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As the Nation’s principal conservation

the Interior has basic responsibilities

agency, the Department

for water, fish, wildlife,

neral, land, park, and recreational resources. Indian Territorial

Fairs are other maior concerns of America’s “Department of

~tural Resources”.

The Department works to assure the wisest choice in managing

our resources so each will make its full contribution to a better

Iited States—now and in the future.

FOREWORD

is one of a continuing series of reports designed to present

s of progress in saline water conversion and the economics of

ication. Such data are expected to contribute to the long-range

ment of economical processes applicable to low-cost demineraliza-

sea and other saline water.

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

!d by the contractor. The data and conclusions given in the report
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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 concentra.tioll

in the electrodialys is 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+, Cl-, H20, MX/ AgC1/ Ag

for added salts (NU) Na2S04, KC1, LiCl, MgC12, 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 potassium 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.

S~andard 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 rnulticornponent systems NaCl -Na2S04, NaCl -LiCl,
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12, NaC 1-MgC12, and NaCl -BaC12. Activity measurements

lcium-sensitive specific ion electrode are reported, and

of the activity of calcium ion in mult-icomponent solutions

ed. A possible method based on the Br8nsted theory for

1 of activity coefficients in multicomponent mixtures is

Experimental studies of the

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

b 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 d~eory of irreversible

‘1) The driving force, Xi,thermodynamics . for the separation process

is the sum of the chemical potential gradient, ~ Hi, the electrical
... potential gradient, ~ $, and the external hydrodynamic or mechanical.-
,..

forces (here represented by Y) imposed on the system:

The chemical potential gradient may be expanded as follows:

Where the sum is taken overall the components of a multicomponent

electrolyte, vi is the partial volume of component i, p is the pressure,,.

(1)

(2)

and C is the concentration of each of the various components.k

-1-



I Let us considers simple case ofelectrodialysis of a single

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

by taking schneapproximatevalues ina one-dimensional model.

Typically ’Y is oftheorderof105joule/mole cm (a.ssuminga

potential di :?ference of 10 ‘2V across a membrane 10”2cm thick).

The work termv~)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 , if we ignore activity coefficients and assume a ratio

of concentr ~.tion across the membrane C“/ C’ ~ 2, we have approximately

‘“] ~i = RT ‘y;/yllg

“#”I
1.7x 105 joule/mole cm

c’

i

i. e. as exp cted, the force applied is of the same order as the force

opposing flo of ions in the direction of the field. Let US now assume

that the acti ity coefficient changes from O. 6 to O. 8 we go from the

more conce trated to the more dilute solution, Then using the proper

ratio a“/ a’ = (2) (O. 6/ 0. 8) = 1.5 we find that the correct value of

~ Pi i: ill fact 1“ O x 105 jo~le/ mole cm; a difference of about 70%
in the drivin force. This example makes an obvious point, but it

must be em hasized that the kinetics as well as the thermodynamics

t

of the over - 11 process are affected. The

where Lki id a generalized conductivity of

flux of component k is

the membrane. The flux

/

depends dir ctly on the term Xi calculated above and any errors in

its estirnati n will be directly reflected as errors in calculated rates.

The ituation is more complex where we deal with multicom -

ponent solutions. In this case, the diagonal coefficients in eq, (2),

(~ Ui/ ~ Ci) re the largest terms, but since the chemical potential

of eaclll com ~orient is affected by every other component, pa~ticularly

in conckntra ed solutions, the off-diagonal coefficients are not zero.

Expressed ill terms of activity coefficients ( 7,), these become;
i1

-2-



; 13 ~1 “’i RT + RT ~oyi=—
; aci

)
‘\\ 8 Ci / c.

1 Yi
i /

a pi

)

‘aYi
RT __

\ a“c = vi )
i~k

k,
jack,
i

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 spec”ific 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 TOreplace chemical potential gradients by concentration gradients.

Thus, in the partial differential equation for channel flow
(1)

a (uc)+ a UC- Dfi~=O
ax ay

(where L1is the velocity, C is concentration, and x and y are 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 rnulticornponent 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 normal’ y used with consequent possibilities of substantial errors.

-3-



!Le ~us turn to

desalinate 11 process.

yet another topic of grea~ importance in a

Scale formation in distillation involves

ic equilibria which depend, of course, on activities rather

trations. Activities have rarely been used in the analysis

ca le formation because of the limited availability of activity

particularly when dealing with concentrated solutions,

That activi !ies are important- is clear, for example, from the effect

of total sal : content on the volubility of calcium sulfate or from the

more genel -al observation that the volubility of slightly soluble salts

strongly in ,.xeases with the presence in solution of a large number

of ions of s ome other soluble salt. A n understanding of such inter-

actions is r ecessary in order to explain, and thus predict, the wide

variability in the nature and thermal resistance of scale formed in

different w,‘tters. To cite an example again, the thermal resistance

of scale for med during boiling of water from the Donets basin is con-

siderably 1arger than that formed during boiling of Caspian Sea Water,

although th & concentration of scale-forming agents in Caspian Sea

Water is 3 :04 times larger. The origin of this difference is to be

found in th e much larger total salt content (about 10 times larger)

in the Done :s basin water (.2),

We can generalize all the above examples by drawing ail

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

most comm ~n desalination process, namely distillation. Here, it

is clear th a : accurate knowledge of the activity of water, and hence

of the vapor

perature, e

indispensibl I

The ~

solutions co

desalinatiolll

pressure of water as a function of salt content, tem -

C. is absolutely necessary. In an entirely similar

wledge of ionic activities in the multicomponent salt

)cessed by other desalination processes is equally
i,.

~mphas is in this work has been on multi component salt

~taining NaCl, since these are the most relevant to

of water. A bibliography of papers (3-39) concerning

I

, ,.
,)

I

—.
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.,,

activity coefficients in m,ulticomponenr salt solutions

Table I. This list does not include measurements on

is given in

nonaqueous

systems nor the very extensive series of measurements on systems

containing HC 1 together with another solute made b Harried and

co -workers and well-summarized elsewhere
(40, 41 r

Three principal methods have been used to determine activity

coefficient-s 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 -CaC127 NaC1-MgC12~ a~ld

NaC1-Na2S04 (32 ‘34). The Yesults of these investigations are

given in section VI of this report.

The isopiestic method+ased on equilibrating the rnulticom -

ponent electrolyte vapor pressure with an electrolyte of known vapor

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 solutions;

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 is opiestic

method in that an ernf 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 asymmetry potential of the membrane may

-5-



13ibliog

Solutes

NaOH + NaCl

KOH + I<C1

LiO1-I + LiCl

I<OIH+ KBr

I<OH + KI

I<OH + KC 1

NaOH + NaC 1

I<N03, I<C1

‘iN03’ ‘ic 1
mixtures

NaOH + NaC 1

I<OH + KC 1

I<C1 + LiC 1

I<C1 + glycine

TABLE I

aphy of Activity Coefficients in .Multicompo~le~~t

Aqueous Salr Solutions

(excluding systems containing HCl)

Miethod

PJa amalgam - H2 electrode

K amalgam -132 electrode

Li amalgam - IH2 electrode

1<amalgam -1-12 electrode

K amalgam -1-12 electrode

Na amalgam - H2 electrode

Freezing point

Authors

Harried

Ha,r[led

Harried and
Swindells

Harried and
James

Harried al~d
Harris

Scatchard and
Prentiss

Year

1925

1925

1926

1926

1928

1934

Na amalgam - H2 electrode I-Iarned a~~dCook 1937
Na amalgam - Ag/ AgCl electrode

K amalga~m -1-12 electrode

K amalgalm - Ag/AgCl elect-rode

Lsopiestic Owen and Cooke 1937

~ell with transference, Roberts and 1941
~g/ AgCl electrode I<irkwood

-6-
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10
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XC 1 + L~.C1
.+ iNp.Cl+ LiCl

MN03 + LiCl

Kc 1 + KBl-

iNaCl + l<C1

Nac 1 - Mgc J.?

I’4acl - cac17

NaCi - SrCl~

NaC 1 - BaClj

:, ,,,.7

. . .

-—..

. .. .

/

,,., .,

.
—!>, . -—. :

-r

,:
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Solutes

NaCl - NaC104

NaCl i- BaC12

KCl + glyqine

KCl + BaC12

CaC12 +NAC1

NaCl + Mg@12

NaCl + CaC12

Nacl + src12

NaCl + BaC12
NaCi + Na ~ceta

NaC 1 + Na~ 104

NaC 1 + Na~03
1-

‘ac 1 + ‘a2s04

NaOH - Nat 1

Cac 12 - M~C 12

TABLE I (cont.)

Method

isopiestic

isopiestic

isopiestic

isopiestic

glass electrode reversible to

Na+; Ag/ AgC 1 reference

glass electrode reversible to

Na+; Ag/ AgC 1 reference

Na amalgam - H2 electrode

.sopiestic

-8-

Autilors

Scatchard and

Yoes L

Robinson and

Bower

Bower and

Robinson

Robinson and

Bower

Moore and

Ross

Lanier

Ferse

Robimon and

Bower

Year

1964

1965

1965

1965

1965

1965

1965

1966

Ref.

22

,,
23

,.,,

24

25

26

27

..-,

.,“

28

29



Solutes

NaCl -CaC12

,.,

NaCl -Na2S04

NaCl - MgS04_>

NaCl -MgS04

‘acl - ‘a2s04

NaCl - LiCl

NaCl -CaC12

NaCl - MgC12

TABLE I (cont. )

Method

isopiestic

glass electrode reversible to

Na+; Ag/ AgCl reference

isopiestic; I’4a (Hg) - Ag/ AgCl

Na amalgam - Ag/ AgCl

electrode

Na amalgam - Ag/ AgCl

electrode

Na amalgam - Ag/ AgCl

electrode

HC104 - LiC104
-,... I-IC104 - NaC104 isopiestic

LiC 104 - NaC 104~..
-.+d

NaCl - Na2S04 isopiesric

‘acl - ‘a2s04 glass electrode -Pb(Hg)/ PbS04

NaCl - MgC12 isopiestic

NaCl - Na2S04 isopiestic

NaC 1 - I<C1 isopiestic

Authors Year

Robinson and 1966

Bower

Gieskes 1966

Plarford 1967

Butler, Hsu and 1967

Symott

Butler, Huston 1967

and Hsu

Butler and 1967

Huston

Rush and Johnson 1968

Platford 1968

Synnotr and Butler 1968

Platford; Wu et. al. 1968

Rush 1968

Rush and 1968

Ref.

30

31

31a

32

33

34

35

35a

36

37

38

39

Robinson
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chande w~t 1 timm, Both glass electrodes (for Na+)(21’ 26’ 27) and

organic mt ,tmbrane electrodes (for alkaline earth cations) (18-20)

have been used successfully. We have made measurements with

both these types of systems (see section VI -A and VI -B).

In r ~os b:mixed aqueous electrolytes, the activity coefficient

of at least m~ of the components has been found to obey Harried’ s
~u~e(#o, 41 ).

@ Y~2 = log v~o - ~@21
\

wher~ yl~ :.s the activity coefficient of component 1 in the lmixed

clect~oly~e of ionic strength 1, Ylo is the actj.vity coefficient of

cmr.p+nent ; alone at ionic strength 1, X2 is the ionic strength

fxa ctilm of component 2 in the mixed electrolyte, and a12 is the

l-]ar]~ed RUIe coefficient, which depends to some extent on the

total ionic f!trength 1, but not on the fraction of the second component

‘2 “ An-lollg th~ systems not obeying Harried’ s Rule within ex -
(3, 4)pm-i~n’ental e~-ror are the 1<01-1-I<C1 and NaOH-NaCl mixtures .

In -d-E‘Syst e m NaCl -lNa2S~4, it was at first believed that Harried’ s

Rule was ok~eyecl for only NaCl(27), but independent measurements

showed tha h Harried! s Rule is obeyed for both components (32, 36, 38)

These thre e are the only cases where independent measurements

were made ~

deviations d

meastireme

A lth

be calkulate

of the ~ctivi

positidm, t

independent

perimental j

This

mess Llremel

~f the activity coefficients of each component. Small

-om Harried’ s Rule have been observed in very accurate

,#9).

~ug]] the activity coefficie]~t of the second component can

~, by the Gibbs -Duhem relation, from measurements

y coefficient of the first component over a range of com -

[e final t~st of thermodynamic consistency is to make

measurements of the two components by different ex -

nethods,

report discusses the use of amalgam electrodes for

.ts of activity coefficients in muiticomponent salt solutions,

,.,,

I

I

. .

—:
.r’

----



with emphasis on understanding the limita~ions in our present knowledge

of amalgam electrodes and on mess uring accurate activity coefficient

data relevant to desalination of water.



J11. THE EM METHOD OF MEASURING ACTIVITY COEFFICIENTS

An el~ ctrochemical cell, reversible to one component Of a

multicompon nt salt solution, can be used to obtain the activity co-

efficient of tnat Component directly. A 11example of this method is

the measurem .ent of the activity coefficients of NaCl in mixed aqueous

NaCl - Na2SC ~ electrolytes. We used the cell(32)

Na, Hg/ Nay, Cl-, S04= / AgCl / Ag

whose em.f is given by
(mNa+) (mC~-) (@2

E=E ‘;O - Z!l 111
F

‘Na ‘Na

where E“ is t lhe standard potential, R is the gas constant, T is the

absolute temp .$rature, F is the Faraday constant, m is solution con -

centration in r3oles/ kg, ~ ~2is the mean activity coefficient of NaCl

in the elecmol ‘yte, XNa is the mole fraction and -yN~ is the activity
L

coefficient of 1~a in the amalgam.

In orde r that the activity of sodium in the amalgam need not

be kept rigoro .1sly constant for a series of measurements at different

electrolyte CO1:.centrationsj two cells are used. The reference cell

contains a[l el c ctrolyte of constanr composition and the two amalgam

electrodes arel

of the composil

Ag/Ag6

depends only 01

where m is cor

the mean activ]

solution of fixe

to the solution

fed from the same reservoir. For example, the emf

e cell

~!):~b~j-,s~4=/Na Hg/Na+,&l-~~gCl/Ag7
lx

the ratio of activities of NaCl:

F

~entration expressed in moles per kg of water, Y is

[y coefficient, the superscript zero refers to the

1 compositions, and ~he unsubscripted quantities refer

)f variable compos tion. Since the composition of the

-12-
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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 meam 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 y 12 in the mixed

electrolyte to 7° ~0 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(3-7), 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 sodiulm amalgam-silver chloride ceil, 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

ions 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 iodide, cyanide, wld heav~~

metal ions. The activity of NaCl can probably be measured in

mixtures with many nonreducible anions: NaOH,, NaF, NaN03, NaCl~3,

NaC104, Na2C03, NaHC03, Na2S04, possibly NaBr03 and Na103, as

_13.
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well as the s’ dim-n salts of many organic acids. In section VI-A we

have reporte our results (32, 36) on the NaCl -Na2S04 system.

The iells used in the studies we are concerned with are

usually desc’ ibed as “cells without liquid junctions. “ This is at

best only an pproximation. In fact, cell (1) is better written

Na, Hg/ Na+, Cl-, S04=/Na+, Cl-, S04=, Ag+, AgCl, AgCl~, etc.

!
/AgCl(s)/Ag

with a well-d fined junction between the electrolyte saturated with

AgCl and the pure electrolyte which contacts the amalgam electrode.

Only because of the low volubility of AgCl in excess chloride can we

neglect this 1 quid junction potential.

Figur 1 shows how the s olubilit y of AgC 1 and the concentrations

of the variou silver chloride complexes vary with the concentration

’42’ 43). Instead of decreasing indefinitely with in-of added chlo ide

creasing chlo~ ide concentration (as predicted by the volubility product),

the s olubilit y of AgCl passes through a minimum value (a$out 5 x 10 “M)

when the cone entration of added chloride is about 4 x 10 M. In solutions

containing O. 1 to 1 molal chloride, the volubility of AgC 1 may increase

to values gre a ter than 10-4M, and most of the soluble species will be

anions of high charge, such as AgC13 = and AgC14=.

Becau se the activity coefficients and nobilities of these ions

are unknown, it is impossible to calculate the exact value of the liquid

junction poten :ial, but a rough approximation can be obtained using the

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

(5)

4Here ti are tr’ nsference numbers; the sums are performed over all

{

the ions prese

in the left han

right -hand co

[t, and the integration made from the bulk of electrolyte

compartment (1) to the bulk of the electrolyte in the

~partment (II).

-14-
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I‘ Col sid.er a case where a large liquid junction potentia is ex-

pected, sal: lrn NaCl containing 0.002 m AgC14=, and make tk,e
I

assumption

small. FTJ

large enou

value of E
J

that $f the

Alt

repo~ted,

has been n

EM.F ,lmeth

I
I

that the mobility of the silver chloride complex is very

)m equation (6), we obtain E~= + O. 08 mv, which is

11 m be a significant systematic error. The calculated

becomes smaller as the mobility of the complex approaches

:hloride ion.

ough no detailed investigation of this effect has yet been

t may account for a discrepancy of several percent which

~ted between activity coefficients of NaC 1 mess ured by the
(44).ld and by the direct measurement of vapor pressure

.16.



111. A LI<ALI METAL AMALGAM ELECTRODES

Since the main emphasis in this work has been on solutions

containing NaC 1, we have devoted most of our effort TOmeasurements

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 activity 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 electrod~ has been used (45) to

determine the activit-y coefficients of hTaC1., the exchange current for

the reversible reaction

Na+ + e ~ Na (area Igarn)
2 (46)is of the order of 1 a/cm , cornpar-able t-o that of the platii~um. -

hydrogen or silver-silver-chloride electrodes (47).

