potentials resulting
from circuit contact rectification, and certainly is negligible compared
to the observed precision of 0. 02 - 0, 05 mv.

The variation of potential during the lifetime of the drops is of
considerable interest. To measure this, the galvanometer was replaced
by a Tektronix oscilloscope, and the unbalance signal from the poten-
tiometer was displayed as a functicn of time. A typical potential-time
curve is shown in Fig, 21. The large transients occur immediately
after the drop falls, when a large portion of the current passing is
used to charge the electrical double layer. Within a few milliseconds,
however, the potential is nearly constant. (This phenomenon was used
to study the kinetics of the barium amalgam electrode. The results are
described in Section VI-F. ) The potential measured with a galvanometer,
balancing at the moment when the needle paused in its oscillation, was
12. 28 +.02 mv, which agreed with the value read from a photograph

“of the oscilloscope screen.
The potential of the combined cell

Ag/AgCl/NaCl, H,O/Na, Hg---Na, Hg/NaCl, MX, H,0/AgCl/Ag

or (where MX represents Na2S04, LiCl, MgClZ, or CaClz) was measured
during the period when the drops of both amalgam electrodes were nearly
fully formed: Such potentials were reproducible to + 0. 02 mv for periods
of up to an hour under favorable conditions. Changes of solution some-
times had a negligible effect on the potential but at other times produced
changes as large as 0.5 mv. These large changes were attributed to
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Potential of the cell during the lifetime of a drop.



traces of oxygen being admitted to one of the cells, and whenever
possible, the value taken to be correct was one which remained
constant through several changes of solution as well as at least

a half hour of amalgam flow.
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VI EXPERf IENTAL RESULTS AND DISCUSSION

I
A, Summary of Activity Coefficient Datz Obtained*

In this section, a summary and discussion of the results of
our activity goefficient measurements will be given. These results
have been published as they were obtained: Measurements of the
activity coefficients of NaCl in I\IaCl—I\Ia:ZS'OéL m‘ixtur@s(gz), NaC1-KC(Cl,
and NaCl-LiC1 mixtures(gg), NaCl—CaClZ and l\Tz;LClﬂ\/IgCl2 miXtUI'GS(34)
were made uging the sodium amalgam-silver chloride cell. Measure-
ments of the activity coefficients of NaQSO4 in NaCl—NaZSO4 miXtu%*?c)ag,)
were made using a glass electrode-lead amalgam-lead sulfate cell*”"™,
Measurements of the activity coefficients of NaCl in NaCl-BaCl,, mix-
tures were made using a glass electrode silver chloride cell. These
latter measurements have not yet been published and are given for
the first'time |in this report.

Measurements were made using the combined cell

Ag/AgCl/NaCl, H,0/Na(Hg) -- Na(Hg)/NaCl, MX, HZO/AgCI/Ag

* The resultg quoted in this section have been published in detail in
the following fiour papers:

1. " Acrtivity Coefficient Measurements in Aqueous Sodium
Chloride-Sodium Sulfate Electrolytes Using Sodium Amalgam Electrodes, ™
by James N. Butler, Philomena T. Hsu, and John C. Synnott. ]. Phys.
Chem. 71, 910-914 (1967). (Ref, 32)

2. "Activity Coefficient Measurements in Aqueous NaCl-LiCl
and NaCI-KCl [Electrolytes Using Sodium Amalgam Electrodes, ' by
James N. Butler, Rima Huston, and Philomena T. Hsu. J. Phys. Chem.
71, 3294-3300{(1967). (Ref. 33)

3. "Activity Coefficient Measurements in Aqueous NaCl-CaCl,, and
NaCl-MgCly Electrolytes Using Sodium Amalgam Electrodes, " by Janfes
N. Butle;* and }‘{ima Huston. J. Phys., Chem, 71, 4479-4485 (1967).

(Ref. 34 | _

4. ""The Mean Activity Coefficient of Sodium Sulfate in Aqueous
Sodium SulfaterSodivm Chloride Electrolytes, " by John C. Synnott and
James N. Butler. J. Phys. Chem. 72, 2474-2477 (1968). (Ref. 36)

1
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and the mean activity coefficient v, of NaCl in the mixed electrolyte
was calculated from the known emf and concentration values using
the equation

: 2
E = - B_’];ln (mNa+) (mCl_) (‘le) (1)
B (i) () (9)”

where mNa+ and M~ ~ are the molalities of Na' and Cl™ in the mixed
electrolyte, qua-(— and m‘&l— are the molalities in the reference solution,
and 710 is the mezalle;ctivity coefficient of NaCl in the reference solution.
Using data for the concentration dependence of the activity
coefficients of aqueous NaCl, together with an approximate value of the
Harned Rule coefficient, the measured activity coefficients were cor-
rected to round values of ionic strength. At constant ionic strength, I,
the logarithm of the activity coefficient of NaCl in the mixed electrolyte
(v 12) was found to be linearly dependent on the ionic strength fraction of

the second component X 9 according to Harned's Rule(40’ 41)

log Yig T log Y10 T 919 X2I (2)

where ¥, is the activity coefficient of a solution containing only NaCl
at ionic strength I (our reference solution).

Except at very low ionic strength fractions of NaCl, Harned's Rule
was found to be obeyed for all the systems studied. A typical Harned Rule
plot is shown in Fig, 22, for the system NaCl-CaClZ, and in Fig. 23 for
the system Na(gzls—zl;IaZSO 4 The dc(eg%tions at low fractions of NaCl

in the case of NaCl—Nast4
mixtures, probably reflect a systematic exrror resulting from the effect

observed by us and by Lanier

of sulfate ions on the silver chloride electrode; not a true thermodynamic
deviation from Harned's Rule, Similar deviations(34) were observed in
the I\IaCl~CaCl2 and I\TaCl-l\/[gsCl2 systems (see Fig. 22), and were

attributed to interference by the alkaline earth metal cations with the
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Fig. 22| Activity coefficient of NaCl in NaCl-CaClg electrolytes, showing
fit of experimental data to Harned's rule. The straight lines
correspond to the least-squares values given in Table XIIL
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Fig. 23 Activity coefficient of NapSO -NaCl electrolvtes at I = 1. 000 m.
The straight line revnresents arned’ s rule and was fitted by the
method of least square:, allowing the intercept to vary.
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The detailed numerical data (except for

are not reproduced here, but are given in our publications,
oy the reference numbers in Table XII1.
vle XIII, the Harned Rule coefficients obtained for the

ms studied are summarized, The straight line corres-

rned’'s Rule was fit to the data by a least squares approach.

were used; the results given in Table XIII are the values

lest limits of error.

first method , log Y10 Was held constant at the litera-

value, and a value of a9 Was calculated from Eq. 2 for
The mean of these values for each set, together with the

e intervals (obtained from Student’s distribution) was taken

value for « 19° This method gives heavier weight to

er MX /NaCl ratio,

second method, the experimental values of 719 and X2

Eq. 2 by the least-squares method (assuming X2 exact),

s of o 12 and v 10 Were obtained from the slope and intercept

- line, These parameters, together with their 95% confi-

from Student's t distribution), were taken as alternate

east-squares value of 710 obtained by our second method

e literature value to better than 99% confidence for all

le XIII are also given the values of 251 the Harned-rule
the second component MX. These were calculated from
19 measured in this work by means of the Gibbs-Duhem

essed as the equation(40’41) for Na2804, CaClZ, and l\/IgClz:
2ay, - —2— [24,°-¢,° - 1 3)
2.3031

he osmotic coefficient of a NaCl-HzO solution and 52520 is
efficient of a MX-H 20 solution at ionic strength.
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MX

TABLE XIII

Harned Rule Coefficients Determined in this Work™*

Ionic Strength

NazSO4

N32804
LiCl

CaC12

1\/IgCl2

BaCl2

1. 00
. 00

.00

10
.50
.00
00
.00

. 20
.50
00
. 00
.00

.50
.00
.00
.00
.00
.00

—_— W

wt\Jr—lOO\wl—'OOCJJP»—AOQ

o~ U

0.1
0.2
0.5
1.0

* Component 1 - NaCl, Component 2 ~ MX

*
.07 +.02
+0.
+0.

12

. 048 £, 005
. 049 = . 002

. 048 £.003)

.17 +0.16
.042 +,018
.045 +£.017
. 067
.019 +.025

. 016

.06 .10
. 020+, 002
.010%.012
. 000 £. 006
. 004 =, 003

. 065 £. 040
. 012+, 006
. 012+, 006
. 009 £. 009
.002+,

002
. 002

.02

. 005
. 002

(-0.
(-0.
_0.

(0.
(-0.
(-0.
(-0.
(-0.

(-0.
(-0.
(-0.
(-0.
(-0.
(-0,

@91

4

034 + . 005)
032 + . 002)

035 £ . 005

2 +0.3)
.010)
.010)
.010)
. 003)

. 12)
.021)
+.013)
.019)
. 004)
. 002)

Ref.

32

34

(oN]
g

(See Table X1V)

Values in parenthesis are calculated using osmotic coenfficients(4 1
Errors are 95% confidence limits.

- 103 -



The‘osmotic coefficients used were those tabulated by
Robinson and Stokes (41) . The values of 251 obtained for the NaCl-
CaC12 system agree within experimental error with the corresponding
values obtained from isopiestic d,ata(go). Further comparison with

other experimental data is made below.

NaC| ~Na,50, Electrolytes. The results of five separate
studies on the system NaCl—Na2SO 4 are compared in Fig. 24. Our
y)
first measurements(g“)

were made using the cell

Na(Hg)/NaCl, Na2304, H,0/AgCl/Ag

and gave the activity coefficients of NaCl in the mixed electrolyte

(36)

directly. Our second set of measurements was made using the

cell

Na Gllass Electrode /NaCl, NaQSO4, H20/PbSO4/Pb(Hg)

which gave directly the activity coefficients of Na,SO 4 in the mixed
electrolyte. | The work of Lanier'®”) and Gieskesél) was done with
the cell

Cation-sensitive Glass Electrode/NaCl, Na,SO,, H,0/AgCl/Ag

and presumably should give the same results as our first set of experi-

ments. Platford’ s measuremen‘cs(gsa)

were made by the isopiestic
‘method. Some more isopiestic measurements have been made recently
by Rush(38) and in a private commmunication, he stated that his results
agreed with our measurements; but detailed data were not available at
the time this! report was prepared.