The second criterion, that the activity of the reactants bs

either constant or accurately known, is more difficult to satisf}’. The

composition of the electrolyte can be accurately measured by analysis.

However, because of the poss ibilit:- 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 med two identical cells, with one containing a solution

of known activity, as described in the previous secrion.

The final criterion, the absence of side ~eactio~ls, is the ~~lost

difficult to satisfy and is the primary cause of experimental difficulties

with amalgam electrodes. Even though the activity of an alkali metal in

-17-



a dilute amal

pure metal(4

may still tak

Dissc

two ways: (a

value becaus

(b) It increa

immediately

electrofle pot

The first of t

on salt ‘conce

salt coricentr

be m.uc~ larg

ln adc

take pla ce wi

if its potenti:

reaction

ta ining both E

B. E~—

at a sodlium :

sodium chlor

Na.2S04). TI

of sodium fr(

~am (typica’.. ly 0. 05%) may be 10-14 t. mes that of the

‘), the direct dissolution reaction

Na + H20 –~ Na+ + OH- + *H2

(49-51): place at the amalgam-electrolyte interface .

lution of the amalgam affects the measured potential in

) It shifts the zero-current potential from the reversible

~ of the additional electrode process of hydrogen evolution.

:es the concentration of sodium, ion in the diffusion layer

ldjacent to the electrode surface and thus shifts the

;ntial. Both of these shifts are to more positive values.

lese processes depends of pH but does not depend strongly

ltratio~n. The second becomes most important at low

~tions, where the concentration in the diffusion layer may

x than the bulk concentration of the solution.

ition m dissolution of the amalgam, reaction can also

:h the cation of the second salt in a mixed electrolyte,

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

Na(Hg) + 1<+ e K(Hg) + Na+

~otential of a sodium amalgam electrode in solutions con -

xlium and potassium ions.

various effects will be discussed in more detail below.

fec~ of Hydrogen Evolution

; consider first the potential shift due to hydrogen evolution,

malgam electrode in, an electrolyte cons Isting only of

Lde, water, and an inert sodium salt (such as NaOI-I or

e only anodic process that can take place is the dissolution

m the amalgam:

Na(I-Ig) ~ I’da.+ + e (a)



However, two cathodic processes can take place:

Na+ + e- - Na (Hg)

H20 + e- + + HO(S) + OH-

The net current at the electrcde will he the difference

anodic and cathodic currems:

i=i-i-ira b.
.

and the potential at which this current is zero will, in

.-.

different from the revers ibie potential for

i = ia - ib.

We can obtain an expression for these var

“i9-



Ima

transfer cc

rectificatic

in terms of

Metal

Na

I<

Li

“CM+=(

The units o~

both in molt

Table 11 giv

The concen~

concentrati~

amount at a

electrode h:

~easo

evolution re

~ ~ ~~-13 a,

potential of

’46) have measured exchange currents andand Delahay

fficients for the alkali metal reactions using the faradaic

method, and their results are summarized in Table 11

the following equation:

i=o
~’ kao Cfi;a) C (a)

M

TA13LE II

Kinetic Parameters for the Alkali Mets

a’

Amalgan~s(38)

*
–lr)—

amp 1 cm -2 mol~ -1 -
amp/ cm2

0.61 17.4 2.6
0.59 5. c1 0.57
0.65 8.9 0.0035

5m; E = -1.795 volts.

F kac’ given in Table II are sLIch that CM+ and CM are

S/ liter, and i. is in amp/ cm2. For comparison purposes,

s i. for conditions corresponding to oL~r experiments.

ation of metal ion in solution was fixed at O. 5 m, and the

~ of metal in the amalgam was taken to be the equilibrium

]otential of -1.795 volts. Note that the” sodium amalgam

] the highest rate of the three alkali metals listed.

’52) for the kinetic parameters of the hydrogenable values

ction under the conditio~ls of our experiments are i =

p/ cm2 and a = O. 50, independent of pH. The rev~rsible

le hydrogen reaction is -0.059 pH volts, so that

ic = 3 x 10-13 exp [ -19.47 (E + .059 pH)]

-20.



Addition of neutra

is an upper limit.

salt decreases the exchange current, so that this

In Fig. 2 these components of the current are plotted for [he

potential region near the reversible potential in a typical case at

pH = 7, The zero-current potential is shifted approximately O. 75 mv

more positive because of the contribution from the hydrogen evolurion

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 t-o more negative values and

decreases ic. For example, at a potential of -1.795 volts with pH =

12.0, the current ic is calculated to be 2.8 x 10-4 amp/ cmz. This

is only about 0. 01% of t-he current due to the sodium reaction, and

produces a negligible shift in potential, less than O. 005 mvt

One crucial point must be considered in this discussion: The

curren-potential curve for the hydrogen discharge reac~ion on

amalgams is strongly affected by impurities in the solution, notably

’49’ 50). It is therefore important to useoxygen and organic materials

extremely pure materials and to prepare both the amalgams and the

solutions in an inert atmosphere. The presence of traces of oxygen

in the solu~ion allows the additiona~. reaction

~02+H20+2e L~20H - (d)

to take place, adds another cathodic current contribution to the total,-. ,
currenL-, shifts the zero-current potential to more positive values (>1).-

-:
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
lr~ c .
(J~, Jd)hydrogen overvoltage, essentially identical to that of pure mercury .

In the presence of traces of oxygen, however, the shape of the current-

potential curve is drastically altered, and oxygen reduction becomes

-21’
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“ihe pyimary process . Rem~iVaI cf the iast traces of oxygen from the

solutioiz can be achieved by passing the solution over platinum black,
(54), The platinumwhiis samratiilg ~he sclu~i.on with pm-e hydrogen

13isck a)cm as an lntmmally si:crt-circuited fuel cell, a catalyst for the

c ornb ination Gi hydrogen with OX;JSen, and effectively removes the

last traces of oxyaen from the sclu.tion. AS discussed later, this

type of purification can he carried oLlt without appreciably affecting

:h.: ,siectrol’yte concen~:arion.

Traces of adsm-hhk crganic material can also be removed

by ad.SOr@Oll 011@~tj.HU].T-b~.ack, tim iII order for this to be effective,
“%

the system must be free of ~rease or wax, and must be scrupulously

clean. Giliy glass anti Teflon ap~>ear to be compatible wit-h hydrogen
(53)~vervo~~age m~as~lremcnts & high acc’uracy .

Flilall.y, let us consider what the effects of amalgam and electrolyte

concentration will. he. The exchai~ge curreilt for the amalgam reaction

is increased boIh by increasing the concentration of salt in the solution,

and by increasing the concen’ma~iori of sodium in the amalgam (Eq, 6).

The reversible potential of :he sodium ioln -sodium reaction is shifted

to more negative values by increasing the Conceiltration of sodium in

th5 amalgam, and TO more l~csitive values by iilcreasing the COII-

cenmation of sodium salt in ‘cha electro].yte (Eq. ~).

‘ThLw, the most Iavom,blfi conditj.ons for operating the amalgam

~~ectro~e s G dnat the minimum shift fr~~l the reversible potential,.:

xcurs is !0 use (1) ai!cali!~e soiutions, (2) a high concentration of sodium

% salt I.n the e~ectrolyte, (3) a m.cdsrately low concentration of sodium

in th~ am-a l.gam: ailc! (4) exlxemd purity of s cdutiom, particularly

freedom. from oxygen and organic materials.

C. Eff~ct of Concentratioil Polarization

Now La~ us turn to another factor which may cause a. shift of the

mess Llrd potent ~.al from, the true reversible potential for the sodium

ion -sodium couple: changes in concentration in the diffusion layer



near the elecl

activity (withj

ion in the ele~

although it is

appreciable f

or oxygen re(

in the sdlutio]

Eventually, a
I

centratiqns a:

of the am alga

face to the bu

appreci~bly f:

of these diffuf

The on]

were carried

apprecia ble o

expected for (

have us~d in t

the type ,of ef~

of the potenti:

If the di

that in the bul

activity of Na

am,alga~~ is d

tramspor tofh

shift in potent

to be ~

rode. The potential of the e ectrode depends on the

n a few angstroms of the electrode surface} of sodium

trolyte and of sodium in the amalgam, not in the bulk,

the bulk activity which we want to measure. If an

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 (51)

out with concentrated amalgams in solutions containing

:ygen. 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

~ct to be expected and give an upper limit to the magnitude

1 shift which may be obtained.

Merence 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

:noted 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)

l+s
aNa+

l+m
aNa

_24-
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Illgell~ral, 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 (51)

Using a potassium amalgam containing 0.133 mole percent

potassium in oxygen-containing solutions, Brauer and Strehlow (51)

found that the mess ured potential was 10 mv too negative in O. 05 M KC

solutions, and 70 mv too negative in O. 005 M KC1 solutions when com -

pared to the values extrapolated from high concentrations. However,

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

-3
E = 0.0591510g(l + 7“8 x10 )

CK+

the potentials over the entire range of concentration from 0. 0005M

to O. 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

simple function such as Eq. (9) above, it is possible to correct

effectively for the diffusion process.

a

Since this concentration polarization effect is caused by the

corrosion of the amalgam, it can be decreased by the same measures
-w

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 phase. This effect also

tends to make the observed electrode potential more positive than the

.

(9)

true reversible potential corresponding to the bulk activities. However,

unlike the kinetic shift, the concentration shift becomes most important

_25_
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utions, and usually is responsible for the lower con-

mit at which accurate measurements can be obtained.

ecision of Measurements with Sodium Amalgam Electrodes

,ost careful work previously done with sodium amalgam

‘55), in which they deter-~as a study by Smith and Taylor

:andard electrode potential of sodium. By making mess ure -

:ompletely air -free system, they were able to obtain for

of the cell

Hg, Na/Na+Cl-/AgCl/Ag

I were reproducible to within + O. 02 mv. Their results—
]e large random deviations observed by earlier workers,

+ O. 4 mv, may have been caused by a failure to exclude—
the system. rigorously.

experiments (30) we have observed deviations smaller than

er the most favorable conditions. For example, in one

we used 1. 000m NaCl in one cell and 1. 000m NaCl +

504 in the other cell. Both solutions were O. Olm in NaOH,

lgam contained 0.365 weight ~ Na. The values obtained

difference between cells, on successive changes of

22.25 + O. 05 mV

21, 85 +0.05 ml’v’

21.65+0.01 mv.—

lue was constant for over an hour without appreciable

considered to be the most reliable value.

ion of this order ofi magnitude is comparable to that of

:urate potentiornetric studies which have been carried

n3tem(40’ 41? 47), h ut as we shall see in section VI, ex -

re 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

NaCl -Na2S04 or NaCl -NaOI-1) 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 onlv. 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
(56), these values cannot be used to predictthan that of lithium

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 thle alkali metals with

mercury: NaHg4, l<l-Igl ~, and LiHg3. The activity of alkali metal
14

in these solid phases may be as much as a factor of 10 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 aWalgams 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 infinire dilution, where, for example, the activity

coefficient may be defined to be

‘Na
= aNa/ XNa ~ 1.

* This section was published as part of the paper “Activit-y Co-
efficient Measurements in Aquious NaC 1-LiC1 and Na.C 1-KC 1
Electrolytes Using Sodium Amalgam Electrodes, “ by James N. Butler,
Rims Huston, and Philomena T. Hsu, J. Phys. Chem. 71, 3294-3300
(1967).
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At finite COL’centrations of alkali metal in the amalgam electrode E

is then give; by equation (5)

-N_ 111
‘Na+ ~f

E=‘fia(Hg) - ~
x Na 7Na

/

The s ‘andard potentials of the amalgams of Na, I<, and Li are

given in Ta le III. Note that the standard potentials of Na and I<

amalgams d’ ffer by only 13 mv, whereas the standard potentials of

Na and Li a algams differ by 238 mv. The activity coefficients of

the various malgams are shown in Figs. 3, 4, and 5, These were

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

(59), Bent and Swift(60), andperirnental Iesults of Dietrick, et al.

‘61) for sodium amalgams; Armbruster andRichards a~~, Conam

Crenshaw(6 ) for potassium amalgams; and Cogley and Butler(63)

for lithium malgams.

1 TABLE 111

Standard Potentials of Amalgams at 25°C

(Refedence State: infinite dilution, mole fraction scale)

Metal

Na

1<

Li

The e(

concentratic

For examph

activity coe~

1. 000m, NaC

Amalgam Standard Potential
volts Reference

-1.9575 + .0005 (58)

-1.958 + .001 (59)

-1.9574 + .001 (60)

-1.971 – (58, 62)

-2.196 This work
(section 111-F)

Iilibrium potential of an amalgam having the approximate

used in our studies can be calculated from these data.

a sodium amalgam containing 0, 1 mole % Na has an

.cient of 1.05 (Fig. 3). If this is in equilibrium with

where T+ = O. 657, then equation (5) gives a potential
—

_28_
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1of -1.793 v its, A potassium amalgam of the same concentration

an electrol te containing lm l<C1 would have a potential of -1..808

volts , only 5 rnv more negative.

in

,:

The interaction of the electrode processes at amalgam electrodes

in solutions containing more than one cation, such as the KC1-NaCl

or LiC1-Na I 1 solutions we have studies, may have a profound influence

on the potentials measured at these electrodes. This interaction

depends not only on the equilibrium potentials of the amalgams, but

also on the ates of the various electrode processes. The situation

is further c replicated by the fact that- a dropping amalgam electrode

is continual y g~owing in area, dropping off, and being renewed. The

transient be avior of the dropping electrode may also modify the

effect ~f the reaction kinetics on the electrode potential.

conta

some

react I
I If a odium amalgam electrode is in contact with an electrolyte

Lhing s dium. and potassium ions, the amalgam will quickly acquire

small but finite concentration of potassium, so that the electrode

011s o :(

flowing at a

where ~urrt

1-

~lb =

urring may be summarized as follows:

Na(Hg) - Na++e - (a)

Na++e - ~ Na(Hg) (b)

H20+e - - ~ H2 + 01-1- (c)

I<(Hg) + I<++e - (d)

l<++e- + K(Hg) (e).

sed in section HI -B, the total current (anodic = positive)

iven potential is given by

i= i-i-ia b C+id-ie

lts are given by Tafel equations of the type

i (Na) exp ~ 1? (1 - ~ (w) (~ - ~e (w)]
RT

lo (Na) exp ~ F ~ (Na) (E - Ee(Na)) ].—
0 RT

.32-
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ic=i
(H)

o
exp [ - ~ n ‘H) (E - Ee(H)) ]

RT

= i ‘l<)exp [‘d O
~ (1 - ~ ‘1<)) (E - Ee(l<)) ] (12)

RT

(I<) (E - Ee ‘1<)) ]ie = i.
(K) exp[-~~

RT

Ee is the equilibrium potential (see Table III), i. is t-he exchange current,

and a 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 O. 005 rnv, so let us ignore reaction

(c) for the moment.

Potassium iom, on the other hand, produce an effect which

cannot be made negligible. Consider what happens when a 0.1 mole %

sodium amalgam is introduced into a solution containing O. 5 m NaCl

and O. 5 m KC1. 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 positive 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 1<+, were calculated

using eq, 1, 5, 6, 11, and 12 and the data in Tables 11 and III. Note

that the zero current potential is shifted by 4.2 mv in the presence

of potassium.

The concentration of potassium in the amalgam grows with

‘K) becomes more negative. Since the anodictime and the potential Ee

-33-
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+1

‘E
<(

?
a

-1(

-2(

–3(

\

\

I

—

- 1.77
-

~ig. 6

‘total

\

\

\,/

ia=ib

‘total =0 E=– I.8077
E=-I.8035

-1.?8 -1.79 -1.80 -1.81 -1.82 -1.83
I

Initial partial cum-ents at a sodium amalgam electrode (0. 1 mole ~ )
j,n contact with an electrolyte containi~lg 0,5 m Na~alld 0.5 m 1<+,
pi-I 12. The partial currents for hydro en evolution and potassium

9dissolution are less than 10-3 amp/cm . Note that the zero current
potential (-1. 8035 v) is 4.2 mv more positive thm the equilibrium
potential (-1. 8077 v) expected for the Na(I-lg)/Na~ couple if tlmre were
no influence from potassium ion.

-34-



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. e), the sodium content of the amalgam is depleted and

‘Na) becomes more positive.the potential Ee Eventually, an equilibrium

potential is reached which is defined by eq. 11, with i = O, and with

the various partial currents given by eq. 1.2. This potentia~ is neither

the equilibrium potential for sodium nor the equilibrium potential for

potassium. In the limit where i
(1<) is very Slmall ~ompared to

i (Na) , or ~ (~<) +
o

(Na), the equilibrium
o 1s much more negative than E e

‘Na); but in the case we are con-value reache% will be essentially Ee

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 ipermirting the reaction

Na(Hg) + 1<+ * 1< (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 amalga:m is finite, its concentrations are subject to the restriction

‘I< + ‘Na = ‘~a

where X~a is the initial mole fraction of sodium in the amalgam and

‘I< and ‘Na are the concentrations at equilibrium. The concentration

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

the amalgams, Applying the Nernst equation to the cell

+ 1<+/ I< (I~g)Na (Hg) / Na ,

= O, using known activity coefficients for the electrolytes (41)with E
(58)and amalgams , and combining with eq. 13 we obtain Xfla / ‘Na =

1.565. By eq. 5 this corresponds to a shift of the sodium amalgam

electrode potential to a value 11.5 mv more positive than if 1<+had not

been present. Figure 7 shows the partial currents at equilibrium,

calculated using equations 5, 6, 1.1, and 12.

(13)
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F

L-‘d K(l-

% -1.77

<0

E
a

-Ic
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-30

Fig. 7

E= -1.7962 ~lT~OJ..J_’JT;PRESENT
~)_K*te =—

-1.82 ~-1.83 .
1 I I 1

VOLTS VS NHE

ib

Na+ + e ~NcI (Hg)

EquilibriL~m partial currents zt a“sodium amalgam electrode
(O. 1 lmole~ ) m contact with a large excess of electrolyte con-
taining 0. m Na+ and O.5 m K+, pH 1,. The partial. current

3for hydroge~~ evolut-ioll is less than 10- amp/c~n2. The equili -
briurn composition of the amalgam is O.064 mole ~ Na and

?’
O.036 mole ~ K. The zero current pomntial (-1. 962 v) is
11.5 lmv more positive than the equilibrium potmntial (-1. 8077 v)
expected for the Na(Hg)/Na+ couple if there were no inflmnce
from potassium ion.
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Our experiments (conducted as described below in section V)

using the cell

+ 1<+, Cl- / AgCl / AgNa, Hg / Na ,

have confirmed the conclusion reached theoretically: activity co-

efficient measurements cannot be made with sufficient accuracy in

NaC1-I<Cl electrolytes using sodium amalgam electrodes. The general

s theme proposed in our theoretical discussion has also been confirmed,

although extensive experiments were not made. The results of three

experiments made with NaCl -I<C 1 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 NaC 1-KC1 electrolyte

is listed in the fourth column and the potential calculated from the

isopiestic data
(13, 14, 17)

on the assumption that the sodium amalgam

electrode was reversible to Na ‘, with no effect of K+ , is 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-

+ Note that the experimental values agree to withintaining only Na .

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 Harried’ s rule and it is clear that accura~e

mess urements 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 mLlch 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 1<+ ill the

electrolyte is larger or if the mess urements 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+ + O, the potential at equilibrium is

that of the potassium amalgam eIectrode, which corresponds to a

-37-



\

negative s ~ift in potential,

A t tally analogous argument may be reads tor soifm~nns

contain ing ‘a+ and Li+ , but the conclusion is more favm%bie, From

Table III, e can see that the standard potential of Li amalgam is 23(2mv

more negatl”ve than that of Na amalgam and from Table H that the

exchange c rrent is smaller than tha~ for sodium. l~s il~g eg. 5 and 13

with K repl ced by Li, we find that for Li+/ Na+ ratios less ~han 30,

the error d i to the reaction

I

,

is less than

errors may

electrodes)

of the lowe~

we expect t]

is borne OU1

in section v

‘NaC1

0,50

0“ 200

* Referent
cell for the
5xlo-4rn

Na (Hg) + Li+ = Li (Hg) -I- Na+

), 1 lmv. Thus we predict that no appreciable systematic

)e observed in Li+-Na+ mixtures (using sodium amalga~n.

Fmore than 3% of the cations present are Na+. Because

~xchange current of the lithium reaction (Table H),

Lt the effect will be even smaller than predicted. This

)y our experimental mess urements, which are pr esenrecl

-A .

TABLE IV

Measurements in NaCl -KC1 Electrolytes

Potential cal’ d from
i~opj.~stic data, *

mv
Inclucling Neglecting

amalgam amalgam

‘I<c 1 Measured effect effect

0.50 9,2+03 7.3 18.79

0.200 26.6 +0.2 25.6 14, 1:3

28,0 ;0.5—

cell for the first set contained 1, 00 m hTaCl; reference
econd set containdd O. 200 m NaC1. Solutions contained
aOH, Isopiestic data from Refs. 13, 14, and 17.

I

I
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gave an acccurate standard potential difference between the lithium

amalgam a nd solid lithium electrodes, of 0. S438 volts, which differs

slightly fr cm the Lewis and Keyes measurements (0. 8412 volts).

Li OH solutions were prepared, in a glove box under nitrogen

atmosphe ~e, from a sample of the monohydrate containing less than

5 ppm Na, K or heavy metals (Foote Mineral Co. ) and triply distilled

conductive :y water. The solutions we~e analyzed volumetrically with

standard H.C1 using phenolphthalein indicatoy, and deoxygenated by

pass ing hy irogen over a large platinum black electrode for 2 hours.

Solutions t hus prepurifiecl were also saturated with hydrogen.

~ J-it ~ium amalgam was prepared from 99. 9% pure lithium, ribbon

(I< & 11<Lal )oratories) and triply distilled mercury (Doe and Ingalls)

in a dry bc x under argon atmosphere. The liquid mixture thus pl-epared

was satura ted at 25° and was analyzed to be 1.335 mole ~ Li. Various

conctntrat :.ons of lithium amalgam were obtained by diluting the

saturated zmalgam and checked by analyzing it- after each experiment.

The dlma]g Am electrodes were constructed as described in section V -B.

~ Th EI hydrogen el~ctrode was prepared by attaching to a piece

of 99, 9% F’‘ wire a 1 cm I?t screen platinized by cathodizing in a

chloroplat i ~ic acid solution, The electrode was kept in triple-distilled

waterl prio ITto measurement, Hydrogen used for the electrode as

well as for purification and saturation of solutions was obtained from

an ultra -p ure hydrogen generator (Matheson Co. ) by electrolysis of

wateri in a cell with silver -palladium cathode and contained less than

at 25. oo+~

The

limits , on E

but do Inot i

~ The

‘~i(Hg) ‘~
following ec

‘gen. All measure~nents were conducted in a thermostat

.02°.

experimental measurements are given in “rable V. The

indicate the a proximate variation of values obtained,

[elude any estimates of systematic errors.

standard potential of the lithium amalgam electrode

the Normal Hydrogen Electrode) was calculated by the

uation

-40.
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‘~i(Hg)
= E + 0.05915 log

L
~ 2

m2 (pHn)2 ~+
L—

where E is the experimentally mess ured potential (IUPAC convention)

of the cell

Pt/ H2 (g)/ Li+, OH’, 1320/ Li (1-Ig),

: l<W
= 1.00 x 10-14is the ion product of water, XLi is the mole

fraction of lithium in the amalgam and m is the molal concentration

of LiOH i n the solution. The activity of water was calculated from the
d (41)

osmotic coefficient Of LiOH (~ LiOI~) using the equatio~l

TABLE V

Measurements of the Standard Potential of Lithium Amalgams

LiOH Solution (a)
Lithium Arnal

%Y
~o

-% ‘Li ~Li
m & L.i(Hg)

O. 026 0.866 3.25 x 10-3 1.122 -1.406 + .002 -2. 1~3

0,026 0.866 1.08 X 10-3 1.043 -1.397 + .010 -2.209

0.518 0.589 13.35 x 10-3 1.574 -1.317 ; .001 -2.1$3

1.293 0.537 4, 46 X 10-3 1.175 -1.254 ; .002 -2, 196

2.669 0.501 3, 25 X 10-3 1.122 -1.212 ;. 002 -2.197
—

(a) Values taken from Robinson and Stokes(41) or calculated (below
O, 1 m) from Debye -Hiickel theory with a = 6 Angstroms.

-m (b) From Reference 63.

~ 11aH20
. 0.018 m @LiOH

The barometric pressure was corrected for the vapor pressure

of the solution to obtain the hydrogen pressure P Activity coeffi -
‘2” (41)

cients of LiOH were taken from Robinson and Stokes except where

the concentration was lower than O. 1 m in which case the Debye -H~ckcl

equation was used with a = 6.



ITh most rel,iable measurements in Table V are expected to

‘1
he those wl”th a LiOH concentration which is not too small, and a con -

centration of amaj.gam which is not too large. Under thes~ circumstances

corrosion f ~he amalgam would have the least effect on the measured

potential, For these reasons we have weighted the entries in Table V

by the fact r m) XLi and calculated the weighted mean to obtain an

estimate f r the best value of the standard potential of lithium amalgam

E&Hg)
= 2.1963 + 0.0016 volts—

I(The error is the standard deviation. ) This may be combined with

our previo sly measured value (63)

i

.

~’~i(Hg) - E~i = O, 8438 + O. 0002 volts.

to giv~, as the best experimental value for the standard potential of

lithiu~ in aqueous solutions:

‘~i = -3.0401 + 0.0016 volts.

Note that th is value is 5 m,v more positive than Latimer’ s theoretical

value, and 1.6 mv more negative than the Lewis and I<eyes ’64) value.

Fro rh this standard potential value, the standard free energy

of the lithiu n ion is calculated to be

AGO = -70.11 + O. 04 kcal—

and using t h: enthalpy of lithium ion (AHo = -66, 554 kcal) obtained

from tke h ez.t of dissolution of lithium in acid (68, 69) we obtain the

entropy of tke reaction

~

to be A~O -

I
l–

standard ent

This is prob

of 3.4, ~with

Li (s) + 13+ = Li+ + ~ ~12 (g)

+ 11.9 ~ O. 1 cal/mole deg. Finally, this leads to the

opy of the lithium ion (relative to H+ being zero) of

S0 = 3.0 ~ O. 1 cal/mole deg.

bly more accurate than the currently accepted value (68)

In implied error of several tenths of an entropy unit,

.42.

I

I

,.
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IV. ALKALIhTE EARTH METAL AMALGAM ELECTRODES

A. General Considerations

Salts ofmagnesiurn and the alkaline earth metals are of great

importance in desalination research and technology, but no previous

studies of rnulticompondnt 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 O. 5 to 2.5

’70) SL~Chconcentrations are adequate to useatom % of the metal .

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 alkalind 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

polar ographic reversibility, togetJ~er with our own rneas urements (see

Section VI) indicate that the barium amalgam is the most reversible

electrode (highest exchange current) and magnesium amalgam is the

least reversible.

Although mess urements 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 BaC12 measured by the isopiestic method
(75)

agree to within

+ O. 5% with two independent measurements by the emf method
(73,76,77)

— )

over the concentration range from O. 1 to 1. 5m. Similarly, isopiestic

~measurements of the activity coefficients of SrC12(75) agree with the emf

method(76’ 77) to within + O. 5% over the concentration range from O. 1 to—
2. Om.
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1 TABLE VI

eduction Po~entials of Diva lent Cations at 250 C

(volls vs. normal 139 electrode)—

JS ,lubility Standard

h
f Potential

at %0% 70)
Element tom—— Ef%gt~~6)

Mg 2.5 -2.37

Ca 1.5 ‘2. 87

Sr 2.5 -2.89

Ba

P

.55 ‘2. 90

*

$tandard Polar ographic (74)
Potential

~
J51

T

-2.1 (?) -2.06 (irrev. )

.1. 996(7 1, -1.98

1.9 (?)(72) -1.87

1. 727(73) -1.696

4In cdntrast, the measurements of activity coefficients of CaC12

are quite di cordant, as can be seen from Table VII. The activity

coefficients 1

factor to ma /

1. Orn, the is

to within l%

imlepmdent 1

which disagr

trations, the

disagreemel 1’

data on t-he a{

m~thocl has g

rnagnes ium h

but not the er

isted in this table have been multiplied by an arbitrary

e them all equal at m = O. 1. Over the range from (). 1 tO

)piestic and freezing point methods give the same values

which is acceptable. The emf measurements of three

~vestigators give values which are nearly 50~ higher and

:e with each other by approximately 5%. At higher concen -

disagreement is even worse. Robinson attributed this

to the irreversibility of the calcium amalgam electrode, and

.tivity coefficients of calcium salts obtained by the emf

merally been discredited (40, 41). Ac .
tlvity coefficients of

dides have

lf method.

been measured by the isopiestic method (80)

-.

I

I

I
,:
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TABLE VII

Activity Coefficients of

by Different

EMF EMF
m (76) (78)—

0.1 i). 531 0.531

0.5 0.513 0.516

1.0 0.730 0.704

1.5 ‘-- 1.181

2.0 1.565 ---

CaCl at 250 C Obtained
Meth~d$75)

EMF Isopiestic
(79) (75)

0.531 0.531

0.535 0.457

0.737 0.509

L 080 0.626

_—- 0.807

Freezing Point
(corri7~ 25° C)

0.531

0.447

0.505

--—

---

The possibility

activity coefficients in

of using amalgam electrodes to determine

mixtures containing magnesium or calcium

salts, depends primarily on the stanciard 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 vs. N-I-lE, but

(74) From this v~ue, thethe 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
(73, 81) haveelectrode (as indicated by the data in Table VII), mess urements

been made from which a standard potential can be calculated. Th,ese cal -

culations are summarized in the next section; and silmilar calculations

for the ba~ium amalgam electrode follow.
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By m

we can cone

sibly to O. 0:

of less than

amalgam is

be made for

cations, sin(

standard pot

Fron

of calcium a

measuremer

cium or rnag

to sodium is

operates, hc

of the measu

is much S1OV

ference is ol

check on me;

NaC1-CaC12

or from isop

sodium amal

are given in

B. T—

Altho

amalgam ele

no critical .e~

ignored in cc

calcium elec

* Published ;
by James h

~ans of an analysis such as we carried out in section III-E,

ude that a sodium amalgam electrode will respond rever -

m Na+ in the presence of lm divalent cation with an error

). 1 mv, if the standard potential for the divalent metal

more negative than -2.025 volts. A similar argument may

the use of potassium amalgam in the presence of divalent

e the potassium and sodium amalgams have almost identical

mtials.

the estimated values in Table VI for the standard potential

Id magnesium amalgams ? it appears to be possible to make
E with sodium amalgam electrodes in the presence of cal -

~esium salts, provided the ratio of calcium or magnesium

not larger than about 10 to 20. One mitigating factor

wever, which improves the accuracy and extends the range

rements: The rate of the calcium and magnesium reactions

er than that of the sodium reaction, and thus less inter-

tained than from an ideally reversible reaction. An external

surements using amalgam electrodes in NaC1-MgC12 or

mixtures can be obtained from glass electrode data (21,27,31)
estic(24, 30)

9
measurements. Our mess urements using

~am electrodes in NaC1- CaCl and NaC1-MgCl mixturesY 2 2
~ection VI.

~e Standard Potential of the Calcium Amalgam Electrode*

~gh a number of determinations of the potentials of calcium

:trodes in aqueous solutions have been made (74,78, 81,82, 83)
>

aluation of this data presently exists, and in general it is

mpilations of thermodynamic data on the ~otential of the

rode in aqueous solution (68, 84, 85) ‘
7 or discredited as being

s “The Standard Potential
. Butler, in J. Electroana

-46-
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unreliable(40’ 56) 75). ~ owever, recent experiments on the kinetics

of the calcium amalgam electrode in aqueous calcium forrnate at hi h
(88

pH -values have shown that the electrode is apparently reversible ,
(75)

in contrast to previous statements that it is irreversible .

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 ce 11s without liquid junction, cells with liquid j ullctioll,

and non-aqueous cells.

Cells Without Liquid Junction. The simplest mess urement of the standard

potential is made in a cell without liquid junction. Two sets of measure-

ments have been made: Tamele
(82) used the cell:

Ca(Hg)~ CaC121Hg2C12(s)i Hg

and Shibata(83) used the cells:
*,

Ca(Hg)lCaC121Hg2 C12(s)l Hg
.m.

Ca(Hg) lCa(OH)2 HgO(s)lHg

Taking the CaC12 cell as an example, we shall describe the method used

for calculation. The potential of the cell is given by

E = E~ef - EO ~ in

{

[Ca2+] [C1-]27t3
Ca(Hg) “ 2F

‘Ca ‘Ca 1
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The potential

experimental

the reference

calcium in the

potential. r

one must mak

and about the

of calcium in

111the 1

is probably qu

constant, 1<~,

“rhe acti~ity CL
I

equation:,

is the ionic stl

c oeff iciellts sa

basis for Icalcl

liquid. j un}tion~

The acl

assumed to be

would predict I

expected [by aj
I

of calcium wo~

1 is positive accorclins to the IUPAC convention. The

measurements consist of the total. concentration of CaC12(M),

;lectrode standard potential, 13~ef, the mole fraction of

arnalgarn ( Xca), the temperature T, and the measured

‘o calculate a value of the amalgam standard potential,

ass umptions about the activj.t y coefficients of the ions

ossibility of ion-pairing, and about the activity co”effic:

le amalgam.

em

ase of solutions containing only CaCl in water, ion-pairing

te small(40) and we assumed that the2i011-pair equilibrium

was O. 1 for all our calculations concerning CaC12:

[Ca.Cl+] = K ~ [Ca2+J [Cl-]

efficient of the ions was assumed to be given by the Davies

A Z+Z_ ti
log 7+ = - +0. lZ#LI

l+ti

[ = 2 [Ca2+] + * [CaCl_E] + ~ [Cl’]

;~~gthi This equation represents the experimental activity

isfactorily in dilute solutions, and provides a rational

[sting single - ion activity coefficients in the cells involving

.

.vity coefficient of calcium in the amalgam was provisionally

mity, since there were no data or theory available which

lis quantity. Since the amalgams are dilute, it was

alogy with alkali-metal amalgams)

.d be within a few percent of unity.

-48-
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was found to vary with amalgam concentration, it could be extra-

polated to zero concentration.

The standard ~otential
~e(87)

The ama

of the calomel electrode was taken to.

EOr ef = -t O. 270S2 -0.000254 (T - 15. O)

gam standard potentials calculated from Tamele’ s data,

are plotted in Fig. 8.