At high ionic strengths, there is reasonably good agreement
‘esults of various workers, but at ionic strength 1. 0 and

between the 1
below, the discrepancies seem to be outside the expected limits of error
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Fig. 24 Variation of the Harned rule coefficients with ionic strength for
the system NaCl-NazSO4.

---- Calculated + Lanier (27)
o This work (32) A Gieskes (31)
e This work (36) ) Platford (35a)
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NaCl and Ng
and a value

perimental techniques employed (e. g. £ 0. 005 in o
ore, there appears to be a systematic decrease in both
1 according to the data of Lanier and Platford, a result
wconsistent with Harned' s Rule being obeyed for each

nsistency be satisfie

12)-

The calculated curves in Fig. 24 were obtained as

oth electrolytes obey Harned's rule, then thermodynamic

rentiation relations require that a further test of thermo-

d(40’ 41) . The quantity

ndependent of ionic strength. Lanier(27) found that S’

ionic strength and from this concluded that the activity
of NazSO4 did not necessarily obey Harned's rule. Our

hat S" is 0. 14 at I = 1.0 and 0. 20 at I = 3. 0, compared with

26, reported by Lanier.
is assumed to be independent of ionic strength, then the
endence of o, and @y on ionic strength can be calculated.

Eq. 3 and 4, we obtain
apy = (S" + 3B)/12 (5)
@y, = (5" - 3B)/6 (6)
Jefined by
B=—=— 2" 90 - 1 (7)
2. 3031

g tabulated values(4 D) for the osmotic coefficients of
1280 4 B can be calculated as a function of ionic strength
for S' can be chosen which best fits the experimental data
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at high values of ionic strength., In Fig. 24, the broken lines are
calculated values of oy, and 29y based on the assumption §' = 0, 190.
Increasing the assumed value of S' makes both 20 and @y more
positive, but does not change the shape of the curves.

On the other hand Platford(e’sa) has stated that Harned's rule is
not obeyed for NaCl in NaCl—Na2$O 4 electrolytes and thus he did not
calculate values of & 12 from his data. All the EMF data indicates that

36)

directly that Harned's ru%e i)s obeyed for NaZSO 4 Furthermore, the
38

Harned's rule is obeyed for NaCl; and our studies( have shown

unpublished work of Rush apparently has verified the validity of
Harned's rule for both components.

Thus, at the present time, having analyzed critically all the
available data, we may conclude regardingthe system NaCl-Nazso 4

(a) Harned's rule is obeyed for both components of
NaCl—Na280 4 electrolyte mixtures.

(b) The published value of osmotic coefficients(4 1)

can be used to predict the variation of « 12 and a9y with ionic strength
if $' = 0. 190 (obtained at I > 3) is assumed to be independent of ionic
strength.

(c) The best values of the Harned rule coefficients
in the ionic strength range from 1to 6 are oy, = 0. 048 = 0. 003 and
ag) = -0. 035 % 0. 005, essentially independent of ionic strength.

There is no clear reason for the discrepancy between our
measurements and those of Lanier and Platford, but we believe our
values of Harned rule coefficients are more likely to be correct, since
they have been obtained by two independent experiments using both
chloride-reversible and sulfate-reversible electrodes, and are also
consistent with a thermodynamically based extrapolation from higher
ionic strengths, where all results are in agreement.

The behavior of the Harned rule coefficients for this system at
ionic strengths below 0.5 is not yet established. This is of theoretical
rather than practical interest, since in this range even large deviations
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KCl Electrolytes. Although we attempted to measure
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ion reactions
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theory of am

| .
as described
|

isopiestic data

!
NaCl~

(33)

icients in NaCI-KCI electrolytes using sodium amalgam

, the kinetic interference of the sodium and potassium
was so great that results of sufficient accuracy could not
Nevertheless, we obtained a general confirmation of the

1lgam electrodes in systems with more than one cation,

in Section III-E: and our results were consistent with the

(13,14, 17) of Robinson on this system.

(33)

LiCl Electrolytes. Our measurements were made using

the cell, Na(H
system ‘are tl
12 =0
limits, our d
2.00 m.| The
literatulre val
.jAlthOl.
have noﬁ been
method.i At b
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were reprodu
error 11{ slope
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check on the 1
\

electrolytes a

o) /NaCl, LiCl, I~IZO/AgC1/Ag. The only other d?}g)on this
e isopiestic measurements of Robinson and Lim , which
D37 at 2. 00 m and 0. 035 at 3. 00 m. Within the confidence
ata(Table XIII) agree with ayp = 0. 035 for all points except
least-squares value of 710 obtained agrees with the

ue to better than 999 confidence.

1gh our experiments have shown general agreement, we
able to attain the precision afforded by the isopiestic

igher ionic strengths, the potential measurements were
e. At lower ionic strengths, although the measurements
cible, @9 is uncertain because the error in i for a given
> varies inversely with the ionic strength. Nevertheless,
are useful because they provide a completely independent
soplestic method. A good approximation for NaCl-LiCl

ppears to be to use « 12 -0. 035 independent of ionic strength

below 4 ‘m decreasing to -0, 033 at 6 m.

Erom

can obtain a v
in the mixed electrolytes.

obeyed by bot

the osmotic cocff1C1ems(4' 1) of NaCl and LiCl solutions, we

alue of g1 which will give the activity coefficients of L.iCl

For 1-1 electrolytes, if Harned's rule is

h components, the Gibbs-Duhem relation becomes(40’ 41)
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—— (&)
2. 3031

The second term in this equation is 0. 070 for ionic strengths between

1 and 3 m, increases to 0. 073 at 0.5 m, and increases to 0.075 at 6 m.
Taking @1y = -0. 035 as a representative value, we obtain agq = +0. 035

for ionic strengths below 3 m, increasing to +0. 040 at ionic strength

6 m. Since o 12 and any are both virtually independent of icnic strength,
their sum is also independent of ionic strength and the thermodynamic

cross-differentiation congistency test("L 1,4 ﬁ

15)

but these are negligible below 4 m.

is satisfied. The isopiestic
data show small deviations from Harned's rule at high ionic strengths,

Thus, as we saw for the I\IaCl—NazSO4 system, a single value for
a9 and a single value of 91 suffice to calculate the activity coefficients
of NaCI-LiCl electrolytes, at all ionic strengths, for any requirements
but the most exacting.

NaCl—CaC12 Electrolytes. The experimental results of five
(34)

separate studies are summarized in Fig. 25. Our measurements
were made with the cell

Na(Hg)/NacCl, CaClz, Hzo‘/AgCl/Ag

and gave the activity coefficient of NaCl in the mixed electrolyte directly,
(27), Fitzgerald and Mangelsdorf(zl), and Moore and Ross(zé) all

used a similar cell with the sodium amalgam electrode replaced by a
(30)

Lanier
cation-gensitive glass electrode. Robinson and Bower used the
isopiestic method.

In general, the agreement is excellent, with the exception of the
two values of « 12 marked with a question mark, which are apparently
in error because of errors in values obtained close to 100% NaCl. With
our first least-squares method of calculating ayo; these points are given
exceptionally high weight, but when the second method is used, the same
data give Harned rule coefficients with much smaller confidence limits,
in agreement with those of other workers.
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Figy 25 Dependence of the Harned-rule coefficient o 12 on ionic strength
for NaCl-CaCly electrolytes. The cuxrve was calculated from
osmotic coefficients as described in the text.
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The range of ionic strengths below 1.0 is discussed in more
detail in Section VI-C of this report, and we will only point out hexe
that both our results and those of Moore and Ross indicate that P
tends to much more negative values than is predicted by the Bronsred
theory'~ ). There appears to be evidence from Friedman's ionic
solution theory, as well as {ron ‘1 experiments on othexr solution parameters

VE:
suchas density and VlSCuSL'_y(/ 8) that the Harned rule coefficients may

tend toward infinite values at zero ionic strength. The Bronsted theory
gives an excellent predicticn of the experimental results in the regicn
around 0.5 m. At ionic strengths below 0, 2 m, the deviaticns of v,

from the extended Debye Huckel theory are in any case quite small sc

~

that this apparently sharp trend is not very significant for most DUrposes.

(20)

Bagg and Gregor measured potentials across calcium stzarcte

—

membranes separating aqueous solutions containing both NaCl and CeC.
at ionic strengths from 0,01 to 0. 8 m. They did not calculate Harnet-
rule coefficients from their data, but stated thart specific interaction

effects were small compared to the errors in their measurements. 1is

observation is consistent with the small magnituds of a,, tor ne Nall-

4

CaCl2 systemn in the range between C. 5 and 1. C m.

NaCl-MgCl,, Electrolytes.  Our results for the system NeCi-
MgC12 are compared in Fig. 26 with those obtained by other investigatcrs
and the theoretical curve calculated from osmotic coetficients as des-

cribed above.

(34)

COur measurements were made with the cell

Na(Hg)/NaCl, MgCl,, H,0/AgCl/Ag

27
(27) {

, and Fitzgerald and Manvelsdor

E\J

and those of Lanier 1) J

with the corresponding cell using a cation-sensitive giass electroce.
Platford has sent us the results of his isopiestic measurements “, 278
has also quoted some unpublished work of Wu, Rush and Scatchara:
All these data are included on Fig. 26.
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Our data obtained at ionic strengths 5.0 and 6. O differ substan-
tially from the results of the theoretical calculation, the isopiestic
results and Lanier's glass electrode measurements, all of which
agree with each other. This discrepancy is not readily explainable.