Similar calculations were made for

on the Ca(OH) cell. For this calc~llatioll,
2(88) ~<1 = 10was taken to be

+1. 20
and the

‘(89)
HgO/Hg electrode was taken to be

Shibata’ s measuremenlx

the ioll-pairillg constanr

standard potential of the

EOref = + O. 0977 -0.000288 (T -25. O)

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 funcrion 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 CaC12 and Ca(OI-1)2 as electrolyte. This latter observation is

quite important, since the pH of the CaC12 solution was probably about

6 or 7, and the p13 of the Ca(OH)2 solution was about 12. If there had

been interference from the hydrogen evolution reaction, wc would have
o

expected the CaC12 measurements to give E -values which were sys-

tematically more positive than the Ca(OH) measurements, both because
5of amalgam corrosion (which increases Ca + concentration near the

electrode) and because of kinetic interference. Although the CaC12

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(OI-1)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 retiects

the use of the Davies equation as an extrapolation function; tind
o

extrapolation of the E -values to zero concentration gives a thenno -

dynamic potential of -1.997 i O. 001 V.

Cells With Liquid Junction. Almost one hundr~d measurcmen’m were
(’~~)

81) and by Fosbinder , using thti cell:made by Drucker and Luft(

Ca(I-Ig)~ Ca2+, X-]j KCl~Hg2C12 I~g

In this cell, the nature of the anion has relatively little influence.

Fosbinder used CaS04, Ca(0H)2, CaC12 calcium lactate, ana calcizm

acetate. Drucker and Luft used only CaC12. Their cell was slightly-

different, in that they used a normal calomel electrode connected to

the CaC12 solution by a 3M K(X salt bridge. Fosbinder ussd a saturated

calomel electrode and a saturated KC1 salt brid~e. In either case, th~

potential of the cell is given by-

For our calculations, we assumed (as before) that :~c:, the activityL.
coefficient of calcium in the a.mal.garn w-as unity a~~d that Ihe activity

coefficient of the calcium ion was given by the Davies mjl.:~.tion:



I10 I 72+ = - 4A (I/(1 + (1) + 0.41

1I 2 [Caz+l -F $ [CaX+J + ~ [X-] for salts of the type CaX2

I 2 [Ca2+] + 2 [S042-] for CaS04

1
The iO1l-p iring equilibrium constants used are given in Table VIII.

TABLE VIII

Ion-Pairing Equilibrium Constants

rIon Pair log K ~ Reference

Ca ,+ ‘ cl” -1 40

Ca +
- acetate +0. 77 90

Ca’+ - OH- +1. 20 88

Ca

1

‘+ - lactate +1. 42 91

Ca ‘F - so4~- +2. 31 92

I
The combil ed potential of the reference electrode and liquid junction

was taken 10be the value given by Ives and Janz (47)

EO~~Fe + Ej = +0. 283 - 0.0003 (T - 25) for normal calomel

= +0. 2445 - 0.00066 (T - 25) for saturated calomel.
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In calculating the activity coefficients, it was usually necessary

to make several iterations, since the presence of the iorpairs had a

subs tantial influence on the ionic s men@l.

Figure 9 summarizes all the EO- values for the calcium amalgam

electrode which were calculated from F osbincler’ s data. Though one

set of the CaSO, data shows an upward trend with increasing concentration,

and the CaC12 d~ta show a downward trend, all the data can be combined

to give a s~andard potential

EO = - 1.992 t 0.001 V.

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

liquid junction.

The data of Drucker and Luft
(81) were less ‘precist. Though

the temperature varieci substantially, there appeared to be no obvious

trend with temperature.
-0. .

The s Iighz trend of H w~th electrolyte concent-

ration was accounted for by extrapolation to M = O. These extrapolated

values are plotted in Fig. 10, along with all tile other data, as a function

of amalgam concentration. If the fi~st two series of 13rucker and Luf-c’ s

data are ignored (since they shmv w!..--Ie scatter) all the data fl-om the four

separate investigators lies betwedn

seem to be any trend with amalgam

nearly a factor of ten was covered.

that ~Ca = L

-1. ?92 ancl -1. 997 v. There does not

concentration, though a range of

This suhstantia~es the assumption

Drucker and Luft-’ s third. series (which they consider to be the most

accurate) gives an average potential

EO -. -1.996 * 0.001 v

which agrees with the results from cells w

1 mv.

thout liquid junction to within
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In (

of calcium

units for a

Non-Aquec

amalgams

respect to

is much to

established

problems c

developed.

Th~

by Lewis a

aqueous so

a non-aque

the pure m

work for c;

However, 1

Ca have be

reduction I

calculated

the entropi

An

ments is tl-

have attem

or similar

the s urfact

lclusion, the most reliable value for the standard potential

malgam (reference state: infinite dilution, mole fraction

llgam concentration, moles/ 1 for electrolyte concentration) is

EO = - 1.996 ~ O. 002 V

~Cells. Although the thermodynamic potential of calcium

)parently can be established in aqueous solutions with

andard reference electrodes, the potential of pure calcium

legative for any kind of electrochemical equilibrium to be

Tith an aqueous solution. The rapid corrosion and passivation

Ise entirely spurious potentials (much too positive) to be

tandard potentials of the alkali metals have been measured

co-workers using the standard potential of the amalgam in

tions, and combining this information with the potential of

s cell which has the amalgam as the positive electrode and

al as the negative electrode. Such an approach should also

:ium, and has been attempted on a number of occasions.

: results obtained in this way for the standard potential of

discarded bv the comuilers of most tables of oxidation-
elltials(\56, 6$,84, 85) “The value ~ivell is -2.87 v, which was

Latin~~r(93) from tie heat of dissolution of Ca in acid and

of the hydrogen and calcium ions.

nh more important difficulty with the experimental mess m-e- ~~

passivation of the calcium electrode, All the workers who

ad measurements with the cell:

Ca(s) ~Ca12, pyridine ICa(Hg)

m-aqueous cells, have remarked on the necessity for scraping

f the calcium electrode continuously in order to obtain a
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reproducible potential value. Tarnele(”) says: “The EMF of the

non-aqueous cell was less constant. If Ilot scratched, the value was

about O. 6 volt and indistinct During scraping the value rose to

0.88-0.90 volts and remained constant, varying slightly with the conc-

entration 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
(81) said: “First we tried to make the measure-

ment in a closed container but a remarkable case of passivity occurred,

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 carborundurn,

approximate ly O. 8 volts are obtained. Even a slight vibration of the

electrode already dispenses with the pas sivity — 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 O. 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 dr ybox or other inert-atmosphere facility. The fact that these

mess mements gaT,Tea lower potential difference may be explained by

a trnospheric contamination with oxygen or water or both.
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AEO

ata(83) said: “The difficulty ies in the following points:

[e calcium amalgam is brought into contact with water,

on begins, which lowers the concentration of calcium in

n. (2) in the process of measuring the EMF between

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

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

ium continually exposed by rubbing the calcium electrode on

[ace. When rubbing stops, the potential falls (from O. 895

14 or lower. If the calcium electrode is not covered with

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

:ase the observed value falls to O. 4 volts.

] too large (i. e. 7 mm), then the potential

Lshed parts; but an end which is too small

ue. “

n, the apparatus diagram implies that the

If the diameter

also falls because

also gives an

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

nuch larger than they need to be.

~ble IX, we have summarized all the experiments performed
.(94).uding some early mess urements by Cambl , some

(96)’95) a~~d our OWI1 preliminary measurements .Its by Smyrl

VI. ) The quantity, AEO, listed in the last column of the

alculated from the equation

o
= ‘~a(Hg) - ‘Ca

= E + (RT/2 F) in X~ayCa
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As before, we have assumed that the activity coefficient of calcium

in the amalgam is unity. The concemration 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)l Ca2+, Non-Aqueous Solution lCa(Hg)

Workers

Carnbi(94)

Cambi(94)

Tamele(82)

Drunker
and Luft

Shibata(83)

Smyrl(95)

Huston
and Butler(9

Concn.

Year Salt (M)— —

1914 CaC12 O. 25

CaC12 O. 25

1915 CaC12 O. 35

Ca12 0.0093

1924 Ca12 satd. ?

1926 Ca12 satd.

1931 Ca12 satd.

Ca12 satd. ?

1966 CaC17 O. 0288

Solvent

MeOH

MeOH

MeOH

pyridine

pyridine

pyridine

pyridine

EtOH

DMSO

O. 0551 DMSO

‘Ca T

in Amalgam (“C) E AEO——

0.0 148(satd) -80 0.502 0.467

0.01

0.01

0.01

0.000385

0.00126

0.00133

0.00133

0.0051

0.0051

6)
1967 CaC12 O. 010 propylene O. 000148

carbonate O. 000136

-80 0.811 0.773

-80 0.829 0.791

+25 O. 149 0.089

17.5 0.88 0.782

17

15

16

25

25

25

0.90 0.802

0.843 0.759

0.895 0.813

0.885 0.803

0.310 0.242

0.316 0.248

0.802 0.789

0.876 0.762
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possible.

Let

obtained by

experiment:

aqueous anc

of unit actil

appreciable

solution we

and in our d

potentials b

O. 813 V. T

1 the observat-ioms quoted above, we expect that the

:s obtained for AEO are probably most nearly correct,

ctors introducing systematic error (corrosion and

)f the solid calcium) tend to decrease the measured

)W its thermodynamic value. Thus we choose AEO = O. 813

ghest value) to be the best of the presently available experi -

s. Several other mess urements tend to confirm this,

tly lower: Cambi (O. 79 1), Tamele (O. 782), Shihata (O. 803),

measurements (O. 789). We believe now, in the light of all

7 that it may be possible to obtaj.n a more nearly thermo-

.e for AEO by being extremely careful to eliminate oxygen

]m our non-aqueous electrolyte, and by introducing freshly-

~lgam and freshly-polished solid Ca simultaneously into

te. If the potential is read as a function of time during the

utes 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

data. Sj.nce the amalgam concentrations used in both the

loll-aqueous studies were roughly the same, the assumption

y coefficient for calcium in the amalgam should not introduce

‘rror. The standard potential of the amalgam in aqueous

ave already established as:

EOCa(IHg) =
- 1.996 i 0.002 v

jcussion above, we proposdd that the

:ween the amalgam and solid calcium

s implies that

.0
bCa = - 2.809 V
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or some more negative value. Latimer’ s calculated value is -2.87 v,

and to obtain this experimental, AEO WOUIC1have to be larger than

O. 87 v. A value this high has not yet been obtained, but might be

possible to obtain with extreme care.

As a final note, we must report that recent measurements
(97)

of the cell:

PblPbC031 CaC~3 cac12, H20 lHg2c12 Ir-k

when combined with other thermodynamic data, have yielded the value

0 = -2 868 v which supports Latimer’ s calculated value.
‘Ca ‘ ‘

C. Standard Potential of the Barium Amalgam Electrode*

The most reliable results in the literatul-e on the pote?~~~~l of
(/.5)

a barium almalgam electrode are those of Tippets and Newton ,

who measured the potential of the cell

Hg/Hg2C12(s)/BaC12 (m), H20/Ba(FIg, sat)

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

o 3 3 - E h ‘Ba ‘Ba~h14rn 7+
E = ‘~a(I-lg) “ ‘Hg2C12 + 2 F

2P

where 7+ is the mean activity coefficient of aqueous BaC12 at molal~

~. col~celltration m, Xnn is the mole fra”ction of barium in the amalgam,

and ~Ba iS the activ~~y Coefficient of barium in the amalgam (reference

state: infinite dilution, mole fraction scale). The activity coefficient

Y. of BaClo in aqueous solutions was obtained from the tables of.
‘41) For concentrations below O, 1 m, the extendedR:binson a~~d Stokes .

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

(1)

“ To be published.
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E(

which are

of m; exc

fore, thes

valuel of E

~ Tb

squares s

in Table x
I

this calcu,

II

TeomCp.

o

15

Sta

25 ~
I

35 ~
I

45 ~

Notes:

a)
‘B? ‘a

b) EO 0.
Error

c) EO
Ba(H,

limits

o 0 _ RT ~11~
= ‘Ba(Hg) - ‘Hg2C12 2 F Ba ‘Ba

llotted in Fig. 11. This quantity should be independent

]t that ~+ for 25° was used for all temperatures. There-—
values are extrapolated to m = O to obtain the best

‘ for each temperature.

quantity EO’ was extrapolated to m = O by fitting a least

sight line to the plots of Fig. 11; and the results are given

with 95% confidence limits based on the statistics of

tion.

TABLE X

dard Potential of The Barium Amalgam Electrode

‘Ba EO
t

EO
Ba(Hg)

O. 0024 -2.0302 t .0006 -1.6841 t .0008

0.0041 -2.0490 t .0003 -1.7154 t .0004

0.0055 -2.0620 t .0002 -1.7271 f .0003

0.0069 -2.0739 i .0013 -1.7432 i .0013

0.0084 -2.0875 t .0008 -1.7613 t .0008

en from the phase diagram of Ref. 70.

:ained by a least-squares linear extrapolation (Fig. 11)
are 95% Confidence Limits.

calculated from Eq. 2 assuming 7Ba = 1. The confidence

include an estimate of the error due to uncertainties in XBa.
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/

The Istandard potential EOBa(Hg) was calculated using equation (2),7
from the E values. The standard potemialof the calomel electrode

E:g2c12
(47)w s taken to be + O. 2682 t O. 0001 volts . The saturation

concentrate ns of the amalgam XBa at different temperatures were

obtained fr m the phase diagram for barium-mercury al,loys. The

/

activity coe ficient of barium in the amalgam was assumed to be unity
(71)in the absel Ice of any other data, by analogy with calcium amalgams .

I
The saturat’ on conce~trations XBa used in these calculations, and -the

resultant va lues of E
Ba(Hg) are given in Table X. The saturation con-

centration
Ba is assumed to be in error by about O. 0001 mole fraction

units. ..This introduces an error which was combined witl~fhe 95% con-

fidence limi s of EO to obtain 95% confidence limits on E
o Ba(Hg) ‘Uoted

in Table X long with the values of E
Ba(Hg)” We have used these values

in the analy is of our kinetic data in the next section.

1Duri~lg the course of our kinetic measurements (see Section VI -F),

we also had occasion to measure some potential values which were

1constant ov r a considerable time interval. These correspond to the

equilibrium Ivalues measured by Tippetts and Newton. These measure-

Iments are s‘ mmarized in Table XI. During the time interval given, the

Ipotential wa’ constant to within the limits given. In general, these

i
measuremel ts support the accuracy of the standard potentials calculated

kfrom the dad of Tippetts and Newton.

Whel~ the barium amalgams were analyzed by reaction with

‘1acid and bac -titration with base, the concentrations were found to

be higher th n the saturation concentration (XBa = O. 0055) for 25” C.

!The analyze ~ concentrations were XBa = O. 0064” for runs 4 and 5, and

‘Ba
= O. 01 84 for runs 6,7 and 8*. The potentials calculated using

1
these concel trations are considerably more n~gative than the observed

potentials. f XBa is taken to be O. 0055, the calculated potentials are

I
* We believ~ z the samples taken for analysis contained some solid

amalgam / and hence do not reflect the true concentratio~l at the
dropping amalgam electrode.
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much C1OS

they agre~

relatively

drop), F(

negative t

, RL

both BaCl,
4

assure th:

change by

the alctivi~

c ien~s for

the c’alc U1

potetitial.

refle ct kil

could alsc

BaCl~-Ca[

mixtures.

kinetics o

feasi~le tc

coefiic ien

zr to the observed potentials; within experirnenta, error

for runs 4 and 5 (where observations were made at

long times; O. 1 and O. 5 seconds after the formation of the

r runs 7 and 8 the calculated potentials are about 3 mv more

Ian the observed potentials.

n 6 was an experiment in which the aqueous solution contained

and CaC12. The drop lifetime was too short (5 msec) to

t true equilibrium had been reached, but the potential did not

more than a few tenths of a millivolt over that period. If

y coefficient of BaC12 is calculated using Harried Rule coeffi-

the system MgC12 - CaC12, as the closest analogous system,

Lted potential is 7.3 mv more negative than the observed

This could simply be a failure to reach equilibrium; it could

etic interference between the Ca and Ba reactions; but it

reflect the fact that the activity coefficients for BaC12 in

;12 mixtures is greater than that for MgC12 in MgC12-CaC12

Depending on the results we obtain in the future on the

the calcium amalgam electrode, it may turn out to be

use the barium amalgam electrode to determine the act

s of BaCl in BaCl -CaC1 mixtures.
2 2 2
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V. EXPERIMENTAL METHODS

A. Solutions

$olmions were prepared from reagemgracle salt-s 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 prepal-ed by

weighing definite amounts of salt and water were always analyzed after

preparation. The pi-I was adjusted to 11 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 wit-h 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

(O. 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 10% excess of this standard silver nitrate solution was added to the

chloride salmples. The precipitated silver chloride was shaken vigorous ly

for a few minutes until it settled out in large, spongy flakes. The super-

natant liquid was then titrated quickly with potassium thiocyanate solution
=. (O. 3N) (standardized against the silver nitrate) using one ml of ferric

alum as the indicator-. The ~ild point was taken at the first appearance
.

of a pink coloration.

The reproducibility of chloride analyses by this method was typically

to.1~ to io.2~. However, the analyzed concentration of chloride was

usually O. 2 to O. 4% smaller than that calculated by weighing out the

required amounts of dried sal~ and water. This small discrepancy reflects

the residual water in the salts.
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Later analyses for chloride were made by potentiometric

titration with standard silver nitrate. Approximately 10g of solution

was weighed into an Erlenrnyer flask to which had been attached a side

arm containing a poroLw frit salt bridge, and a reference electrode

compartment. The solution was stirred magnetically as the AgN03 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 lM

KN03 salt bridge was used, and the solution in this salt bridge changed

frequently. Potentials were stable to f 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 AgN~3 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

~ = lo-(E/O. 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 = O gave the end point volume..
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Fig Lme 12 shows all three of these methods applied to the

titration of 10.182 g of approximately O. 57m NaCl with 0. 3002N AgN03.

Both the dir ect potential method and Gran’s method give the same

result, 18. 98 * .005 ml. The volume at which dE/dV reaches a

Imaxirrium i F less certain but was estimated to be 18.97 f .02 ml.

The precis ipn of these potentiometric titrations is lmuch better than

the Volha.rd method, approximately f O. 02~ to i O. 05%; and with a

simple com .mter program to perform the calculations, the time required

is colmpara k le to that for the Volha,rcl method. An important advantage

over the Vohard method is the elimination of systematic errors due to

the slow re action of solid AgCl with the I<SCN titrant, which can cause

the mess Llred value of chloride concentration to be too low.

Ana l~~sis for sulfate was performed gravimetrically. Sulfate was

precipitate d with reagent grade BaC12. The precipitate of BaS04 was

allowed to d~gest overnight, collected on sintered crucibles (previously

brought to cculstant weight (f O. 1 mg) by heating in a Imuffle furnace at

750° C) and d ied in a dessicator. The precipitate was dried at 150° C

for sevkra 1 tours, ignited at 750° C for 30 minutes, weighed, reignited,

and weighe d ~gain. A subsequent ignition and w@l~ng changdd the

weight by 1ess than O. 1 rng. The Na2S04 stock solution which was pre -

pared tk ha ve a concentration of O. 3323 m was found by this analysis to have

a concentx at ion of O. 3275 + O. 0010 m. This 1. 5% discrepancy resulted

from th~ u111<nown water content of the Na2S04 used.

Ev en if the concentration of the stock solutions is wlcertai~l by

be this large)

pare all the s

the reqyired t

made w~th an

stock solutio~

are the. prims

coefficient ra

7 the error in activity coefficient measurements need not

provided that the same stock solurions are used to pre -

)lutions measured. The dilutions, performed by weighing

uantities of stock solutions into a dry glass vessel, can be

~rror of ~ 0, 02g in 200g, or t O. 01~. Provided the same

s are Lwecl, the errors in the concentration ratios, which

cy quantities which enter the calculations of the activity

ios, will be approximately equal to the errors in making the
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dilutions. 1 n error of O. 01% in the concentration

/

to an error 1f only about O. 005 mv in the potential

is quite neg igible.

ratios corresponds

measure~ment, which

pointed oLlt in Section HI-B, accurate measurements with

trodes can only” be made in solutions free of even small

orga~~ic n~aterials , or redL1cible metal ions. orga~~ic

nimized by using apparatus constructed entirely of

glass and Tdflon, without any grease on ground joints or stopcocks.

To remove d is solved, oxygen we have pre -electrolyzed the solutions

with a platin ~m black electrode while saturating the solutions with

l~ydrogel~(54) . No external current source is needed — the platinum

black electrc ~de acts as both anode (oxidizing hydrogen gas to water)

and cathode (reducing oxygen and metal ions). The platinum black

electrode al lo removes the last traces of organic materials by adsorp-

tion. The p Lreification cell is shown in Fig. 13.

To pr event addition of impurities from the gas bubbling through

the solution, hydrogen was generated by electrolysis of concentrated

alkali at a si lver -palladium cathode. Only hydrogen gas diffused through

the metal m dmbrane into the gas system, which was constructed entirely

of glass and ‘r eflon. The manufacturer of the hydrogen generator

(Mathes on Co. ) reports that the impurity content of the hydrogen is less

than one par u in 108.

Changes in concentration can be produced during the purification of

solutions if 1:mge volumes of dry gas are passed thl-ough the solution or if

extensive pre -electrolysis is carried out. We have studied the effect of

bubbling hydr ogen through the solutions for periods of time corresponding

to our purific ation procedure,

A SO1l~tion containing O. 5 lmolal I<C1 and O. 5 molal NaCl was

prepared. T he total chloride content, determined immediately after

preparation, as O. 9971 t O. 0005 molal. After bubbling hydrogen gas

through 500 of the solution for twenty hoLlrs at a rate of 2-.5 ml/min,

the total chl de content was found to be O. 9996 t O. 0002 rnolal, an

centration of O. 25%.
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This exp~riment indicates that even without presaturationj

the changes @ concentration due to gas bubbling in the solutions are

small. By p esaturating the gas with a solution Of ~he same collcell-

tration, and y shortening bubbling times to one or two hours, the

changes in c mmtration can be made less than O. 01~ , which is
I

entirely negl igible.

Pre-c ~lectrolysis for the periods of time involved in our experi -

ments also p ocluces negligible change in concentration. At a current

of 1 ma with l% current efficiency for decomposition, electrolysis for

six days wou ld be required to produce a change in concentration of 0.0 l%,

For alkali or alkaline Garth halides and sulfates in a solution saturated

“”with hydroge- 1, the current efficiency for decomposition at platinum elec -

modes is con sicterably less than 1% , and thus this effect is entirely

negligib Ie.

B. A.nalgam

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

but the ~repa :- ation and handling of other amalgams is similar.
I (3, 7, ~, 45) of sodium ill the amalgam isThe optimum cmcentration

between O. 01 and O. 05 weight percent. Thus electrolysis of NaOH at a

mercury ca~h ode is the most convenient method of preparation. The

alternate Imed

Because only ~

amalgam, th~

with the ~mere
I

sodium will 1~

To prt

was construct

of 6M NaOI-1,

5 cm2 area) v

during the ele

electrolysis,

of the celll intl

led, direct combination of the e].ements, is less convenient.

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

atmosphere in which the sodimm is weighed and combined

.~ry must be extremely dry and free from oxygen or the

!ve oxidized before the amalgam can be prepared.

pare the amalgam by electrolysis, the cell shown in Fig. 14

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

reagent grade. A platinum screen anode (approximately

as used, and the solution was saturated with hyd.rogml

:trolysis (O. 5 amp for 4 hours). At the completion of the

:he amalgam was drained through a stopcock at the bottom

) the previously evacuated reservoir for the dropping amalgam
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~lectrodes. The silicone grease in the stopcock actcx ias ineffective

barrier tow er, anclnodifficulty was experie~lced from maces of

water causi decomposition of the amalgam in the reservoir. %

algam was kept invacuoor undm-an atmosphereof

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

of mercury, e~ltllo~[gh tllecolltact al~gle with glass seemed tobe smaller

than that Of n .ercurjl. Traces of water and oxy,gcn, such as are present

in unpurif iecl nitrogen or argon, caused the surface to tarnish almost

immediately.

The a IIa~ysis of the amalgaln for its sodium content was carried

Duplicate samples of amalgam, approximately 150g

each, were curately into beakers. An excess of standardized

H2S04 wxs a d, and. the arnal.gam was stirr~d until evolution of

‘hydrogen ga The excess acid was titrated with standardized

NaOH s oluti henolphthalein as the indicator. Duplicate analyses

of the arna lga : prepared as described above gave O. 0462 and O. 0455

weighr Iperced- Na.

t-

C. R ,ference Electrodes

The sil ver-silver chloride
(47)thermal-elect. olytic method .

into a spiral oI

with boiling ccI

~p@ctrLlm dLle 1

then rinsed w“11

stirring silve :

A ball of the p

which was the

the paste by th

at 70° C for ab,

approximately

was cooled SIC

This coating p

of silver appr(

electrodes were prepared by the

Platinum wire (20-gaug-e) was formed

5 or 6 turns approximately 2 mm in diameter, washed

~centrateci nitric acid, and. held in a flame until the

o metallic “impurities disapp~ared. The spirals were

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

oxide (Fisher purified grade) with triple -distilled water.

uste at least 2 mm diameter was formed on the spiral,

suppm-ted in an electric furnace. To avoid sputtering of

~ rapid formation of steam, the electrode was lnaintained

wt one hour; then the te~mperature was raised slowly to

~~o” C, where it was h~~d for half all ho~r. The electrode

wly in the furnace to avoid cracking due to thermal shock.

‘ocess Was repeated five times in all to give a porous ball

xirnately 5 mm in diameter.
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The silver electrode was the~lclllorldized byl~akillg it the

anode in a U-tube containing l% HC1 solution. A platinum wire

served as the cathode, and a current of 1.0 ma was passed through

this cell for 6 minutes, resulting in the conversion of approximately

5% of ~he silver to silver chloride.

Eight such electrodes were prepared and aged for tizree days

in lm NaCl solution. Intercomparison of the potentials of these eight

electrodes gave differences which w-ere in ail cases 16ss Ehan O. 02 mv.

Several pairs of electrodes showed differences less than 0.005 n-iv.

Afler aging for 36 days,

Electrodes were

equilibrated for several

I%? differences had changed less than 0.005 mv.

used in pairs from the same batch: and

hours wj.th the solution m be measured. The

observed potentials of the amalgam cells were cmrrected by using the

bias potentials rneasurcd in lm NaC1. After s evera i mont”hs, the

electrodes began to drift in potential (probably because of the accumu].a -

tion of AgBr from the traces of bromide in the salts or bec~usc the

Agcl dissolved illthe C]ectrolytes d hj.gb chloride concentrate.o]i) and

were discarded.

Lead allla~gam-lea~ sulfate electrodes win-e prepared as f~llov~s:

Approximately i% (by weight) of lead metal (Mallinkodt Analytical

Reagent) was dissolved in mercur~ (Doe ~~ld Ingalls, tripla distilled)

at 100° C, with stirring, under an argon atmosphcr~ in a giovc box.

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

flask with a stopcock and long tube for filling the cells (see Fig. 15, p. 82).

The long tube was filled with argon and seal~d during transfer from the

drybox to the cell.

The amalgam flask was removed from the drybox and the amml~am

introduced through the filling tube into each of the pool reservoirs d rhe

two cells (which had been previous ly 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 aver the top of the amalgam poo!.s. ‘The



Iceils were th w find with solution, from which oxy-gen had been

removed kIy ~ ubbiing prepurifled argon gas ( < 1 pprn oxygen)

through a s Cp1arate reservoir. The wbde system was allowed to

quilibrate w Kim- argon until th~ bias potential between the two

pools was l.es s than 0.05 mv. The glass electrode (see Section V-D)

was then intr 1iiuced through the top of the cell and its potential

measured a.s a function of time. A steady value was usually reached

w-ithi,n 1 or 2 minutes. The glass electrode was then transferred to

the other cell and the potential read again. The potential of tl-le glass

e Iectrode is ctxtremely reproducible, and the precision of AR is

better tl~.an f [1. 05 mv. However, only by careful deoxygenation of

the solutions, and by preventing any access of oxygen to the PhS04

ekctrode, co ~tld results of this precision km obtained.

rThe p ~ of the solutions was betwden 4 and 6. All measurements

were made at .25.00 + . 05°c.

1A l~ho lgh glass electrodes have long been used in quantitative

mea suremcm of hydrogen ion activity, and form the basis for virtua.]ly

!all practical ‘H measurements, the development of special-purpose

cati.oll-s~ensit’ ve glass electrodes is relatively recent. The most impor -

I
rant of these cre the momvalent cation-sensitive (s odium -alulminum

silicate)~ and odium-sensitive (lithium aluminum silicate) glasses. The

latter his a Uch greater selectivity for sodium, ion over other rnonova -

lent cations. Interference from hydrogeil ion can be essentially elj.rninated

1
by adj usfing t ~ pH to a range near n~utrality. A ~~umber of comnlercially -

availabl+ electrodes (e. g. Beckman 39137 “cztionic glass electrode” and

39278 “~odiur ion glass electrode” ) have excellent stability and selectivity,

I
and ca~~ be us .d for thermodynamic measurements.

The a 1remnent of activity coefficients measured by means of
the ce11(27)



with the amalgam electrode cell(32’ 34)

Na(Hg)/Na+, 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 rneas urements.

Similar measurements have been made in solutions of a single salt

component(98-’01), and these agree with measurements made by a

number of other methods.

The important precaution to be taken in making accurate Chermo -

dynamic measurements with a glass electrode system is continuom
(102). In practice, thecalibration against a solution of known activity-

glass electrode is transferred from a cell containing a reference solution

to a cell comaining a test solution, and back again, several times,

while the potential of the cell is recorded continuously. With a noise-

free electrometer

few hundredths of

with the amalgam

simpler, because

and proper shielding, measurements accurate to a

a millivolt, comparable in accuracy to those obtained

electrode cells, can be obtained. Experimentally

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. Shurt-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. ion-exchange reac-

tion) at the glass surface, and diffusion processes both in the boundary

(103). Although transientslayer of the solution and within the glass itself

in the concentration of Ag+, Li+, and Na+ can be followed by both the

cation- sensitive and

stant of less than 20

sodium - sensitive glass electrodes with a time con-
+

msec, a transient in K+ or NH4 requires as long as
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30 seconds

sodium-se:

ponds rapi(

electrodes

response t{

lim@ -clepel-

foreign ion

the glass e

in concent~

produce oh

cqLlilibriun

hi a

undergo lo~

apparently

ubtain accu

necessary

cquililmiun

in &

and rinsinp

is transfer:

m i.nute is r

made about

approximate

trace obtai

sod
e]

which were

mixtures w

The

type NAS 1

Model 135-

Calibration

for establishment of equilibr urn in the case of the

Lsitive electrode. The catio~~- sensitive electrode res -

Ily (< 20 msec) to changes in K+ or NH’4+, but both

showed. much longer -time transients (100 msec) in

) changes in the concentration of diva lent catiom. The

dence shows diffusion control, and suggest-s that the

~ decrease the mobility of Na.+ j.n the hydrated layer of

.ectrode( 103). In general, t-hen, it appears that changes

atiori of an ion to which the elecrrode is not sensitive may

~er vable mans ients in the potential of the electrode, before

is reached.

~dition tO these short-time transients, glass electrodes

ger -time drift-s in potential (1 mv/hr or less) which

mise from structural modifications of the glass. To

racy of * O. 02 mv in potential measurements, it is clearly

o 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 mess ured as it

“ed be~ween the test and reference cells. approximately one

:quired LOreach equilibrium; transfer between cells is

once every five or ten minutes, and the transfer takes

sly fifteen to -thirty seconds. Figure 16 shows an actual

~ed clur~,ng our measurements of the cell (36)

urn glass ,/Na
sctrod~ ‘F, Cl- , S04=/PbS04/Pb(I-Jg)

used m obtain the activity coefficients of Na SO in its
24

ith aqueous NaCl solutions.

glass electrode we used was a Corning “Sodium Ion Electrode, “

1-18. 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 I O. 005 mv on a Leeds

and Northrup Model K-3 potentiomettx. Another bias box was

introduced in the recorder circuit so that the recorder zero could

be offset by potentials large

rapid comparison of the two

in each cell (Fig. 15).

So long as the mixed

compared to its span. A switch aHowed

sulfate -reversible electrodes incorporated

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

Typically( 104), thison the concentrate ons of more than one cation.

dependence is described in terms of a selectivity ratio Ki: For example,

a sodium-sensitive glass electrode may have a potential given formally

by

E= EO+~ 111 [aNa+ + Z l<i ail
F

where ai 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 ai is replaced by mimcl- 7? , where

~i is the mean activity coefficient of the metal chloride. If polyvalent

ions are to be included, their activity is raised to the power ( I/zi)

where Zi is the charge on the ion.

Selectivity ratios defined in this way are more or less charac -

terestic of the glass composition, and in dilute SOILltiOllS are relatively

independent of the cornpos ition of the solution. In concentrated solutions,

however, the interactions of ions in the hydrated glass layer leads to

quite complicated dependence of Ki on solution composition. Unfortu-

nate ly, the

predict the

theory of the glass electrode is not sufficiently advanced to

composition dependence of selectivity y ratio quantitatively,
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Iand it is ne Tcssary to verify activity coefficient mess urements made

with glass ~Iectrodes by other independent methods, such as the

amalgam elcmode or isopiestic method. This verification has been

/

made in a n ~mber of cases and. ti-~eglass electrode method cakl be

used. with i~ creasing confidence as more chhcks m-e made.

E. L iquid Ion Exchange Electrodes

4~In t] e last two years, considerable interest has been aroused

by the com ercial availability (Orion ?lesearchj Cambridge, Mass. )

‘i
of spekific - on electrodes based on t“he liquid-liquid ion exchange

principle. i hese electrodes consist of three liquid phases, an aqueous

test solutiol , an aqueous reference solution, and an organj.c phase

/

w:llich physi ~’ally separates the test and reference solutions. The
structLlrc of the electrode is shown in Fig. 17. The organic phase is

immobilize in a membrane which is supported across the bottom of

/

the electrod - body. The rfiference solu~ion is contaj.ned within the

~lecmode b dy and the internal reference electrode is a silver

chloride-co” ted silver wire.

1Ccnl ider, for rxample, the cell

~ ;

where the o ganic phase consists of 0. IM calcium didecylphosphate

( 115). X represems ariy iondissolved in di-n-octylpheny lphospho~~ate

which n~i,the r reacts with AgCl nor dissolves in the organic phase.

The rikht-h nd aqueous solution is within the electrode body, along wit%

the right-ha x? reference electrode. The simplest situation occurs when

there dre n foreign ions present ard the only difference between the two

aqueoub pha ~es is the concentration of calcium chloride.

We h~ ve made a number of measurements (see Section VI -B) on this

system LIsing different concentrations of calcium chloride in the reference

solution.
I

T1 e dependence of cell. ernf on the activity of calcium chloride

in the test sc Iution and internal reference solution is consistent, over a

1
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i

wide rang’ , with the formal description of the organic phase as a

membrane permeable only to calcium ion. The emf may be thought

of as arisii g because the counter - ions, Cl-, are unable to penetrate

the memb 1ane; but the actual mechanism involves ion-exchange

equilibria : t both interfaces between the organic and aqueous phases.