Our data at these ionic strengths were the most precise we have
obtained, and thus it is unlikely that a random error of this magnitude
could be present. On the other hand, there is no obvious systematic
error which would cause deviations of this magnitude and direction
without also causing apparent deviations from Harned’s rule. We did
not observe such deviations. Nevertheless, the overwhelming weight

of evidence is that o9 is -0.009 to -0.010 at I = 6, 00, and not near zero
as our data have indicated.

Up to the present time, no attempt has been made to measure
a9 directly in NaCl-MgCl_ solutions, which would provide an unambi-
guous confirmation of the results at high ionic strengths. The reason
for lack of information in this case is that an electrode directly respon-
sive to magnesium ion in the presence of sodium icn has not been
available. Although magnesium amalgam electrodes cannot be used in
this situation (see Section IV-A) because of their irreversibility, it may
be possible to obtain some results using liguid ion exchange electrodes,
as discussed in Section VI-B. This has not yet been done.

We have computed a value of oo for the NaCl-l\/IgC12 system at
zero ionic strength using the Brgnsted theory, following the scheme des-
cribed by Robinson and Bower(go) for NaCl~CaCl2. To obtain a value for
the constant Bc’ which describes the deviation (due to specific ionic inter-
actions) of the activity coefficients of pure MgCl2 in water from the Debye-
Hiickel theory, we calculated values of B, from tabulated activity coeffi-
cients of 1\/IgCl2 in Water(4 1) using Eq. 21 of ref. (30)

st
log v, = 2log v + 4/9 1B,
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where

o=

log ¥St = -Al 1
1+ L1512
A is the Debye-Hlickel constant, and I is the ionic strength.

Thus

to be a linear

gave BC =0.17

cach value of the activity coefficient for pure Mg(312 vields
a value for BC .

At ionic strengths greater than 2 (m = 0.7), BC was found

function of I and, when extrapolated to zero ionic strength,

0. (This is comparable to the value obtained by Robinson

and Bower for CaClz, BC =0, 176.)
The Harned-rule coefficients were then calculated from Eq. 24
and 25 of ref (30)
a1 = ap = 2/3 BB - 1/6 Be
agp = @n = 1/9 BC -2/3 BB
at I =0. ' Using Robinson and Bower's value (which they calculated from

the activity co
obtain for our
values

at I = 0, which
for NaCl-CaCl
is shown on Fi

Thus w
for the system‘
for the latter g
of the values
methods.

efficients of pure aqueous NaCl solutions) BB = 0. 007, we

NaCl-MgC12 solutions at zero ionic strength, the limiting

I

@19 -0. 0236

a9y +0. 0142

are close to the value obtained by Robinson and Bower(SO)

9 solutions, The calculated value of @y at zero ionic strength
o. 26,

e see that the dependence of @19 0N ionic strength is similar

S NaCl—MgCl2 and NaCl-CaClz, but @, Is more positive
ystem, Our experiments have provided additional confirmation

or the Harned-rule coefficients which were obtained by other
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NaCl—BaC12 Electrolytes., Activity coefficient measurements
of NaCl in NaCl-BaCl2 electrolytes were attempted using barium amalgam
electrodes (see section VI-F) but were not sufficiently accurate due to
kinetic interference between the sodium ion and the barium ion reactions.
However, we have made some measurements at low icnic strengths
using a sodium ion-selective glass electrode.

The experimental technique was the same as we used in our
studies of N32804—NaC1 electrolytes(%) (see Sectiog_}\{—D), except that

ments of this type at ionic stre(ngths of 1,3 and 5 m; and the isopiestic
23)

an Ag/AgCl reference electrode was used. Lanier( made measure -

results of Robinson and Bower at ionic strengths from 0.75 to 5 m
were consistent with the results of Lanier.

Our results are summarized in Table XIV, and some data are
plotted in Fig. 27. The Harned rule coefficient ¢1o APPEArs to go through
a maximum positive value at an ionic strength of 0.2 m, and then become
negative, at lower ionic strengths. From the present data, this trend
appears to be outside experimental error, but when corrections to round
values of ionic strength are made, it may change. Further measure-
ments at ionic strengths below 0, 2 m will be made to verify this trend.

—_—

. . 2 . .
At 1 m, our results agree with those of Lamer( 7) and those of Robinson

and Bower(23)

. By analogy with the CaClZ-NaCI system, and the I\/IgClz-
NaCl system, we might expect that e, would tend toward large negative
values at low iomic strengths. The maximum positive value is an unusual
effect, and is not predicted by any theoretical model.

B. Calcium Activity Measurerents Using a Liquid Ion Exchange
Electrode*

During the past two vears, a considerable amount of work has been
published which involves the use of the calcium-selective liquid ion exchange

electrode system( 105-1 15).

All of these studies, however, have been
limited to relatively low concentrations of calcium ion (< 0. 1 m) because
the commercial calcium-selective electrode systems use an internal

reference solution of approximately this concentration. In this report

* Submitted for publication in Science,



TABLE XIV

|

1 Activity Coefficient of NaCl in l\IaCl-BaCl2 Electrolytes
\

|

%
12

Il=0.1m
% Total Ionic A Eobs -log v
% I|NaCl Strength (mv)
100 0. 1012 0 0. 1096
. 88. 14 0. 1007 3.9 0. 1060
|
7078 0. 0999 11.3 0. 1054
49,88 0. 0990 23.0 0. 1096
29,07 0. 0982 38.9 0. 1055
{ 15.58 0.0976 56. 8 0. 1095
i
% a1y = -0.05 + 0.02
: Il= 0.2m
100 0. 1960 0 0. 1331
81.76 0. 1966 7. 45 0. 1365
68. 08 0. 1970 13.75 0. 1422
45, 63 0. 1977 25.9 0. 1398
34. 29 0. 1980 35.0 0. 1448
13. 89 0. 1986 60. 5 0. 1451
! @y = +0.07 + 0.02

* Not corrected to round values of ionic strength.
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I = 0.5m

% 1 NaCl

100

85. 64
65. 69
52.29
28.58
12. 22

100

79.55
73.06
51.02
34. 07
17.23

TABLE XIV (Cont.)

Total Ionic

.5187
L5191
. 5197
. 5201
. 5208
L0214

o O O O O O

®12

1. 0738
1. 0433
1.0342
1. 0034
0.9798
0.9563

12

Strength
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A Eobs

(mv)

0
5.75
15. 13
21. 44
40. 86
55.02

= +0.040 + 0.005

0
8.0
11.5
24.0
36. 1
56.3

= +0.005 + 0.002

— &
log Y19

1669
1712
1774
1701
1819
1867

Lo

1832
1818
1867
1901
. 1840
. 1849

copooop
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Fig. 27 Harned rule plot for activity coefficient of NaCl in NaCI-BaC12 electrolytes.




we give the results of experiments carried out to see whether the
activity of calcium salts could be measured at concentrations above
1. 0 m.

We have made a number of measurements of the potential of
the cell

4+ - organic -+ -
Ag/AgCl/Ca Cl , X, HzO/ pltljase /Ca *, Cl, HZO/AgCUAg

where the organic phase consists of 0. 1 m calcium didecylphosphate

dissolved in di-n- octylphenylphosphonate( 105),

X represents any ion
which neither reacts with AgCl nor dissolves in the organic phase.

The right-hand aqueous solution is within the electrode body, along
with the right-hand reference electrode. 'The simplest situation occurs
when there are no foreign ions present and the only difference between
the two aqueous phases is the concentration of calcium chloride.

In our first set of measurements, both test and reference solu-
tions consisted of CaCl2 (pH 6-8) solutions of various concertrations.
In order to eliminate any bias potential arising from asymmetry in
charge on the membrane, two identical cells with matched Ag/AgCl
reference electrodes were used, one containing the reference solution,
which was also the internal filling solution, and the other containing the
test solution (concentration m). The calcium ion-exchange electrode
body and the ion exchanger were those marketad commetrcially by Orion
Research Inc. This electrode body was transferred back and forth
hetween the two cells, and the potential recorded as a function of time,
by means of an expanded-scale pH meter and potentiometric recorder,
as described in Section V-E.

Instability and deviations from Nernstian behavior, which were
observed at high concentration of both internal and external solutions,
were partly due to deterioration of the silver-silver chloride reference
electrodes. Even though all solutions were saturated with AgCl,this
apparently did not completely prevent the deterioration. However, by
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repeatedly replacing an unstable reference electrode with a stable
|

one and mak

ing the measurements as quickly as possible, we were

able to obtain reproducible measurements up to 5.5 m.

The

dependence of cell potential on the activity of CaCl2 in

the test solution and reference solution (Fig. 28) is consistent, over

a wide range

» with the formal description of the organic phase as a

|
membrane permeable only to calcium ion. The potential may be

thought of ag

arising because the counter-ions (Cl ) are unable to

penetrate the membrane, but the actual mechanism involves ion-

exchange eq
the potential

where m is 1
coefficient o
for thejrefer
series of me
ing from the
interfaCGS.

the higher isg

(1) is obeyed.

equation (1)
measufe of ¢
solurion is s
CaC12 (log 7
activities if 1

lilibria at both organic-aqueous interfaces.

From Fig. 28,
is seen to be given by the expected Nernst relation;

E = E° + 3 RT In (mv)

(1)

he molal concentration of CaCl, and 7is the mean activity

f CaCl2 in the test solution. E~ contains a similar term

ence solution, which is constant in composition over a
asurements; as well as any asymmetry potentials result-
interfacial charge distribution being different at the two
The higher is the concentration of the internal solution,

On the other hand, with concentrated internal solutions,
Is not obeyed for dilute test solutions.
alcium activity in a given solution is obtained if the internal
imilar in concentration to the test solution.
1 Y= 1.0), equation (1) is obeyed over a narrow range of
the internal solution and external solution are matched.

the concentration of external test solution for which equation

Thus the most accurate

Even in 5 to 6 m

In a second set of experiments we attempted to measure the activity

of calcium in mixed solutions containing sodium ion. The Orion electrode

was used Wit}hout any modification (internal solution 0. 1 m CaClz) and the

test solution

consisted of NaCl-CaC12 mixtures at total ionic strengths of
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Fig. 28 Response of the calcium-sensitive liquid ion exchange electrode
with different concentrations of CaClo as internal reference
solution. The abscissa values (m) refer to the molal concentration
and mean activity coefficient of CaCly in the test solution. Through
each set of data, a line of theoretical slope (88.7 mv) has been
drawn, as predicted by Equation (1).
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1, 3, and 6

the concenty

m. In such mixtures the potential of the cell depends on
ation of both NaCl (m l) and CaCl2 (m,).