The potent, al is generally given by a Nernst relation:

I

E = E“ + =ln(rrm)
2F

1
where m i (for example) the rnolal concentration of CaCl and Yis the

mean activ ty coefficient of CaCl in the test solution.
JE contains a

2
similar te m for the reference solution, which is constant in composi -

tion over a series of measurements; as well as any ass ymetry potentials

+
resulting f om the interracial charge distribution being different at the

two interfaces.

The crucial factor in obtaining thermodynamic mess urements

i

with a syst m

the interfa es

is determil ed

organic ph e

such as this is the stability of the charge distribution at

as the test solution is changed in composition; and this

both by the nature of the membrane used to contain the

and the mechanical design of the electrode body. For

1
example, t ~e potential is affected by the hydrostatic pressure on the

lower inter ace (i. e. depth of ilmmers ion), and by stirring in the test

solution With unstirred solutions and constant depth of immersion,

typical rep oducibility was i O. 1 mv, which is adequate for the determina - ~
tion of ther odynamic quantities such as activity coefficients and

equilibrium constants.

glass -electd

at the prese

important at

possik !,5 Org

structural c

changes in t

d-ion-exchange systems have advantages which neither the

ode nor amalgam electrode systems can claim, even though

lt state of the art their reproducibility is less. The most

vantage is versatility. There are potentially thousands of

mic ion-exchange systems which could be used, and small

langes in the solute of the organic phase may make large

~e selectivity of the ‘ membrane’ for particular ions. Orion
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Research, Inc. presently markets liquid icmexchangers which have

‘, Cl-, C104-, and N03-.par titular selectivity y for CaH, MgH-, CU

New ion-exchange systems are being tested and will be available cm

an experimental basis to research laboratories carrying out fundamental
(28)

work on these systems .

F. o~her 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 d 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 aj.r.

The electrodes were prepared by attaching 1-cm lengths of polaro -

graphic capillary to a 1-mm i. d. capillary stem using thi~l-walleil 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. ~()) was constructed so 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 flowj.ng through this hole by a slight back-pressure of

hydrogen. The amalgam was thus in contact with

through the hole in the

was then added from a

air.

bottom of the cell. Fresh

solution res el-voir without

the solutions only during

deoxygenated solution

opening the cell to the
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Thepolarographic capillaries of the dropping sodium amalgam

electrode ~ventually 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 f lowrate,

because of the strong potential dependence of interracial 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 amalgari~ pool in a Teflon cup, instead of a hanging

drop, was also unsatisfactory.

TJlermostat. All measurements were conducted in a thermo-

stat at 25.00 * O. 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 (O- 100° C range) was adjusted to close the control circuit of a

Fisher Unitized Bath Control (Model 50) at exactly 25.00° C. The relay

of the Bath Control operated an immersion healer of approximately 250

watt capacity. The temperature was measured by an ASTM calibrated

thermometer accurate to t O. 01° C at 25° C.
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1‘ Tl~il thermostat system can maintain the

the water -dath constant at 25.00 i O. 02” C for an

temperature of

indefinite period

of time. T~le fluctuations observed were generally less than O. 01° C

in a five-mi .nute period. To test the response of the system to

sudden tern I]erature variations, several hundred grams of ice were

introdticed into the bath-water, causing the temperature to drop to

approxirnat dy 24° C, Within 3 minutes, the temperature had risen

to 24. y7°c, and ill 7 minutes to 25.030 C. Within 10 minutes after
I

the ice had been introduced, the temperature was again constant at

25. OOO~Can deviated less than 0.01° during the next hour, If the

s tirr il~g was stopped for a period of up to 20 minutes, the tempera-

ath drifted by less than 0.02° C. Tl~e differences in

between the two cells being mess ured are certainly be

this if the bath is well-stirred.

mperature control we hav~ achieved is more than adequate.

cells are being measured at the same time, constancy of

ver a long period is not necessary, but the electrode sur -

ells should be at the same temperature. Since E is

tiona]. to the absolute temperature, a difference in tem -

1° C will introduce an error in E of O. 1/300 or O. 03~.

This cqrres~ Iuonds to an error of O. 02 mv if the activity ratio is tell

and will be s mailer if the activity ratio is near unity. The error due

to the changa in E 0 and y+ with temperature is an order of magnitude

srnalle~, of the order of O. 002 mv. Thus th~ effects oi temperature

fluclnlat!ons E.re entirely negligible.

Electrical Measurements. Potentials were measured with

a Leeds , and .Qorthrup Model K-3 potentiometer, using a Honeywell Model

104W1-~ gal vanometer with a sensitivity of O. 001 microamp/mm and a

1

response tim of approximately O. 2 seconds for full-scale deflection

(40 ~mm). Tl~e standard cell (Eppley Laboratory Type 100) was calibrated

against a U.
!

the value 1.011

National Bureau of Standard cell and guaranteed to have

922 i .00005 volts.
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This ccmbinationcan measure one volt m 0.005% accuracy:

which means that the error in the potential measurement (on the O. 01

scale) may be made as small as the readability of the slide wire,

O. 001 rrv. This is ~rnaller tilan the sensitivity of the galvanometers

normally used with the potentiometer, or the stray potentials resulting

from circuit contact rectification, and certainly is negligible compared

to the ohservml precision of 0.02 - 0.05 mv.

The variation of potential during the litetime Of the drops is of

cons iderable interest. To measure this, the galvanorneter was replaced

by a Tektronix oscilloscope, and the unbalance signal from the poten-

tiometer was displayed as a function 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 i’nSection VI-F. ) The potential measured with a galvanometers,

balancing at the moment when the needle paused in its oscillation, was

12.28 ~ , 02 Imv, ~-~lic~~agreed with the value read from a photograph

of the oscilloscope screen.

The potential Of the combined cell

Ag/AgCl/NaCl, I-120/Na, I-Ig- - -Na, Hg/NaCl, MY, 1320/AgCl,/.~g

or (where MX represents Na#14, LiCl, MgC12, or CaC12) was measured

during the period when the d~ops of both amalgam electrodes were nearly

fully formed: Such potentials were reproducible to 10.02 rnv 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 O. 5 mv. These large changes were attributed to
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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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In thi’ section, a summary and discussion of the results of

our activity oefficiem measurements will be given.
1.

These results

have been pu hshml as they were obtained: Measurements of the

(32), NaC1-I<Cl,activity coeff cients of NaCl in NaC1-Na SOZ mixtures

’33) NaG1-CaC/2 a~cl NaC1-MgC12 mixmres(34)and NaC1-Li ,1 mixtures ,

were made L( ing the sodium amalgam-silver chloride cell. Measure-

Iments of the ctivity- coefficients @ Na S0 in NaC1-Na SO mixtures
24 24 (36)were made using a glass electrode-lead amalgam-lead sulfate cell .

I
Measurement of the activity coefficients of hTaCl in NaC1-BaC12 mixt-

ures were m de using a glass electrode silver chloride cell. These

latter measur rnems have not yet heel~ published and are given for

the first time in this report.

Measu ernenl% were made LE ill,g the coi-n~ined cell

1
Ag/AgCl/NaC’, H20/Na(Hg) -- Na(13g)/NaGl, MX, 1320/AgCl/Ag

II

‘k T’h~ ~~s ~1~ quoted in this s~ction have been published in detail in
the following

1. ficient Mess uremeilts in Aqueous Sodium
lectrolytes Using Sodiwm Amalgam Electrodes, “

Philomena T, 1-lsu, and John C, Synnott. J. Phys.

T “A :tivity- Coefficient Measurements in Aqueous NaC1-LiCl
and NaC1-KCl Electrolytes Using Sodium Amalgam Electrodes, “ by
James N. Butl ~r, Rims Huston, and Phiiomena T. HsL1. J. Phys. Chem.
71 3294-3300 (1.967). (Ref. 33)—~

3. ivity Coefficient Measurements in Aqueous NaC1- CaCl and
crrolytes Using Sodium Amalgam Electrodes, “ by Jan~es
ma Huston. J. Phys. Chem. 71, 4479 -448,5 (196?).

(Ref. 34)
—

4. Mean Activity Coefficient of Sodium Sulfate in Aqueous
o:lium (Ihlorj. de Electrol~tds, ‘r by John C. Synnott and

Chem. 72, 24/4-2477 (1968). (Ref. 36)



and the mean activity coefficient ? 12 of NaCl in ‘the mixed electrolyte

was calculated frorn the known emf and concentration values using

the equation

(1)

where m ~a+ and mC1- are the rnolalities of Na+ and Cl- in the mixed

electrolyt-e, mfia-!- and n~&l- are the modalities in the reference solution,

alld T10 is the mean activity coefficient of NaCl in the reference solution.

Using data(41) for the concentration dependence of the activity

coefficients of aqueous NaCl, together with an approximate value of the

Harried 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

(~12) was found to be linearly dependent on the ionic s~4~~t~) fraction of

the second component X z, according to Harried’s Rule ‘

(2)

‘llere710 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, Harried’s Rule

was found to be obeyed for all the systems studied. A typical Harried Rule

plot is shown in Fig. 22, for the system NaC1-CaC12, and in Fig. 23 for

the system NaC1-Na2S04. The deviations at low fractions of NaCl

(32) and by Lanierobserved by us (27) in the case of NaC1-Na2S04

rqixtures, probably reflect a systematic error resulting from the effect

of sulfate ions on the silver chloride electrode; not a true thermodynamic

deviation from Harried’ s Rule. Similar deviations were observed in

the NaC1-CaC12 and NaC1-MgC12 systems (see Fig. 22), and

attributed to interference by the alkaline earth metal cations

were

with the
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Activity coefficient of NaCl in NaC1-CaC12 electrolytes, showing
fit of experimental data to Hanlecl’ s rule. The straight lines
correspond to the least-squares values given in Table XIII.
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Fig. 23 Activity coefficient of Na2S0 -NaC1 ?kctrolytes at I = 1.000 m.
The s~raight line r?prt’sents ‘barned’ s rule and was fitted by the
method of least squar::-:., allowing the intercept to vary.
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!
sodium k-m.] am electrode. “Mc detailed numerical data (except for

14aC1-BaC12) re not reproduced h~re, but are given in o-LIrpLlb~ications,

as indicated y tlhe reference numbers in Table .X111.

In Ta ~le XIII, thfi Harried RLde coefficients obtained for the

various syst - nm studied are summarized. The straight line con-es-

pending to H rned’s Rul~ was fit to the data by a least squares approach.

Two methods w-ere used; the results given in Table XIII are the values

with the sma lest Iirnirs of error.

In the first method, , log T~0 was held constant at the liters-
tL.re(9, 40, 41) value, and a value d ~12 was calculated from Eq. 2 for

each mixlure . The ~~~a~l of th~se values for each set, together widl the

95% con fiden cc intervals (obtained from Student’ s distribution) was taken

m be the bes’t value for u 12. This method, gives heavier weight to

poims oJYhigh ar MX/NaCl ratio,

In ljle second method, the experimental values of y 12 and X2

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

a]~d”best ‘ia~u“s ‘f ’12 a~~d “lo
> were obtained from the slope and intercept

of the s~~aigl 1: line. These parameters, together with their 95% confi -

dence lil~its (from Student’ s t distribution), were taken as alternate
I

values. ~Thk east -squares value of ~ lo obtained by our second method

agrees tiith t1:e literature value to better than 99% confidence for all

data set~.

!1

Ip Tab e XH1 are also given the values of a2 ~, the Harried-rule

coefficient fo~ the second component MX. These were calculated from

the valuds of ~ measured in this work by means of the Gibbs -Duhem

r e lation,1 expr

~. .
where $1 m

the osmotic c

L (40,41~for Na2s~4,
ssed as the equation CaC12, and MgC12:

2
2a12 - 2 ~o~~ [2%0-920- 1]

(3)
.

e osmotic coefficient of a NaC1-H20 solution and p$20 is

:fficient of a MX -H20 solution at ionic strength.
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TABLE XIII

I-]arnecl Rule Coefficients Determined in this Work*

MX Ionic Strength ’12

‘a2s04

‘a2s04

LiCl

CaC12

Mgc12

BaC12

1.00

3.00

1.00

0.10

0.50

L 00

2.00

3.00

0.20

0.50

1.00

3.00

6.00

0.50

1.00

2.00

3.00

5.00

6.00

0.1

0.2

0.5

1.0

0.048 f .005

0.049 + .002

(O.048 t .003)

O.17 tO.16

0.042* .018

0.045t .017

0.067t .016

0.019 + .025

-0.06 * .10

-o.020* .002

‘o. 0101.012

0. 000+. 006

+0. 004 * .003

-0.065 t.040

-O.012f. 006

-O. 012+. 006

-0.009 t .009

-0.002 i .002

0. 000*. 002

-0.05 *. 02

‘o. 07 f. 02

+0. 040 + .005

-t-o. 005 f .002

a~1 Ref.

(-0. 034 t . 005) 32

(-0. 032 t . 002)

-0.035 i .005 36

33

(d-o.2 * o.3) 34

(-o.013 t .010)

(-O.006 + .010)

(-o.013 * .010)

(-0.020i .003)

(-0.09 t .12) 34

(-O.006t .021)

(-o.014t .013)

(-0.016+ .019)

(-o.005 t .004)

(-o.002 f .002)

(See ‘Table XIV)

* Component 1 - NaCl, Component 2 -NIX
Values in parenthesis are calculated using osmotic coefficients

(41)

Errors are 95% confidence limits.
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The~osmotic coefficients used were those tabulateclby

‘41) The values of ~2 ~ obtained for the NaCl -Robinson a~’d Stokes .

CaC12 syst m agree within experimental error with the corresponding

’30) Further comparison withvahes obta-lned from isopiestic data .

Iother exper mental data is made below.

*

NaC: -Na2S_04 Electrolytes. The results of five separate

studies on t, e system iNaC1-Na2S04 are compared in Fig. 24. our

first rneasu ements(32) were made using the cell

I
Na(Hg)/NaCl, Na2S04, IH20/AgCl/Ag

I
and gave The activity- coefficients of NaCl in the mixed electrolyte

directly. O r second set of measurements
(36) was made using the

cell

1Na G ass Electrode/NaCl, Na2S04, H20/PbS04/Pb(Hg)

which gave

1

‘irectly- the activity coefficients of Na S04 in the lmixed

?’27) and Gieskes 31) was done withelectrolyte. The work of Lanier

the cell

ICatic) l-sensit-ive Glass Electrode/NaGl, Na2S04, 1~20/AgCl/Ag

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

ments. Plati ‘oral’ s measurements
(35a)

were made by the isopiestic

method. Sor ,~e more isopiestic measurements have been made recently

by Rush(38) [.nd in a private communication, he stated that his results

agreed witl~ <mr measurements; but detailed data were not available at

the time this’ report was prepared.

At hig‘;h ionic strengths, there is reasonably good agreement

between the Iesults of various workers, but at ionic strength 1.0 and

below, the di screpancies seem to be outskle the expected limits of error
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Fig. 24 Variatiol~of the Harl~ed rule coefficients with ionic strength for
the system NaC1-Na2S04.
_.. - Calculated + Lanier (27)

o This work (32) A Gieskes (31)

o This w~rk (36) ~ Platford (358)
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for the ex

Furtherm

and a
’12 :
which is i

cornponen

follows :

If

cross -difi

dynamic c

should be

varied wit

coeff icienl

data show

0.32 and [

If :

preci~e dc

Combinin~

where B is

us

NaCl and 1

and a valu

;rimental techniques employed (e. g. t O. 005 in a12).

:e, there appears to be a systematic decrease in both

according to the data of Lanier and Platf oral, a resLdt

:onsisten~ with Harried’ s Rule being obeyed for each

The calculated curves in Fig. 24 were obtained as

th electrolytes obey Harried’ s rule, then thermodynamic

“entiation relations require that a further test of thermo -
(40j 4 1). The quantitYlsistency be satisfied

s’ =6 Q12+3Q21

dependent of ionic strength. Lanier(27) found that S‘

ionic strength and from this concluded that the activity

of Na2S04 did not necessarily obey Harried’ s rule. Our

at S’ is O. 14 at I = L O and O. 20 at I = 3.0, compared with

?6, reported by Lanier.

is as surned to be independent of ionic strength, then the

mdence of a, ~ and aq ~ on ionic strength can be calculated.

(4)

iq. 3 and 4, ‘~e obtaf~

’12 = (S’ + 3B)/12

‘21 = (s’ - 3B)/6

efined by

(5)

(6)

(7)B=2 [2 $10 - ji20 - 1]
2.3031

‘41) for the osrnOtic coefficients of~ tabulated values

#J04, B can be calculated as a function of ionic strength

for S’ can be chosm which best fits the experimental data
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at high values of onic strength. In Fig. 24, the broken lines are

calculated values of a12 and ~21 based On the assumption ‘S’ = O*190~

Increasing the assumed value of S’ makes both a12 and a21 more

positive, but does not change the shape of the curves.
(35a) has stated that Harried’ s rUle iSOn the other hand Platford

not obeyed for NaCl in NaC1-Na2S~4 electrolmes and thus he did not

calculate values of Q12 from his data. All the EMF data indicates that

Harried’ s rule is obeyed for NaCl; and our studies
(36) have shown—

directly that Harried’s rule is obeyed for Na2S04. Furthermore, the

unpublished work of Rush
(38)

apparently has verified the validity of

Harried’ s rule for both components.

Thus, at the present time, having analyzed critically all the

available data, we may conclude reg=diw the system NaC1-Na2S04:

(a) Harried’ s rule is obeyed for both components of

NaC1-Na2S04 electrolyte mixtures.

(b) The published value of osmotic coefficients(41)

can be used to predict the variation of a 12 and a2 ~ with ionic strength

if S’ = O. 190 (obtained at I > 3) is assumed to be independent of ionic—
strength.