- w0 _ RT 2.3 2 2 4
E=E" = oL In [m2 (ml+2m2) Y91 +K my (ml+2m2) Y9 | (2)
where Yo 18 the mean activity coefficient of NaCl and Vo1 is the mean

activity coet
selectivity r
liquid ion ex
1074
ions is much

in dilug

shows the se
activity coef
by the isopie

Are
from Nernst
concentratio
of the select
such as Ca(C
are transpor
1on concentr
exchange me
simple Nern
from ideal b
the spe‘cies

with the sped
Na+, which ¢
at high.chlox

ficient of CaC12 in the mixed electrolytes and K is the

atio. Although the selectivity ratio for the calcium-sensitive

change electrode in the presence of Natis approximately

(105)

e solutions , 1ts behavior in the presence of interfering

1 more complicated in concentrated solutions, Figure 29
‘The

ficients 712 and 721 were taken from measurements made
: (30, 34)

:lectivity ratios calculated from our measurements.

stic and amalgam electrode methods
latively simple explanation can be made both of the deviation
ian behavior when a CaC12 test solution differs widely in

n from the reference solution, and the complex variations

- . . . 7
1vity ratio in the presence of sodium 1011(10 ).

If species

IR (where R is the decylphosphate group in the ion exchanger)
ted through the organic phase instead of CaR g at high chloride
ations, this would have the effect of making the liquid ion
mbrane permeable to chloride ion and would destroy the

stian behavior in CaCl2 solutions. The observed deviations
chavior are in the predicted direction (Fig. 28). Furthermore,
“aCIR would be expected to be more easily interchangeable

>ies NaR, and the selectivity of the electrode for Cath

lepends on the formation of CaR 95 decreases (K increases)

over

ide concentrations, as we have observed.
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Fig, 29 Selectivity ratio (defined by Equation (2)) for calcium- sensitive
liquid ion exchunge electrode in NaCl-CaClg solutions of constant
ionic strength.
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C. T

he Activity of Calcium Ion*

urine, énd ot
physiological
until recj:ently
non-thermody

chemical pote
concentratiorl,

titr 81101"1( 1 19)

has often beel
coefficient of
and may vary

Recenrc interest in the measurement of calcium ion act1v1ter
lec:trodes(lo5 112,113, 114) has raised the question

speciﬁq ion e
establishing a
analogmils to 1
Quite apart fr
problemis ass
choice df the
in a mixed eld
individu.‘al ion
of known actiy
calibrat%ed in
The ac
have beén the
three yejars,
measuré of th
sisting ﬁ)rima
mixtures for
solutioné.

ociated with establishing such a scale.

5.

practice

Introduction. The activity of calcium ion in blood serum,

her extra-cellular fluids is well known to be an important

parametcr(26 112). Direct measurement of this quantiy
has been experimentally difficult, and also depends on

mamic assumptions to split experimentally accessible

Calcium ion
(116)

(120, 121)

ntials into parts attributable to single ions.

a quantity directly measurable by ion exchange

(117, 118)

spectrophometry or flame photometry

1 used as a measure of calcium ion activity, but the activity

calcium ion in physiological fluids is certainly not unity,
considerably with the composition of the solution.

using
115)

n unambiguous calcium ion activity scale in a manner

he establishment of the hydrogen ion activity (pH) scale,
om experimental difficulties, there are two important
The first is a

method by which the chemical po‘t'ential of a calcium salt
>ctrolyte shall be divided into contributions from its

The second is the establishment of standard solutions

ity against which the specific-ion electrode system may be

(122)

tivity coeff1c:1ents of the salts in-NaCl-CaCl,-H.,O mixtures
2 2
subject of a number of studies(26: 27, 30, 34) quring the last

and sufficient data is now available to provide an accurate

e thermodynamic activity of calcium ion in solutions con-
rily of NaCl.
direct measurements of calcium activity in serum and related

These solutions can be taken ag calibration

* Paper}s bas
and the Bio

ed on this section were submitted to Analytical Chemistry
physmal ]ournal
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This paper presents a summary of experimental data on the
NaCl—Ca612 electrolyte mixtures, discusses the possible calcium
ion activity scales, and gives a table of activity coefficients for
solutions of physiological interest.

Experimental Data. All available experimental measure-

ments of the activity coefficients of CaCl2 in NaCl-CaCl2 mixtures are
indirect, and depend on the use of thermodynamic relations to obtain

(26, 27)

the desired quantity. Cation-sensitive glass electrodes and

(34)

sodium amalgam electrodes measure the activity of NaCl in mixtures

with CaClQ. From the osmotic coefficients of the pure components(40’ 41)
the activity coefficients of Ca(312 in the same mixtures can be calculated
(see Section VI-A). An independent measurement has been made by the

isopiestic method(go)

, which essentially measures the vapor pressure
or activity of water in the mixed electrolyte by comparison with an
electrolyte of known vapor pressure. Again, by using the osmotic
coefficients of the pure components, the activity coefficients of NaCl
or CaC12 in the mixture can be calculated.

In Fig. 30, the various experimental data are summarized in

terms of the Harned Rule coefficient 91> defined by the equatio11(4o’ 41)

log Yoy = log Yoq = @y My (L)

where Y91 is the mean activity coefficient of CaCl2 in the mixed electro-

(41) in a solution of the

Iyte, Y50 is the mean activity coefficient of CaC12
same ionic strength but containing only CaCl,, and m, is the molal concen-
tration of NaCl in the mixed electrolyte. The available data extend to ionic
strength 7. 0(30), but we have presented data only for the range of ionic
strength (I < 1. Q) which is of physiological interest. The line on Fig. 30
represents our appraisal of the “"best values" for 0o 1

For the convenience of those wishing to avoid the graphical inter-
polation and subsequent calculations required to evaluate Y91 in a solution

of interest, we have prepared a summary, presented in Table XV, of the
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Fig. 30 Harned rule coefficient for calcium ion in NaCl-CaClg mixtures at 25°C, Points are experimental

A LANIER (27)

i .2 3 4 5 6 7 8 S 1.0 LI
IONIC STRENGTH

results of various workers, and the line represents the values used in preparing Table 1.




- LCT -

TABLE XV

Mean Activity Coefficient of CaCl2 in NaCl-CaCl.,, Mixtures at 23°C¥

2
m, 0 .05 .1 .2 .5 ., 1.0
m,

0 1. 000 . 650 . 577 . 921 . 463 . 456
. 001 . 881 . 045 . 575 . 520 . 463 . 456
. 002 . 843 . 641 . 573 . 519 . 463 . 456
. 005 .775 . 628 . 5068 .o17 . 463 . 455
.01 .718 . 609 . 559 .514 . 463 . 455
.02 . 654 . 582 . 545 . 507 . 404 . 455
.05 . 567 . 538 .520 . 490 . 462 . 454

* my = molal concentration of NaCl, m, = molal concentration of Ca(312



activity coefficients of Ca‘Cl2

concentratio
we used our
coefficients
Robinson an
strength abo
modification

with A = 0.

The value of
pond to.the R
in slope at 1

coefficient v:

equation in. t
720) was at I

All th

25°C instead

effect of a 13 degree temperature change is not inordinately large.

predominant

of the coeffic

for pure CaCl
1 Stokes
ve 0.3. For the range below 0. 3, we used the Guggenheim

in solutions containing various molal
ns of NaCl (ml) and CaCl2 (mz). To calculate this table,
"best values" of a,, from Fig. 30, together with activity

9 solutions 720 obtained from the tables of

(41) . These tables cover only the range of ionic

of the Debye-Hiickel equation(40)
1og720=-21°_”ﬁ+31 (2)
L +I
509, B = 0. 2486, and the total ionic strength given by
['=m + 3 m., (3)

B was obtained by making Yog = 0.518 at 1 =0, 3, to corres-
obinson and Stokes tables. This resulted in a discontinuity
= 0. 3, which was smoothed graphically, resulting in activity
1lues slightly higher than those obtained by the Guggenheim
e range 1 = 0. 1 to 0.3. The largest discrepancy (0. 004 in
= 0. 2.
e activity coefficient values presented were obtained at
The
The
effect may be calculated from the temperature dependence
ient A in the Debye-Hickel theory. At 38°C, A =0, 475,

of 37 to 38°C, the normal human body temperature.

and at ionic strength 1. 0, this results in a value of Y90 which is higher
than the 25°C value by approximately 0. 025, This discrepancy is relatively
constant down to [ = 0. 1, but decreases to zero at I = 0, and may be cal-

culated from

(38°)

750

Equation 2, assuming B is independent of temperature:

[=}

antilog [0. 050 ~NI/(1 + NI)] (4)
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Corrections calculared from this equation may be applied to the data
in Table XV. For intermediate temperatures, note that A varies
inversely with the 3/2 power of the absolute temperature(%’ 1) .