(c) The best values of the Harried rule coefficients

in the ionic strength range from 1 to 6 are ~12 = 0.048 + o“ 003 and

‘21
= -0.035 f O. 005, essentially independent of ionic strength.

There is no clear reason for the discrepancy between our

mess urements and those of Lanier and Platford, but we believe our

values of Harried 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 thermdynarnically based extrapolation from higher

ionic strengths, where all results are in agreement.

The behavior of the Harried rule. coefficients for this system at

ionic strengths below O. 5 is not yet established. This is of theoretical

rather than practical interest, since in this range even large deviations
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}lth[
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error id s 10
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I
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electrolytes
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Fror

can obta’in a

in the mixed

obeyed by b[

e values will not introduce appreciable error in

ivity coefficients.

<Cl Electrolytes. Although we atte~mpted to measure

cients in NaC1-KCl electrolytes using sodium amalgam
I
> the kinetic interference of the sodium and potassium

was so great that results of sufficient accuracy could not-

Qevertheless, we obtained a general confirmation of the

lgam electrodes in systems with more than one cation,

n Section III-E; and our results were consistent with the

1(13’ 14’ 17) of Robinson on this SYSt~m,

~iCl Electrolytes. Our measurement-s(33) were made using

)/NaCl, LiCl, I-120/AgCl/Ag. The only other data on this

‘15), whichs isopiestic measurements of Robinson and Lj.m

137 at 2.00 m and O. 035 at 3.00 m. Within the confidence

ta (Table XIII) agree with a 12 = O. 035 for all points except

least-squares value of ~~lo obtained agrees with the

w to better than 99% confidence.

~h our experiments have shown general agreement, we

able to attain the precision afforded by the isopiestic

igher ionic strengths, the potential measurements were

:. At lower ionic strengths, although the measurements

‘ible’ ’12 is uncertain because the error in cr12 for a given

! varies inversely wit$ the ionic strength. Nevertheless,

are useful because th~,y provide a completely independent

sopiestic method. A good approximation for NaC1-J.iCl

ppears to be to use al ~,= -0.035 independent of ionic strength

creasing to

the osmotic

alue ‘f ’21’
lectrolytes.

-0.033 a~~ m.

‘(4 1) of NaCl and LiCl solutions, wecoefficients

which will give the activity coefficients of LiCl

For 1-1 electrolytes, if I-Iarned’ s rule is.-.
1 components, the Gibbs -Duhem relation becomes

(40,41,)
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The second term in this equation is O. 070 for ionic strengths between

1 and 3 m, increases to O. 073 at O. 5 m, and increases to O. 07,5 at 6 m.

Taki~~g ~ 12 = -0.035 as a representative value, we obtain a2 ~ = +0. 035

for ionic strengths below 3 m, increasing to + O. 040 at ionic strmgth

6 m. Since ~ 12 and a2 ~ are both virtually independent of ionic s~~engtll,

their sum is also independent of ionic strenmh and the thermodynamic

cross -differentiation consistency lest
(41, 417 is satisfied The isopiestir

data(15)
.

show small deviations from Harnedr s rule at high ionic strengths,

but these are negligible below 4 m.

ThUS, as we saw for the NaC1-Na2S04 system, a single valL~e for

~ 12 and a single value of a 21 suffice to calculate the activity coefficiel~ts

of NaC1-LiCl electrolytes, at all ionic strengths, for any requirem.ems

but the most exacting.

NaC1-CaC12 Electrolytes. The experimental results of five

separate studies are summarized in Fig. 25. Ou rnes.s uren~.ellts
(34)

were lmade with the cell

Na(Hg)/NaCl, CaC12, H20,/.~gCl/Ag

and gave the activity coefficient of NaCl in the mixed electrolyte directly.

Lacier, Fitzgerald and Mangelsdorf
(21) , and Moore and Ross (26) ~11

used a similar cell with the sodium amalgam electrode replaced by a

cation-sensitive glass electrode. Robinson and Bower(30) used the

isopiestic method.

In general, the agreement is excellent, with the exception of ~h~

two values of a12 marked with a question mark, which are apparently

in error because of errors in values obtained close to 100% NaC1. With

our first least-squares method of calculating a12, these points are gil-en

exceptionally high weight, but ‘when the second method is used, the same

data give Harried rule coefficients with much smaller confidence limits,

in agreement- with those of other workers.
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I

Na(Hg)/NaCl, MgC12, I-120/AgCl/Ag

and those of Lacier,
{z i)

and Fitzgerald and Mangelsdori’ Yvej:: m:.d~

with the corresponding cell using a cation-sensitive glass electrotie,,

I?latford has sent LWthe results of his isopies?ic measurements
@7; ~::”c

,?’r<~..
has also quoted some unpublished work of WLl, Rush and 5:a.’tchari ‘“-‘‘,

All these data are included on “Fig. 26.
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Our data obtained at i~l~ic stre@~s 5. ~ and 6.0 differ substa~l-

tially from the results of the theoretical ca~culation, the isopiestic

results and Lanier’s glass electrode measurements, all of which

agree with each other. This discrepancy is mt readily explainable.

Our data at these ionic strengths were the most precise w-e 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 ~f this magnitude and direction

without also causing apparent deviations from Harried’ s rule. We did

not observe such deviations.

‘f ‘videllce ‘s ‘hat a12 ‘s ‘o.
as our data have indicated-

Nevertheless, the overwhelming weight

009 to -0.010 at I = 6.00, and not near zero

Up to the present time, no attempt has been made to measure

a2 ~ directly in NaC1-MgC12 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 ion has not been

available. Although magnesium amalgam eiecmodes cam~ot be used in

this situation (see Section IV-A) because ci their irreversibility, it may

be possible to obtain some results using liquid ion exchange electrodes,

as discussed in Section VI-B. This has not yet been done.

We have computed a value of a 12 f01 the NaC1-MgC12 system at

zero ionic strength using the Br@sted theory, following the scheme des -
(30~ for NaC1-CaC12.cribed by Robinson and Bower To obtain a value for

the constant Bc, which describes the deviation (due to specific ionic inter-

actions) of the activity coefficients of pure MgC12 in water from the Debye -

Htickel theory, we calculated values of Bc from tabulated activity coeffi -

cients of MgC12 in water
(41) using Eq. 21 of ref. (30)

@ -yC = 2 log~st + 4/9 IB c
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where

A is the Deb:

Thus

a value for B

to be a lineal

gave B = O.
c

and Bower fo

The f

and 25 of ref

at I= O. ’ Usi

the activity c

obtain for OU:

values

at I = O, ~hic

for NaC1-Ca(

is shown on I

Thus

for the syste]

for the latter

of the values

methods.

log W = -AI+

1+1.51*

-Htickel constant, and I is the ionic strength.

Lch value of the activity coefficient for pure MgC12 yields

At ionic strengths greater than 2 (m = O. 7), Bc was founcl

‘unction of I and, when extrapolated to zero ionic strength,

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

flaC12, Bc = O. 176. )

rned-rule coefficients were then calculated from Eq. 24

io)

a12 = aB = 2//3 BB - 1/6 BC

=!2a21 c = 1/9 BC - 2/3 BB

; Robinson and Bower’ s value (which they calculated from

fficients of pure aqueous NaCl solutions) BB = O. 007, we

~aC1-MgC12 solutions at zero ionic strength, the limiting

212 = -0.0236

221
= +0. 0142

are close to the value obtained by Robinson and Bower (30)

~ solutions, The calculated value of a12 at zero ionic strength

~. 26.

; see that the dependence of a 12 on ionic strength is similar

J NaC1-MgC12 and NaC1-CaC12~ but a12 is more positive

ystem. Our experiments have provided additional confirmation

Ir the Harried-rule coefficients which were obtained by other
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NaC1-BaC12 Electrolytes. Activity coefficient measurements

of NaCl in NaC1-BaCl electrolytes were attempted using barium. amalgam2
electrodes (see section V-F) but were j~ot sufficiently acc m-ate clue to

kinetic interference between the sodium ion and the barium ion reactions.

However, we have made some mess urements at low ionj.c strengths

using a sodium ion-selective gla.ss electrode.

The experimental technique was the same as we used in our

studies of Na2S04-NaCl electrolytes ’36) (see Section V-D), except that

an Ag/AgCl reference electrode was used. Lanier(27) made measure -

ments of this type at ionic strengths of 1, 3 and 5 m; and the isopiesric

results of Robinson and Bower
(23)

at ionic strengths from O. 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 Harried rule coefficient o 17 appears to gO thrOUgh

a maximum positive value at an ionic stren@ of O. 2 m, and then become

negative, at lower ionic strengths. From the present data, this ~rend

appears to be outside experimental error, bLIt when corrections to round

values of ionic strength are made, it may- change. Further measure -

ments at ionic strengths below O. 2 m will he made to verify this trend.

’27) and those of RobinsonAt 1 m, our results agree with those of Lanier

and Bower(23) By analogy with the CaC12-NaCl system, and the MgC12-.

NaCl system, we might expect that u12 WOUld tend to~’ard large negati~~

values at low ionic strengths. The maximum positive value is al~ unu~ual

effect, and is not predicted by any theoretical model.

B. Calcium Activity Measurements Using a Liquid Ion Exchange
Electrode’:

During the past two years, a considerable amount of work has been

published which involves the use of the calcium-selective liquid ion exchange

(105 - 115) All of these studies, however, have beenelectrode system

limited to relatively low concentrations of calcium ion (< O. 1 m) becaus~

the commercial calcium -selective electrode systems use an internal

reference solution of approximately- this concentration. In this report

* Submitted for publication in Science,
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TABLE XIV

,ctivity Coefficient of NaCl in NaC1-BaC17 Electrolytes

=0. lm

Nacl

.14

. 78

.88

.07

.58

Tmal Ionic A Eob~
-log 712*

Strength (rev)

0.1012 0 0.1096

0.1007 3.9 0.1060

0.0999 11.3 0.1054

0.0990 23.0 0.1096

0.0982 38.9 0.1055

0.0976 56.8 0.1095

a12 = -0.05 + 0.02—

= 0.2 m

.76

.08

.63

. 29

.89

0.1960 0

0.1966 7.45

0.1970 13.75

0.1977 25.9

0.1980 35.0

0.1986 60.5

’12 = +0.07 + 0.02

‘ected to round values of ionic strength.
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0.1365
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TABLE XIV (Cont. )

I=o.5m

100

85.64

65.69

52.29

28; 58

12.22

Total Ionic A Eob~

$treng~h (rev)

O. 5187 0

0.5191 5.75

0.5197 15.13

0.5201 21.44

0.5208 40.86

0.5214 55.02

a 12 = +0. 040 + 0.005—

I= LOm

100

79.55

73.06

51.02

34.07

17.23

1.0738 0

1.0433 8.0

1.0342 11.5

1.0034 24.0

0.9798 36.1

0.9563 56.3

-log 712*

O.1669

0.1712

0.1774

0.1701

0.1819

0.1867

0.1832

0.1818

0.1867

0.1901

0.1840

0.1849

’12
= + 0.005 + 0.002—
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we give the results of experiments carried out to see whether t-he

activity of calcium salts could be mess ured at concentrations above

1.0 m.

We have made a number of measurements of the potential of

the cell

‘rgalljc/CaH, Cl-, H20/AgCl/AgH Cl-, X7 1“120/ phaseAg/@Cl/Ca ,

where the organic phase consists of O. 1 m calcium didecylphosphate
( 105) X represents any- iondissolved in di -n- oct ylphenylphospholla~e .

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 concentratio~l of calcium chloride.

In our first set of measurements, both test and reference solu-

tions consisted of CaC12 (pi-1 6-8) solutions of various concentrations.

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 tie reference solution,

which was also the internal filling solution, and the other containing the

test solution (concentration m). The calcium ion -exchange electrodb

body and the ion exchanger were those marketed commercially by Orion

Research Inc. This electrode body was transferred back and forth

between t-he two cells, and the potential recorded as a function of time,

by means of an expanded-scale pi-I meter and potentiornetric recorder,

as described in Section V-E.

Instability and deviations from Nernstian behavior, which were

observed at high c oncent~ation of both in~ernal and external s olut~,ons,

were partly due to deterioration of the silver-silver chloride reference

electrodes. Even though all solutions were saturated with AgCLt~lis

apparently did not completely prevent the deteriorate.on. However, by
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Irepeatedly ~eplacing an unstable reference electrode with a stable

one and mak ing the measurements as quickly as possible, we were

able to obtai n reproducible rneasuremen~s up to 5.5 m.

The Dependence of cell potential on the activity of CaC12 in

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

a wide rang< !, with the formal description of the organic phase as a

membrane permeable only to calcium ion. The potential may be

thought of as I arising because the counter-ions (Cl-) are unable to

penetrate tlx ~ membrane, but the actual mechanism involves ion-

exchange eq ~ilibria at both organic- aqueoLw interfaces. From Fig. 28,

the potential is seen to be given by the expected Nernst relation;

E = EO + 3RT in (rev)
21?

(1)

where m is 1jhe molal concentration of CaCl and y is the mean activity

coefficient o ! (la(l in the test solution. 2
2

E contains a similar term

for the refer ence solution, which is constant in composition over a

series of me asurements; as well as any asymmetry potentials result-

ing from the interracial charge distribution being different at the two

interfaces. The higher is the concentration of the internal solution,

the higher is the concentration of external test solution for which equation

(1) is obeyec . On the other hand, with concentrated internal solutions,

equation (1) :.s not obeyed for dilute test solutions. Thus the most accurate

measure of G:alcium activity in a given solution is obtained if the internal

solutioli is s .milar in concentration to the test solution. Even in 5 to 6 m

CaC12 (log n .7 = 1. O), equation (1) is obeyed over a narrow range of

activities if :he internal solution and external solution are matched.

1
In a 1econd set of experiments we attempted to measure the activity

of calcium il~ mixed solutions containing sodium ion. The Orion electrode

was used wit out any modification (internal solution O. 1 m CaC12) and the

test so~ution consisted of NaC1- CaC12 mixtures at total ionic ‘strengths of
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Fig. 28 Response of the calcium -sensitiv~ licluid ion exchange electrode
with clifferent c wlc~ntrations of CaCl~ as internal reference
solution. The abscissa values (In) refer to the rnolal concentration
and mean activity coefficient of CaC12 ill the test solution. Through
each set of data, a line of theoretical slope (88. 7 mv) has been
drawn, as p~edicted by Equation (1).
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activity toe:

by the isopi~

A re

from Nerns~

concentrati(

of the selecl

such as CaC

are transpa

ion c oncentx

exchange mc

simple Nem

from ideal k

the species

with the spe

Na+, which

at high chlo~

m. In such mixtures the potemial of the cell depends on

-ation of both NaCl (m ~) and CaC12 (m2).

C in [m2 (ml + 2 n22)2 y213
z

+1< m12 (m + 2 m2)2 7124 1 (2)

s the mean activity coefficient of NaCl and Y2~ is the mean

‘ficient of CaC12 in the mixed electrolytes and K is the

atic). Although the selectivity ratio for the calcium -sensitive

change electrode in the presence of Na+ is approximately

e solutions(105), “Its behavior in the presence of interfering

1 more complj.cated in concentrated solutions. Figure 29
:lectivity ratios calculated from our lmeasurements. The

‘iciellts 712 alld721 were taken from measurements made

!stic and amalgam electrode methods (30, 34)
.

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

(107). If speciesivity ratio in the presence of sodium ion

lR (where R is the dec ylphosphate group in the ion exchanger)

ted through the organic phase instead of CaR2 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 CaCl solutions.
2 The observed deviations

ahavior are in the predicted direction (Fig. 28). Furthermore,

OaCIR would be expected to be more easily interchangeable
H:ies NaR, and the selectivity of the electrode for Ca over

lepends on the formation of CaR ~, decreases (K increases)

ide concentrate ons, as we have ~bserved.

- 122 “



I I

I I I 1-
20 40 60 80 100

IONIC STRENGTH ‘/e NoC~

Fig. 29 Selectivity ratio (defined by Equatim (2)) for calciunl - semitive
liquid ion exclml.~ge electrode in NaC1- CaC12 solutions of cmstant
ionic s L’t;llgtll.

- 123 -



L------C. T,le Activity of Calcium Ion~<

~ /

Introduction. The activi.ty of calcium ion in b]ood serum,

urine, and 01 er extra-cellular fluids is well known to be an important

(26’ 112~, Direct rneasuremellt of this quantiyphysiological parameter

Lmtil recentl has been experimentally difficLdt, and ak o depends on

non -thermod namic assumptions to split experimentally accessible

chemical pot mtials into parts attributable to single ions, CalciLum ion

concentration , a qLlantity directly meas Lmabk by ion exchange (1.16)

tiIratiol~(119) (117, 118) (120,’121)spectrophomerry or flame photometry )

,1has ofte~l bee ‘1used as a measure of calcium ion activity, but the activity

coeffic iem of calcium ion in physiological fluids is certainly not unity,
I

and may vary considerably with the composition of the solution.

~ IRecen interest in the measurement of calciL~m ion activit using

specific~ ion e lectrodes (105,112,113,114)has raised, the question r)115 of

+
establishing n unambiguous calcium ion activity scale in a manner

Ianalogoks to ‘l~e establishment of the hydrogen ion activity (pH) scale.

Quite a~art f{ om experimental difficulties, there are two important
I

probletis ass~ciated with establishing sL~ch a scale. The first is a

choice ~f the b ethod by which the chemical potential of a calcium salt

+
in a miied el ctrolyte shall be divided into contributions from its

I
individual ion~. The second is the establishment of standard solutions

dof know~~ acti ity against which the specific-ion electrode system may be
(122)calibrated in I ractice .