The influence of other ionic components of physiological fluids
on the activity of calcium ion is probably small. Certainly potassium
and magnesium ion, which comprise less than 6% of the total ionic
strength of serum, have a negligible effect on the activity coefficient
of Ca™™ at ionic strengths less than 1. Calcium forms complexes
with protein and other organic materials(ll6’ 118) but complexed calcium
species are not normally measured by a specific ion electrode, and
because of their low charge density and low concentration probably do
not affect the activity coefficient of free calcium ion. Because of the
unavailability of complexed calcium for precipitation and membrane
transport processes, it is best to consider the free ionic calcium as a
separate species and to work out the equilibrium with protein and other
organic materials separately. These equilibria may, however, intro-
duce substantial discrepancies between ionic calcium as measured with
a specific ion electrode and total calcium as determined by other methods
such as flame photometry(lzo’ 121). Provisionally, then, we may suggest
that NaCl—CaC12

NaCl concentration) as the serum samples to be measured, be used as

solutions, of the same ionic strength (or less precisely,

standards for calibration of specific ion electrodes.

The Calcium Ion-Activity Scale. There are two important

types of cells which can be used to measure calcium ion activity directly
using a calcium-selective specific ion electrode. 'The first type is a
cell without liquid junction:

"Ca" electrode/Ca’ ¥, Na', Cl°, etc. /AgCl/Ag (5)

where the reference electrode is reversible to chloride ion, and the
potential is given by
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E = Eg + B

2
where ’Yi is
approximate
comimon, an

potential:
1t Ca T

The right-ha
in commerci
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E

et

where v St is
the diffusion
bridge and th
independent g
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The fi
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principle be
T
junction betw

mixtures.

The diffusion

anion in the s
large compar

I8

3 RT

In (v i)

R
In (mCa-H) + H]E?I In (mCI_) + (6)

the mean activity of Ca(312 in the mixed electrolyte, given

ly by values in Table XV, The second type is more

1 employs a salt bridge and reference electrode of fixed

electrode/Ca’ T, etc. /KCI (sat)/Hg,Cl,/Hg (7)
nd electrode, including the KCI salt bridge, is embodied
al saturated calomel reference electrodes. The potential

5 given by

.o , RT

RT
P
7 9F

2F

In (mCaH) + (8)

In (’YH_) + E].

the "single ion activity coefficient" of Ca++, and E. is
potential resulting from the liquid junction between t]he salt
e test solution. The standard potentials Eg and E? are
f the composition of the test solution, provided the specific

att,

does not respond to any ions in the solution besides C
rst cell is thermodynamically well-defined, and the mean
icient of CaCl2 in a mixture of extreme complexity can in
obtained by any of the various methods used for simpler
he second cell is not at equilibrium because of the liquid
een solutions, where mixing is taking place continuously.
potential is small if the transport numbers of cation and
alt bridge are small, and the salt bridge concentration is

ed to the test solution concentrations (e. g. saturated KCI).

In practice this condition is obtained with good commercial reference
electrodes, and E]. may vary by less than 5 millivolts over a considerable

range of test
guous way to

solution compositions.

separate 7, .

Unfortunately, there is no unambi-
and E]. either thermodynamically or theoretically,

- 130 -




without making certain ad-hoc assumptions; and an uncertainty in
Ej of 5 millivolts corresponds to an uncertainty in v, of 50%. For
this reason, various methods of eliminating the uncertainty in Ej
have been proposed.

These methods are based on the same principle as the "opera-
tional"” definitions of pH(lzz). Cell 7 is measured with a known solution
whose composition approximates that of the unknown solution as closely
as possible, but the known solution is prepared so that the thermo-
dynamic activity coefficient v, is known from measurements in Cell 5
or by other measurements. The single ion activity coefficient v is
either calculated theoretically or taken to be some function of the
quantity v,. Three simple choices of this function have been made,
each of which has some validity.

Shatkay(l 13, 114) chose to set ¥, =7, and justified this
choice by comparison of experimental potenti_al measurements made
on Cell 7 with a theoretical curve calculated assuming E; = 0.
Garrels(124) assumed that the activity coefficient of chloride ion can
be approximated by the mean activity coefficient of KCI in aqueous KCl

solutions of the same ionic strength. This leads to the relation

2

_ 3
Yi(ca) - Mxcacty! /Myxen! 9

Still another assumption is suggested by the various equations based

on Debye-Htickel theory(40’ 41 . For a 1-2 electrolyte like CaClz, the

value of v + is given by
log v, = - 4 A N/(1+ M) + extended terms (10)
whereas the mean activity coefficient v, is given by

log 7, = - 2A NI /(1 +AT) + extended terms (11)
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If the extended terms are similar in both equations 10 and 11, the
relationjship

Yip = (vi (12)

is obtaihed. Although this cannot be tested experimentally any more
than the othet two assumptions can, it has a stronger theoretical
basis than Shatkay's assumption, and is simpler to calculate than
Garrels’ assumption. In addition to these assumptions, we have also

included two curves calculated by means of thefiretical expressions;
(40

the Debye-Htickel equation for a divalent ion

(0. 509)(4) NI

108 1+ 0.328 anl (19
with theiion—size parameter a = 6; and the Davies(lzg) equation for
a divaleljat ion
log vl = - (0.509)4) L __ - 021 (14)
1+

The Davies equation has been shown to give a good fit to the mean
activity coefficients of a large number of 1-1 and 1-2 electrolytes.
In both oE}f these equations I is the ionic strength, my + 3 m,.
The discrepancy between these four estimates is shown in
Fig. 31 Eand corresponds to less than 2 mv in the potential of a specific
ion elect‘irode for my less than 1. 0. In contrast, Vi = v, (Shatkay's
assumption) gives values between . 45 and . 535, which are off scale at
the top o}f Fig| 27, and the difference from the group of four other
estimateis on Fig. 27 corresponds to as much as 10 mv in the potential
of a specific ion electrode. A similar set of curves is shown in Fig. 32

for CaCl2 alone,
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ACTIVITY COEFFICIENT OF cat™
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2
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Fig. 31 Estimates of the single-ion activity coefficient for catt (at concen-
tration m2 = . 005) in NaCl solutions of concentration mfj. The
various methods of calculation are described in the text.
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ingle ion activity coefficients of Ca++

in aqueous CaCl2 solutions,
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Frant( 115)

was correct in pointing out that in CaCl,, solutions
the ratio v, /7, is larger than unity (1. 2 to 1. 6), but he did not point
out that these particular ratios result because v, varies between 0. 8
and 0. 6 over the range of ionic strength 0. 01 to 0.15. The ratio
(')/Jr)z/’}gl_+ over this same range is 0.95 % .053; the exact values depen-
diﬂg on how ga is calculared. Certainly (*}/i)2 is just as simple and
convenient to use as is v, itself, and has the additional advantage of a
sound theoretical basis.

One further point should be made regarding Shatkay’s choice
of reference electrode system. He has explicitly excluded the possibility
of potential differences arising from the liquid junctions in his cell:

L ; t . .
Hg/ngClz/KCl (sa‘c)/Ca'H (ref)/membrane/Caﬁ(test)/KCl(sat)/I-Inglz/Hg

at points r and t. The over-all potential of the above cell, assuming
- . . ++ .
the membrane is permeable only to Ca ~ is

m,_++ Y
E = RT In Ca (rest) + RT In t(rest). + Et - Er
2K mCa_H(ref) 2F Yok (ref)
(114) +i&

In the simplest of Shatkay's experiments the concentration of Ca’
was kept constant, and only the concentration of added NaCi was varied.
Shatkay attributed all the changes in observed potential tc variations in

the activity coefficient of the test solution, and assumed that B was

equal to B regardless of the composition of the test solution. The dif-
ference Er - B . could have been as large as 10 mv for the concentrated
test solutions, but need not have been included at all if chloride-reversible

reference electrodes had been used in both compartments without salt

bridges.
Because of the agreement with theoretical values for v, ., we )
i : 2 ; )
recommend that either the assumption ¥ Gy = (v L) or tie Garrels(124’

assumption be used to estimate single-ion activity coefficients for calcium
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activity standards.
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Section VI

Prediction of Multicomponent Activity Coefficients Using
the Bronsted Theory*

1 paper published recently(34) we have used the Bronsted-

n theory of specific ionic interaction to estimate the Harned
cients of I\IaCl—GaCl2 and NaCl~Mg(312 mixtures at zero ionic
This theory assumes that the deviation of the logarithm of the
officient from the Debye-Hlckel theory is a linear function of
s of molalities of ions of opposite sign. The coefficients are

rom data for the pure salts. Although the Harned rule

5 predicted were not as accurate as the measured values,

f the correct magnitude and sign, and thus the Bronsted-

n theory is useful for estimating deviations from the Debye-

ry at moderate concentrations.

e data now exists for the three systems NaCl-CaCl
4), and CaClZ—MgC12(29), \
could predict the activity coefficients of one pair from the

9 NaCl-
it was of interest to see how

> other two pairs. Following the formalism set out by
nd Bower,(go) which we used to calculate {9 for Mg012 in

A, we have

2 1 : . .
@19/ = 5 BNaCl 2 BCaClz for NaCl CaC12 mixtures
1 — 2 . 1 - 7
ajg| = 5 BNaCl A BMgC12 for NaCl Mg612 mixtures
1 — 4 - - S
2|7 5 (BCaClz BMgClz) for CaCl2 1\/IgCI2 mixtures
* Unpublished
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In each of the mixtures, the first compound quoted is component 1 and
the second is component 2. From the above relations it immediately
follows that

134 :_8_(051' "O_’)
12 ~ 3 12 12

In Fig, 33, these two quantities are compared as a function of ionic
strength. To obtain these curves, we used experimental data for the
three multicomponent mixtures obtained by ourselves and by Robinson
and Bower. Note that although the curves are approximately parallel,
the Bronsted-Guggenheim theory predicts values for the Harned rule
coefficient oz"lz which are 0,007 more positive than the experimental
values obtained by Robinson and Bower. Nevertheless, such a pre-
diction is more accurate than could be obtained from data on solutions
containing a single salt.

In a similar manner, we can predict that the Harned rule coeffi-
cient for the second component is given by

'y = 4 (op) - agy)

where the notation is the same as before. These two quantities are
compared on Fig. 34. Again the Bronsted-Guggenheim theory predicts
a more positive value for a”lz, but the discrepancy is so large in this
case that it is of little predictive use.

Thus we observe that the Bronsted-Guggenheim theory is of
limited use in predicting the Harned rule coefficients of unknown mix-
tures. If we may generalize from only a single case, we may say that
@9 is predicted more accurately than is o1

E. Studies on the Calcium Amalgam Electrode*

Preliminary Experiments. We have made some preliminary

experiments using calcium amalgam electrodes, which are summarized here.

* Unpublished
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1. Calcium amalgams may be easily prepared by

nbmatlon of the elements, but preparation by electrolysis
lifficult than for sodium amalgams, because of concurrent

evolution.

2. The calcium amalgam electrode is not as reversible

lium amalgam electrode, and a study of its electrode kinetics
ought to precede any attempt to use it for thermodynamic
nents.

This is confirmed by the literature data (Section IV-B),

3. Because calcium hydroxide is relatively insoluble,
ontaining solutions cannot be made basic enough to inhibit the
evolution reaction on calcium amalgam electrodes and thus
sult both from the kinetic imbalance effects and from concen-
larization effects. The kinetic effects are much greater than
n amalgams because of the lower exchange current of the

malgam electrode,

4. The presence of one or two percent sodium ion in the
changes the potential of the'calcium amalgam electrode as

200 mv more positive, which indicates that reliable thermo-

neasurements cannot be made using a calcium amalgam elec-
olutions containing both sodium and calcium ions.

Studies in Nonaqueous Solutions. Although investigators

egsfully made measurements in agueous solutions using
malgam electrodes, it is of interest to establish what the
)amic potential of such an electrode is in nonagueous solutions
ulations based on absolute entropies and heats of reaction,
rd potential of pure calcium in aqueous solution is found to be
(56) . If measurements are made of the potential difference
1re calcium and calcium amalgams of various concentrations
ueous electrolyte containing calcium ions, where no other reac-

1 as corrosion of the electrodes by the solvent) can take place,
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then the thermodynamic potential of the calcium electrode in
aqueous solution can be established experimentally, as discussed
in Section IV-B.

During this program wehave carried out some preliminary
experiments in an attempt to measure the potential difference between
a pure calcium electrode and a calcium amalgam electrode. We have
chosen propylene carbonate {4-methyl dioxolone-2, abbreviated PC)

. .. -127
as the solvent, since it is known( 125-127)

to be a good solvent for ionic
salts and to be stable in the presence of lithium metal,

Propylene carbonate, obtained from Matheson, Coleman, and
Bell, was distilled at approximately 1 mm pressure in a packed frac-
tionating column (Podbielniak Semi-Cal) of approximately 50 theoretical
plates and the distilled material analyzed by gas chromatography. A
two-meter column of Porapak Q (a hydrophobic polystyrene resin) was
used, with an injector port temperature of approximately 140°C, a
column temperature of approximately 75°C, a detector temperature of
approximately 120°C, and a thermal conductivity detector current of
220 ma. The flow rate of helium through the column was approgimately
50 ml/min. The distilled propylene carbonate contained 31 ppm
(0. 0031%) of water and less than 60 ppm of organic impurities, which
were mostly propylene oxide and propylene glycol.

Working in a glove-box with au argon atmosphere we prepared
a solution of 0, 0100 M anhydrous CaCl2 in this solvent, which was
analyzed and found to contain 118 ppm water. Calcium amalgam was
prepared by dissolving clean calcium metal (A.D. Mackay, Inc.) in
mercury. The pure calcium electrodes were polished mechanically
before measurements were made and appeared shiny and metallic
(like stainless steel) throughout the experiments. Potentials of the
cell
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/CaCl, (0.01 M in PC)/Ca(Hg)

red for amalgams of four concentrations, as well as for
pool which contained a piece of solid calcium in contact
was presumably saturated. The results are listed in

If the Nernst relation were obeyed, the quantity listed in
umn should be independent of the amalgam concentrations;

(128): the effect of changes in the

ith other amalgams
ficient of Ca in the amalgam over the conceniration range
uld be less than 10 mv. The observed variation of nearly
t be attributed to the irreversibility of the cell. Even so,

| differences indicate that the potential of a calcium amalgam
sntration range in aqueous solutions would be approximately
re positive than the potential of pure calcium, or approxi-
volts. This is somewhat more negative than the standard
ich we calculated from literature data obtained in agueous

>ction [V-B).

-

elieve that the precision of these measurements can be

The most

hing we observed was that although the amalgam pool
substantial number of gas bubbles in a rather short time,

cium rod remained shiny in the propylene carbonate electrolyte

no signs of gas evolution. Furthermore, the water content

(measured by gas chromatographic analysis) of the electrolyte removed

trom ‘ghe ce
demonstrati
the electrog
The mercuy
water |or O
propy‘lene C
in the 'prese

therefore ¢

ils was substantially lower than that of the original electrolyte,
ng that some of the water in the electrolyte had reacted with

le materials. These observations indicate two possibilities:
v used to prepare the amalgams may have contained either
voen which cauged the amalgam electrodes to corrode in the
arbonate electrolyte; or the calcium electrode passivated
nce of the small amounts of water in the electrolyte, and

ic not achieve its equilibrium potential.
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TABLE XVI

Calcium Amalgam Electrode Measurements

Ca(s)/CaCl2 (0. 0100 M in PC*)/Ca(Hg)

X

(mﬁg 7 B B+ 2T, Xy H,0 content
Ca in Hg) _volts 2F of electrolyte
0.0878 0. 74 0.71 27 ppm
0.0410 0. 65 0.61

0.0148 0. 82 0.77

0. 0136 0. 96 0.91 32 ppm
sat'd 1.8-3.9 (very unstable) <11 ppm

* Propylene carbonate as distilled contained 31 ppm H9O and < 60 ppm
organic impurities. The CaClg solution when first prepared contained
118 ppm HZO'

A number of improvements in this experiment can be made, with
the expectation of obtaining a more accurate value of the potential dif-
ference between solid calcium and calcium amalgam. First of all, the
amalgam potential can be measured with respect to an independent non-
aqueous reference electrode reversible to chloride ion, such as the
TI1Cl/TI(Hg) electrode. To avoid the possible introduction of oxygen
or water with the mercury, the mercury can be distilled in an atmosphere
of dry argon before preparing the amalgam, and the electrolyte can be
pretreated with calcium amalgam before making up the cell. By following

- 143 -




the water,
electrolyte
corrosion ¢

Ery
more diffic
it seems to
tion activel
electrode (
enable us t
due to the g

The
standard pd
would prov
accepted v4
a direct ex]

F.

values for f
in Section I

g

such as chlg

of barium
trodes. In
difficulties
solutions.

CO2 in the
be ].%a(?OlLI)2
excess BaC
such éyster
ments on a
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during this prepurificationprocess, errors due to

f the amalgam can possibly be avoided.

ors due to passivation of the solid calcium surface are
ult to avoid, as we have explained in Section IV-B. Here
be necessary to scrape the surface exposed to the solu-

v during the measurement. Again, an external reference

instead of a calcium amalgam electrode) in the cell would
O separate errors due to the amalgam electrode from errors

olid calcium electrode.

se experiments would result in an experimental value for the
tential of the calcium electrode in aqueous solutions which
de an independent experimental verification of the presently

(56) (93)

lue . which is based on entropy calculations and not on

berimental measurement.

Studies on the Barium Amalgam Electrode*

NaCl—BaCl2 Electrolytes. On the basis of the literature

he standard potential of barium amalgams, we suggested

V-C that accurate measurements of the activity coefficients
alts in combination with alkali metal ions and various anions
ride or hydroxide might be made using barium amalgam elec-
our preliminary measurements on BaC].‘.Z—Ba(OlLI)2 electrolytes,
were encountered with the precipitation of material from these
At first this was assumed, to be BaCOg, formed from traces of
solutions, but later analysis showed that it is more likely to
Precipitated because of the common ion effect by addition of
12. The maximum ionic strength which can be reached in

s is thus less than 0. 1 m, and we decided to attempt measure-
system which would not suffer from such drastic limitations
ation.

* Unpublis

1ed
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During this program, successful measurements were made
with a barium amalgam electrode in BaClz—NaCI electrolytes, using
the cell

Ag/AgCl/BaCl,, H,0/Ba(Hg) --- Ba(Hg)/BaCl,, NaCl, H,0/AgCl/Ag

The apparatus was the same as we have used for our previous measure-
ments with sodium amalgam electrodes (section V). The barium amalgam
was approximately 0. 06 atomic percent Ba, and measurements were made
at ionic strengths of 1.0 m and 3. 0 m, with various NaCl—BaCl2 com-
positions in the right-hand cell. All solutions were prepared by weight
from reagent grade salts (Fisher Scientific Co.) and were analyzed
for chloride by titrating with standard AgNO3 solution. The chloride
concentration of the NaCl stock solution was 0. 7% less than predicted,
and the chloride concentration of the BaCl2 stock solution was 3. 4%
less than predicted. These discrepancies resulted from the water con-
tent of the salt as obtained from the manufacturer. The manufacturer’s
lot analysis of BaCl2 (Table XII) showed no impurities which would be
expected to give a significant error in the EMF measurements, and
so further purification of this salt was not carried out. The pH of 0. 34 m
BaCl, was 5.0 and that of 1. 005 m, 5. 2.

Barium amalgam was prepared by combination of the elements.
Approximately 0. 8 grams of reagent grade Ba metal (Fisher) was brought
into contact with triple-distilled mercury (Doe and Ingalls) in a pre-

2

purified argon atmosphere (< 1 ppm oxygen) in a glove-box. This mixture
was allowed to stand overnight to achieve equilibrium, and the liquid

phase (~ 0.5 atom percent Ba) was diluted to achieve the desired concen-
tration of amalgam. Initially, 0.25 atom percent Ba amalgam was used,

but this was much too viscous to flow through the capillaries at a uniform
rate. For the successful experiments, a more dilute amalgam of 0. 065
atom percent Ba was used. The concentration of the amalgam was confirmed
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eneral, the barium amalgam electrode is much more

The capillaries of

g amalgam electrode system became plugged quite fre-

extreme care had to be taken to keep even small traces
t of the system., The best results were obtained when the

were kept under dry argon overnight while the solutions were

sed. Measurements could then be made for up to 5 hours
apillaries became plugged. Attempts to free the plugged

were rarely successful, and the system had to be dismantled

after each experiment.

ite of the efforts to keep the amalgam out of contact with
yer of solid material appeared to form on the surface, and
isibly thicker with time. Whether this is a slowly-formed

compound of barium with mercury, or an oxide-containing

ot firmly established. The liquid phase of the amalgam was

was not appreciably depleted of its barium content, so that

the actual a‘mount of solid may have been very small.
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as * Imva
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showed no s

' The
this prograr
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nd readings became very inaccurate.

stability of potential measurements was good (+ 0. 05 mv) as

dropping rate was high (> 2 drop/sec), but when the drop was
ne electrode than the other, the potential fluctuated by as much

When solutions were

1y 15-20 minutes, the potentials were affected by only + 0. 1

, except at the very beginning of the measurement. The best

[ was taken to be the average of at least four readings which

ystematic trend, and is estimated to be accurate to + 0, 1 mv.
results of the two series of experiments carried out during

nare summarized in Table XVII. The activity coefficients (7/2 )
ated using the equation
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f
(0) (0)_\" (.,
E=§Iln\m ﬁ(m ) (20) >

S <m(” )2 Gy

The reference solution for each set (superscript zero in above equation)
was the first entry, labeled " 1009 ionic strength BaClE”, and the
activity coefficient of this solution was taken from the tables of Robinson
and Stokes(4 l), as were the correction factors used to obtain the valuss
of log 7, at round ionic strength (listed in the last column of Table XVII),

TABLE XVII

Activity Coefficients of BaCl2 in BaClz—NaCl Electrolytes at 25°C

Tonic
Toni cTé)tt?éngth Stre%gth Ba012 B (mv)(a) -log 7 -log “/i(corr}{‘s}
1. 019 100 0 . 3782 . 3778
1. 029 81. 28 0. 60 . 3848 . 3862
1. 036 68. 42 0. 44 . 3763 . 5783
1. 046 49.71 -2.30 . 3247 L2279
1. 065 14. 89 -12. 00 . 0827 . 0861
3.015 100 0 . 3965 . 3965
3. 009 92.72 -0. 35 . 3911 . 3917
2.992 73.62 1. 22 . 3988 . 5983
2.971 48. 60 -0. 35 . 3493 . 3474
2. 954 28.09 -2.90 . 2662 . 2637
2. 944 17. 89 -6. 35 . 1679 . 1654

(a) Reference solution " 100% Ionic Strength BaClz”

(b) Corrected to 1. 000 m f)nd 3. 000 m Ionic strength using data from
Robinson and Stokes!4
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The corrected values are plotted in Fig. 35.
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ccurs.
d similar to that described 618€Where(3
etal cations (Section III-E), and it may be possible to obtain
mnate numerical value for the exchange current of the barium
om the data listed in Table XVIL,

ualitative picture is given in Fig. 36. Reaction of Na© with

On the same

ave drawn lines corresponding to the Harned rule coeffi-
ined by Lanier(27) using a cation-sensitive galss electrode,
@91 by means of the Gibbs-Duhem relation using the known

Although the experi-

1ts at greater than 609, BaC12 deviate by less than 1 mv from
ical lines based on Lanier's data, the deviations at low
entages are quite large, systematic, and reproducible,
ations are almost certainly due to interference by sodium ion
ectrode reaction, and can be explained in terms of kinetic

nough the potential difference between a barium amalgam and
algam electrode is 300 mv when the concentrations are the
sodium exchange current is so rapid compared to the barium
urrent that interference can be obtained on a kinetic basis
essentially no conversion of barium amalgam to sodium

The quantitative evaluation of this effect can be made
3) for the interference

algam gives a small concentration of sodium in the amalgam,

ough the equilibrium potential of the sodium couple is more
an the equilibrium potential of the barium couple, the high
urrent of the sodium reaction produces a large contribution
ic current. This kinetic imbalance shifts the zero-current
hich we measure experimentally)to values more negative
uilibrium potential which the barium amalgam electrode would
:re was no interference from sodium ion. This shift is in the
tion as the systematic deviations from Harned's rule shown

We plan to carry-out a detailed numerical analysis of this
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From these experiments, it is clear that measurements of
activity coefficients using barium amalgam electrodes in mixtures
of barium salts with alkali metal salts are not as accurate as those
obtained with cation-sensitive glass electrodes. The potential of
potassium amalgam and the exchange current for the potassium reac-
tion are almost the same as for sodium, so that the behavior of barium
amalgam electrodes in BaClz-KCI would be similar to BaClz—NaCL
Better results would be expected for BaCl2~L-iC1 mixtures because of the
more negative potential and smaller exchange current of the lithium
couple.

The optimum system for the next study with barium amalgam
electrodes appears to be the BaCl,-CaCl, or BaCl,-MgCl, system.
There are several reasons for this, First, the potentials of calcium
and magnesium amalgams are considerably more negative than that of
sodium, and the little kinetic evidence available indicates that the
exchange current for these amalgams is quite small. Thus both on
thermodynamic grounds and on kinetic grounds, we would expect Ca'H-
or MgH to interfere far less than Na© with the operation of the barium
amalgam electrode. Furthermore, measurements of activity coefficients
in mixtures of two divalent cations cannot presently be made by any
"specific ion’ electrode method. The bariurn amalgam experiment thus
remains the only practical alternative to isopiestic measurements, and
would be a valuable check on such measurements whenever they are done.

Kinetics of the Barium Amalgam Electrode. We have used

a method suggested by Delahay(1297 130) where the charge required by

an electrode reaction is fed by the charging of the electrical double layer
at open circuit, as the areag of the amalgam drop increases. This method
is particularly suited for studies of the kinetics of the alkaline earth
metal amalgams, since the surface charge on the amalgam is quite
negative, and the capacitance of the double layer isrelatively constant.
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nsity
(1)

the time (seconds) A is electrode area (cmz), q is surface
sity, a thermodynamic property of the interface, given by

(2)

q E-E)

Cint
is the integral capacity of the double layer atpotential E, (20 uf/ cm2)
he zero-charge potential of the interfacial system (-0. 16 v).

he electrode is at open circuit, a situation which may be

ted experimentally by the use of a high-impedance oscillo-

lifier, the cathodic charging current is balanced by a net

rent from the dissolution of the amalgam:

eq{,

is the exchange current and B is the anodic trans-

i, = io exp [ﬁﬁ (E - E (3)

RT

ation, io
ient, I is the Faraday constant, R is the gas constant, and

T is the abisolute temperature., The equilibrium potential Eeq is given
by the Nernst equation:
My, v
E | = E} ¢ RL gy (B2 2 (4)
eq Ba(Hg) o . v
Ba 'Ba(Hg)
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We have already calculated (Section IV-C) the standard potential of
the barium amalgam electrode (molal scale for Ba'® activity, mole
fraction scale for Ba amalgam activity) to be

EBa(tg) = ~1-7271% 0003 volts vs. NHE (5)

(73)

Inour experiments, we used an Ag/AgCl reference electrode,

from the data of Tippetts and Newton

whose potential varies with chloride activity; the potential which enters
the equations above is on the Normal Hydrogen Electrode (NHE) scale,
and is given by

_ 0 _ RT y
ENpE = Pexp T Fagal - 10 (o 7Y (6)
To evaluate the area of the electrode, we have assumed a
spherical drop which grows at a constant mass-flow rate; an assump-
tion which we have verified in our previous studies of hydrogen evolu-

tion on mercury and various amalgams(13 1). This yields the simple
relationship:
1 dA 2
—_ —_——— = — 7
A dt 3t )
Combining Equations 1, 2, 3 and 7, we obtain an equation for the
potential-time curve for a growing drop of amalgam:
.2 _ ~_BF B
101: = g Cint (EZ E) exp [ —R; (E Eeq)} (8)

Since E (-1. 1 to - 1. 4 volts) is much more negative than E, (-0. 16 volts)
for the barium amalgam, this is an approximately logarithmic relationship:

E = a+ b log (iot) (9)
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experiment consisted of megsuring the current-time curve
barium amalgam drop at open circuit, using a Tektronix
The
¢ trace wasg photographed and read with a scale,

Iropping amalgam electrode assembly and solution reser-
as described previously. A silver-silver chloride reference

ras used in the BaCl2 solution , and the potentials so observed

rted to the normal hydrogen electrode scale, as described
cus report. All measurements were made using a Tektronix
oscilloscope with a model 3A7 high-impedance differential
ontaining a comparison voltage potentiometer with + 0. 0001
cy. 'The oscilloscope traces were photographed and read to
Calibrations were made with the comparison potentiometer
onix model 180A time-mark generator,

amalgam was prepared by bringing mercury and a piece of
m metal in contact under an atmosphere of argon. This mix-
lowed to stand overnight, with occasional stirring, to insure
The amalgam thus prepared was diluted to the
centration.
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In runs 4, 5, 6, 7 and 8 (see Table XVIiIl), the saturated amalgam

was used, and these resulted in potential readings which were essen-

tially at equilibrium and did not change over a substantial pericd of

time. A slight time-dependence of potential was observed in experiment

6, when the electrolyte contained both Bau’;fl:Z and CaCl,, and an attempt

was made to analyze this data for kinetic parameters (see below).

Data

Set

3A
3B

10A
10B
2A
2B
9A
9B
6A
6B

TABLE XVII1

Transfer Coefficients and Exchange Currents for

Barium Amalgams in BaCl2 Solutions at 25°C

m
Xp, BaCl, E
1.98x 107% . 06635 1. 6435
7 %1070 .9642 _1. 6459
2.86x 10> 1.7053 _1.6556
1.98x 10°%  .3108 ~1. 6600
2.86% 1075 .3108 “1. 6779
47 x 1075 .4787F  -1.6801

* Qolution also contained 0. 5112 m CaClQ

Note: Errors are standard deviations.
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as not certain — some solid amalgam apparently was always
d. The amalgams used in runs 1, 2, and 3 were analyzed by

them in hydfochloric acid and analyzing the solution for

h a Perkin-Elmer flame photometer. The amalgams used for
10 were analyzed by the flame photometer, and also by

the amalgam in standard hydrochloric acid and back-titrating
1;rd NaOH.,

vithin 1%, which corresponds to an error of 0, 1 mv in the

The concentration obtained by these two methods

and is satisfactory.
ypical current-time curve obtained from the best measure-

ven in Fig. 37. The notations A and B after the run numbers

in Table X
time scales

VIII signify duplicate measurements, sometimes with different
For runs 6, 9, and 10, the drop times were only a few

D

cras
millisecond

rates may
lifetime of

The

15, and the assumptions of spherical drops and uniform flow
not be as good as for runs 1, 2, and ’3, where the drops had a
several tenths of a second. ‘

re were several points about the results of the first calcula-

tions which concerned us. First, and most important, were the large

values of B

which were obtained consistently for runs 9 and 10. Whether

these actually reflected a change in mechanism, or were due to some

systematic
iteratﬁve m
runs 1?0. 1,
and nt:either

| Of t

judgec!;i to be:

(a)

error, was not clear. The other point was that while the
ethod appeared to converge adequately for the well-behaved

2, and 3; the convergence was not so good for runs 9 and 10,
did the results of run 9A agree with the results of 9B.

he possible systematic errors, the most important were

L

Failure of the assumption that the amalgam drops formed
spherically at a uniform mass flow rate. This assumption
is particularly likely to fail for the very short drop life-
times of runs 9 and 10.
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0 10 20 30 40 50 60 70
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'ig. 37 Typical current-time curve for a barium amalgam electrode.
(Run 1, Table XVIII)
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(b)

(c)

Alth
first of the
third by the
time curve,
method are

tion, we as
from double
from dissol
include catk
from hydros

\

where

An additional cathodic contribution to the current
from the deposition of barium on the amalgam (the
back-reaction).

An additional cathodic contribution to the current
from hydrogen evolution.

ough there is no simple way to assess the effect of the

3¢ errors, it is possible to correct for the second and

use of a more complex equation describing the current-
The calculations based on this more sophisticated
given next.

Correction for Cathodic Currents. In our original deriva-

sumed that the only cathodic contribution to the current came
-layer charging and that the only anodic contribution came
ution of the amalgam. We can modify the basic eguation to
odic contributions from deposition of Ba on the amalgam and

zen evolution. At open circuit, we have:

iy = g I g (12)

. [BF .

1O exXp E{? (]: Eeq) ]

For Ba(Hg) = Ba™t + 2¢ (13)

. aF -~ r ‘

i expEﬁ (E - heqﬂ )

H | BF

i, exp |- (E + 0. 059 pH) (14)
= Cyp, (B, - B) () (15)

1nt Z 3]:
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The pH of the solutions used was about 10. The transfer coefficient

and exchange current for hydrogen evolution on mercury( 152) are

known to be: iOH =3x 10 13 amp/cmz, ozH = 0.3, The equilibrium
potential of the barium amalgam (Ee ) was calculated as before, and

C and Ez were the same as before. The problem is to determine

int

the best balues of the parameters S and io for a given set of E, t data.

To bring these equations into a form which is tractable for
curve-fitting, we assumed that the cathodic transfer coefficient for
the barium reaction was given by

o = 2 - B.

Since the back reaction is a small contribution to the total current,
this assumption does not have too much effect on the resuits. The
equations then reduce to the form

y = Bx + log i
where
[ g
= log (i, T1igy) - log -"jl—exp—g]i(E-E )‘
: J
X = ___.F____ (E - Ee )
2.303 RT q

from which 8 and io can be obtained by the method of least squares.
A computer program used to carry out these calculations was
written in CAL, a conversational algebraic language used with the

(16)

(18)

(19)

SDS-940 time-sharing system, marketed in this area by Dial-Data, Inc.

The results of thege calculations are given in Table XVIIL,
Figures 38 and 39 show the deviations of the experimental data

from the theoretical curve, expressed as y(calc)-y(obs). In all cases,

the systematic (s-shaped) deviations far exceed the random error in
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Fig. 38

Deviations of current-time curves from theoretical equations.
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Fig. 39 Deviations of current-time curves from theoretical equations,
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the 'meagurgments.” "Thus the equations do not describe the observed

current-tim

& curve exactly. However, in no case were the deviations

greater than 10%, and some of these systematic deviations may be due

to nonlinear!
On Figs. 38

ity

Ain the oscilloscope or in the method of reading the curves.

anéij;_39, potential becomes more negative and time increases

as one proceeds from right to left. There are no obvious systematic

deviations at the sfia_lall time intervals, as one might expect if there

were deviati

ons from the spherical-uniform drop assumption,

Figure 40 shows the relative contribution of the hydrogen evolu-

ﬁibn current
a1l other rut
Iess than 4%
Similafly, t}
negligible at

mustawait s

tions can be

dissolution o

two steps

and different

anodic react

is assumed t
form of Equa

B is the tran
O‘ and 1.

If. th
t?ransfer coefi

to runs 2 fand 3. The arrows show increasing time. For

s the hydroéen evolution current was completely negligible:
for run 6, and less than 19 of the total for runs 1, 9, and 10.
1e contribution of the back-reaction is also small, but not

the high amalgam 'c‘oncenti'”ations.‘

Discusgion. Detaﬂ@d analysis of the reaction mechanism
tudies, of the con‘centreitio_n dependence of io’ but some specula-
made at this early stage in the investigation. The anodic

f barium amalgam may be represented formally by the

Ba(Hg) - Ba® + e

+
a

B - BaH + e
expressions for the potential dependence of the over-all
ion may be obtained depending on which of the two steps
0 be rate-controlling. In either case, an equation of the
tion 3 or Equation 13 results., If the first reaction is slow,
fer coefficient for the first reaction, and should be between
1e second .reaction is slow, 8= 1+ ', where ' is the

ficient for the second reaction, and 8 should be between 1 and 2.

3
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GURRENT DENSITY, mA/cm®

1
|.2 — —
.l -
+
1.0 -
+
9 / -
8 + -
TOTAL CHARGING
L CURRENT, RUN 2A -
TOTAL CHARGING CURRENT,
6l RUN 3A
+ .
4 -
3 —
2 -
| WGEN EVOLUTION CURRENT (same for both) T
+ ———
0 [ty e L S TN
-1.60 -1.55 -1.50 -1.48

POTENTIAL VOLTS vs NHE

Fig. 40 Contribution of hydrogen evolution to total current,
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If both electrons are transferred within the time of a collision

with the ele
value betwe
this latter D
viewpoint N
| Alth
method, rurl
9 and 10 giv
it give$ imp
runs 2jand 3
the same am
in the soluti
concentratio

Our
that the first
Ba_H
be preéent,

occurs

two faradays
mechanism i
If the first e
exchange cux
and as the 11
quantitativel
(such as pH
definite ly( 13

If the
concentration
result éf a s)
imply a dran
Xpgq = 2 x 10
slower, and

e large values of 8.
0ssibly large values for 5.

1algam concentration although the concentrations of BaCl

ctrode, the distinction is blurred, and p may have any
en 0 and 2. Unless B is approximately unity, however,
ossibility is considered quite unlikely from a theoretical
132, 133)

bugh there are differences from the results of the iterative

s 1, 2, and 3 still give values of 8 near 0. 4; whereas runs
Run 6 does not fit the equations at all;
It is interesting to note that
give essentially the same values of exchange current for

2

on differ by a factor of 20. Run 1, with a lower amalgam
n, gives a small i .

0

>xperimental results at low amalgam concentration imply

step is rate controlling, and that the oxidation of Ba® to
very rapidly. Thus a negligible concentration of Ba™ will

and coulometric studies should reveal a rigorously constant

barium ion produced. The most important criterion of

s the concentration dependence of the exchange current io‘
lectron-transfer step is rate-controlling, we expect that the
'rent will vary as the 8 power of the barium ion activity,

B power of the barium amalgam activity. This is verified
v. Further experiments with the effect of ligand concentration
>ffects) can identify the actual reacting species more

3).
large values of 8 obtained for runs 9 and 10 (higher amalgam
1s) are true estimates of the kinetic parameters and not the
'stematic error due to the fast dropping rate, these results
1atic change in mechanism over the concentration range from
4 to XBa =2X 10_3, whereby the second reaction becomes
relatively high concentrations of Ba® can build up. Runs 9 and
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10 have the same amalgam concentration, but the exchange current

is significantly higher for run 10 (with the higher BaC12 concentration).
This result indicates that the concentration of Ba't (and hence Ba+)
influences the rate, which it apparently does not at lower amalgam
concentrations.

A quantitative inconsistency in the results of runs 1, 2 and 3
is the very strong dependence of io in amalgam concentration. If the
reaction were a simple reversible electron-transfer, the coefficient
d (log io) /d (log XBa) should be approximately equal to 8. Evaluating
this coefficient, from the results of runs 1, 2, and 3, we obtained
approximately 2.7, instead of the expected 0.3 to 0.4. 'This may simply
reflect the changing mechanism in this concentration region, and more
dilute amalgams may give more consistent results.

The results of run 6 are ambiguous. It is not possible to tell
whether the poor fit results from the short drop times, or from the
interference of the calcium ion with the barium reaction. The low
exchange currents obtained are meaningless because they result from
the impossibly high values of 8 which are obtained. If the barium ion
reaction is the only one taking place, 8 cannot be greater than 2. Inter-
pretation of these results will have to wait until some kinetic data are
obtained fro the calcium amalgam electrode.
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