~ 1The a tivit y coefficients of the salts in NaC1- CaC12 -H20 mixtures

have been the su,bjecl of a number of studies(26? 27? 30> 34) during fhe last

three ye~ars,

1

nd sufficient data is now available to provide an accurate

measure of t] e thermodynamic activity of calciulm ion in solutions con-

sisting ~rima ily of NaC1. These solutions can be taken as calibration

rmixtures for irect measurements of calcium activity in serum and related
.—

solutions.
.

-r ““”* Papers has’ d on this section were subm: tted to Analytical Chemistry
and the Bio hysical Journal.

--
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This paper presents a summary ofexperilnental data on the

NaC1-CaC12 electrolyte mixtures, discusses the possible calcium

ion .activily scales, and gives a table of activity coefficients for

solutions of physiological interest.

Experimental Data. All available experimental mess ure -

ments of the activity coefficients of CaC12 in NaC1- CaC12 mixtures are

indirect, and depend on the use of thermodynamic relations to obtain

the desired quantity. Cation-sensitive glass electrodes (26, 27) and

sodium amalgam electrodes
(34) measure the activity of NaCl in rnix~ures

From the osmotic coefficients of the pure components
(40, 41)

with CaC12.

the activity coefficients of CaC12 in the same mixtures can be calculated

(see Section VI-A). An independent measurement has been made by the

‘30), which essentially measures the vapor pressureisopiestic method

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 Harried Rule coefficient a~, , defined by the equation
(40,41)

‘hel”e ‘21 is the mean activity coefficient of

(1)

CaC1. in the mixed electro-
‘(41)

lyte, 770 is the mean activity coefficient of CaC12 in a solution of the

same i~~ic ‘strength but col~taillillg o1llY CaC12, a~ld m 1 is the molal col~cel~-

tration of NaCl in the mixed electrolyte. The available data extend to ionic

’30) but we have presented data only for the range of ionicstrength 7.0 ,

strength (I < 1. O) which is of physiological interest. The line on Fig. 30

represents our appraisal of the’ “best values” for U21.

For the convenience of those wishing to avoid the graphical inter-

polation and subsequent calculations required to evaluate 721 ill a s olutiol~

of interest, we have prepared a summary, presented in Table XV, of the
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Iactivity coe ficients of CaC12 in solutions containing varioLls molal

concentrati~ns of NaCl (m, ) and CaC19 (mq). To calculate this table,

we used our

coefficients

Robins on an(

strength abo

rnodif ication

with A = O.

The value of

pond to the I

in slope at I

coefficient v

equation in. t,

720) was at 1

All t}

250 C instead

effect of a 1:

predominant

of the coeffit

and at ionic

than the 25° t

cons tant dow

culated from

A Jab

‘best values ‘i of a21 from Fig. 30, together with activity

~t~Jj~(~je12 ‘“lutio~~s ~20
obtained from the tables of

These tables cover only the range of ionic

e O.3. For the range below O. 3, we used the Guggenheim

)f the Debye -Htickel equation (40)

(2)

09, B = O. 2486, and the total ionic strength given by

I =rn ~+31m2 (3)

; was obtained by making ~20 = O. 518 at I = O. 3, to corres -

]bins on and. Stokes tables. This resulted in a discontinuity

~O. 3, which was smoothed graphically, resulting in activity

lues slightly higher than those obtained by the Guggenheim

e range I = O. 1 to O. 3. The largest discrepancy (O. 004 in

= 0.2.

~ activity coefficient values presented were obtained at-

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

degree temperature change is not inordinately large. The

:ffect may be calculated from the temperature dependence

em A in the Debye -Hflckel theory. At 38’C, A = O. 475,

trength 1.0, this results in a value of 720 which is higher

value by approximately O. 025. This discrepancy is relatively

to I = O. 1, but decreases to zero at I = O, and may be cal-

Equation 2, as surning B is independent of temperature:

= ‘Y~050) antilog [0. 050 ti/(1 + ti) ] (4)
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Corrections calculated from this fiquation maybe applied to the data

in Table XV. For intermediate temperatures, note that A varies
(40,41)

inversely with the 3/2 power of the absolute temperature .

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
-t-t

of Ca at ionic strengths less than 1. Calcium forms complexes
(116, 118) b~lt ~omplexed calciumwith protein and other organic materials

species are not normally measured by a specific ion electrode, and

because of their low charge density and low concentratio~l 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 mess ured with

a specific ion electrode and total calcium as determined by other methods
(120,121)*p

such as flame photometry rovisionally, then, we may suggest

that NaCl -CaC12 solutions, of the same ionic strength (or less precisely,

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

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/Cafi,

where the reference electrode

potential is given by

Na+, Cl-, e~c. /AgC1/Ag

is reversible to chloride

(5)

ion, and the

- 129 -



1
where ~+ is the mean activity of CaC12 in thb mixed electrolyte, given

approxi~ate y by values in Table XV. The second type is more

common, a~~’ employs a salt lmidge and reference electrode of fixed

potential:

“Ca” elecmode/CaU, etc. /KC1 (sat-) /I-Jg2C12/Hg

I
The right-ha ld electrode, including the KC1 salt bridge, is ernbodj,ed

in cornlmerci 1 saturated calomel reference electrodes. The potential

of this cell i given by

(6)

(7)

(8)

where y+ is the “ single ion activity coefficient” of Ca -t+
, and E. is

1
the diffusion potential resulting from the liquid junction between the salt

bridge and t
7e

test solution. The standard potentials E: and E; are

independent c~f the composition of the test solulion, provided t-he specific
-1-tion electrode does not respond to any ions in the solution besides Ca .

The fi.rst cell is thermodynamically well-defined, and dle mean

activity coeff icient of CaC12 in a mixture of extreme complexity can in

principle be {>btained by any of the various methods used for simpler

mixtures. T ~e second cell is not at equilibrium because of the liquid

junction betw :en solutions, where mixing is taking place continuously.

The cliff usion potential is small if the transport numbers of cation and

anion in the s alt bridge are small, and the salt bridge concentration is

large compar ed to the test solution concentrations (e. g. saturated KC1).

In practice tl-~is condition is obtained with good commercial reference

electrodes, a nd E. may- vary by less than 5 millivolts over a considerable
J

range of test ‘solution compositions. Unfortunately, there is no unarnbi -

guous way to separate YH and Ej either thermodynamically or theoretically,
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without making certain ad-hoc ass umptions; and an uncertain y in

Ej of 5 millivolts corresponds to an uncertainty in ~~ 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-

‘122) Cell 7 is measured with a known solutiontional” definitions of pH .

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 y+ is known from measurements in Cell 5

or by other measurements. ~he single ion activity coefficient 7* is

either calculated theoretically or taken to be some function of the

quantity 7+. Three simple choices of this function have been made,

each of w~ich has some validity.

fiatkay( 113’ 114) chose to set 7H = Y+, and justified this—
choice by comparison of experimental potential rneas urernents made

on Cell 7 with a theoretical curve calculated assuming E. = O.

Garrels(124)
J

assumed that the activity coefficient of chloride ion can

be approximated by the mean activity coefficient of KC1 in aqueous KC1

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

Sti 1 another assumption is su gested by the various equations based
(401 417- For a 1-2 electrolyteon Debye -HffckeI theory

value of y+ is given by

log ‘YH = - 4 A fl/( 1 + @ + extended terms

whereas the mean activity coefficient Y+ is given by
—

log Y+ = - 2 A W/(1 -f-@ + extended terms

(9)

like cac12’ ‘he

(lo)

(11)
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If the extend(
Irelationship

is obtained.

than the ofhe

basis th an S1:

Garrels r ass

included. two

the Debye-Hi

log 7+

with the Iion-~

a divaleht io~

log -Y+

The Davies e

activity coeff

In both c$ the

T he d

Fig. 31 and c
I

ion elecmode

assumption) j

the top ok Fig

estimates on

of a specific

for CaC12 alt

terms are sim

= (7+)274+ .

lar in both equations 10 and 11, the

(12)

.lthough this cannot be tested experimentally any more

two ass Lumptions can, it has a stronger theoretical

:kay ’s assumption, and is si~mpler to calculate than

mption. In addition to these assumptions, we have also

roves calculated by means of theoretical expressions;

kel equation for a divalem ion (40)

—- (0.509)(4)$./I—
1+0. 328afi

ze parameter a = 6; and the Davies (123)
eq Llation for

= - (o. 509)(4) ~ :ti -0.21

(13)

(14)

lation has been shown to give a good fit to the mean

ients of a large number of 1-1 and 1-2 electrolytes.

! equations I is the ionic strength, m ~ -f-3 m2.

crepancy between these four estimates is shown in

:responds to less than z mv in the potential of a specific

m m ~ less than 1.0. In contrast, Yw = ~+ (Shatkay ’ s
—

~es values between .45 and .55, which are off scale at

27, and the difference from the group of four other

ig. 27 corresponds to as much as 10 rnv in the potential

n electrode. A similar set of curves is shown in Fig. 32
au.
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m2 = 0.005

(yCaC12)2

GARRELS ASSUMPTION
DEBYE-HUCKEL EQN.
DAVIES EQUATION

1 I I I I I I I 1
x

x

—

1
I mv

I 1 I I I I I I I

0.2 0.3 0.4 ~-5 0-6 0-7 o“~ 0“9 ‘“0
ml

Fig, 31 Estimates of the single-ion activity coefficient for CaH (at concen-
tration m2 = . 005) in NaCl solutions of concentration m 1. The
various methods of calcdatiol~ are described in the text.
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Frant(l’5) was correct in pointing out that in CaC12 solL~tions

the ratio Y+/”!H is larger than unity (1. 2 to 1. 6), but he did not point
—

out that these particular ratios res Ldt because ~+ varies between 0. 8

and O. 6 over the range of ionic strength O. 01 to h. 15. The ratio

(~+)2/~H over this same range is O. 95 i . 05; the exact values clepen-

cli~g on how ~+ is calcL~lated. Certainly (7+)2 is just as si-mP~e a~ld—
convenient to use as is Y+ itself, and has the additional advantage of a

—
sound theoretical basis.

of

of

One further point should be made regarding Shatka.y’s choice

reference electrode system. He has explicitly excluded the possibiiit~y

potenlial differences arisi~~g from the l.ic~uid junctions in h~.s cell:

r ++
H@3g2c12/Kcl(sat)/Ca (ref)/membra~le/CaH(test)}KCl(sat)/1-lg7Ci2/Hg

at points r and t. The over -all potential of the above cell, assurn@— -1+ is
the membrane is perrnea.ble only to Ca

(114)the concenU-ation of &In the simplest of Shatkay’ s experiments

was kept cons rant, and only the concentraticm Gf added N-aCl was varied.

Shatkay attributed all the changes in observed potfii~tj.al 10 variati.cms in

-the activity coefficient of the test solution, and assumed that Er was

equal to Et regardless of the compositim~ of the test solution. ‘Ths dif -

ference Er - Et could have been as large as 10 mv for the concentrated

test solutions, bu~ need not have been included at all if chloride-reversible

reference electrodes had been used in both com~artments witho~~~ sp.lt

bridges.

Because of the agreement w’it~l theoretical “~al’~es for Y+E ) “’we

++ = (?’t)2 01 the Garre~s( 124)recommend that either the assumption 7’

assumption be used to estimate sj.ngle -ion activity coefficients for cdciurn



ion in star dard mixtures. Either of these would result in a calcium

ion activit :y scale with an uncertainty of less than O. 05 pCa units at

ionic strel @s less than O. 5. Although this is not as well-defined as
(122) .

the pI-.Isca le , It may form an interim basis for calcium ion

activity Int:as urements until international agreement is reached on

activity st :.ndards.

-“D. Prediction of Multicomponent Activity Coefficients Using
the Bronsted Theory-*

In z. paper published recently (34) we have Us@d the Bronsted-

Guggenhei 1n theory of specific ionic interaction to estimate the Harried

rule c oeff icients of NaC1-CaCl and NaC1-MgCl mixtures at zero ionic
2 2

strength. This tiheor y ass umes that the deviation of the logarithm of the

activity co :fficient from the Debye -Htickel theory is a linear function of

the produc ‘:s of modalities of ions of opposite sign. The coefficients are

evaluated :#

coefficient:

they were c

Guggenheim

Htickel the(

Sin<

MgC12 (30,:

closelyone

data for th~

R obinsoll a

Section VI-

’12

Qi2

a i’2

* Unpublis

‘om data for the pure salts. Although the Harried rule

predicted were nor as accurate as the measured values,

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

1 theory is useful for esti~mating deviations from the Dehye -

ry at moderate concentrations.

e data now exists for the three systems NaC1-CaC12, NaCl-

4), and CaC12-MgC12(29), it was of interest to see how

could predict the activity coefficients of one pair from the

other two pairs. Following the formalism set out by

ld Bower~30~ which we used to calculate a12 for MgC12 in

A, we have

=2 _l for NaC1-CaC12 mixtures
~ ‘NaC1 ~ ‘CaC12

2B= ~ NaCl - ~ ~gc12 for NaC1-MgC12 mixtures

= ; (BCac12 - ‘Mg@12) for CaCj -MgC12 mixtures

led
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In each of the mixtures, the first compound quoted is component 1 and

the second is component 2. FrcIrn the above relations it immediately

follows that

“i2 = ~ (ai2 - ’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 rnulticomponellt 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 Harried rule

coefficie~lt ~ ‘i2
which are O, 007 more positive than the experimental

values obtained by Robinson and Bower. Nevertheless, such a pre -

diction is more acc~lrate than could be obtained from data on solutions

containing a single salt.

In a similar manner, we can predict that the Harried rule coeffi-

cient for the second component is given by

‘%’1
= 4 (a2~ - ~zl)

where the notation is the same as before. These two quantities are

compared on Fig. 34. Again the Eronsted - Guggenheim theory predicts

a more positive value for ~’i2, but the discrepancy is so large in this

case that it is of little predictive use.

Thus we observe that the Bronsted - Gugge~~heim theory is of

limited use in predicting the Harried rule coefficients of unknown mix-

tures. If we may generalize from only a single case, we may say that

’12
is predicted more accurately than is a2 ~.

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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Prediction of the Harried rule cwfficient ~21 for the CaC12-Mgc12
system by the Bronsted theory.
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1. Calcium amalgams may be easily prepared by

~biqation of the elements, but preparation by electrolysis

fficult than for sodium amalgams, because of concurrent

volution.

2. The calcium amalgam electrode is not as reversible

.um amalgam electrode, and a study of its electrode kinetics

ught to precede any attempt to use it for thermodynamic

Snts. This is comfirmed by the literature data (Section IV-B).

3. BecaLwe calcium hydroxide is relatively insoluble,

retaining solutions cannot be made basic enough to inhibit the

volution reaction on calcium amalgam electrodes and thL1s

Ldt both from the kinetic imbalance effects and from concen -

arization effects. The kinetic effects are much greater than

amalgams because of the lower exchange current of the

~algam electrode.

4. The presence of one or two percent sodium ion in the

changes the potential of thfi calcium amalgam electrode as

10 mv more positive, which indicates that reliable thernlo -

easurements cannot be made using a calcium amalgam elec -

lutions containing both sodium and calcium ions.

Studies in Nonaqueous Solutions. Although investigators

ssfully ~made measurem~nts in aqueous solutions using

lalgam electrodes, it is of interest to establish what the

mnic potential of such an electrode is in nonaqueous solutions

~lations based on absolute entropies and heats of reaction,

“d potential of pure calcium in aqueous solution is found to be
,(56)

. If measurements are made of the potential difference

re calcimm and calcium amalgams of various concentrations

~eous electrolyte containing calcium ions, where no other reac -

as corros on of the electrodes by the solvent) can take place,
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then the thermodynamic potent al of the calcium electrode ill

aqueoLw solution can he established

in Section IV-B.

During this progra~n we have

experimentally, as discLwsed

carried out some preliminary

experiments in an a~tempt to measure the potential difference between

a pLme calcium electrode and a calcium amalgam electrode. We have

chosen propylene carbonate (4-methyl dioxolone -2, abbreviated PC)

as the solvent, since it is known (125- 127)
to be a good solvem 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 polystyrel~e 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 approximately

SO ml/min. The distilled propylene carbonate contained 31 ppm

(O.003 1%) of water and less thxn 60 pprn of organic impurities, which

were mostly propylene oxide and propylene glycol.

Working in a glove-box with an argon atmosphere VE prepared

a solution of O. 0100 M anhydrous CaCl in this solvent, which was
2

analyzed and found to contain 118 pprn water. Calcium amalgam was

prepared by dissolving clean calcium metal (.4. D. Niackay, Inc. ) in

mercury. The pure calcium electrodes were polished mechanically

before measurements were made and appeared shiny and metallic

(like stainless steel) throughout th~ experiments. Potentials of the

cell
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Ca(s; :~/CaC12 (0. 01 M in PC)/Ca(I:lg)

were measw red for amtilgarns of four concentrations, as well as for

an arna.lga.m pool which contained a piece of solid calcium in contact

with it, and was presumably saturated. The results are listed in

Table X ‘W. H the Ilernst relation were obeyed, the quantity listed in

the thi~d col umn shou~d be imiepend.ent of the arnal.garn c oncentxations;

( 128), the effect of changes in theby analogy v/ith other amalgams

activiti- coei ficient of Ca in the a.ma.lgam over the concentration range

covere d sho JM be less than 10 mv. The observed variation of nearly

300 m v mus z be attributed to the irreversibility of the cell. Even SO,

the ohs‘erve 1 differences ~.ndicate that the potential of a calcium amalganl

of this CO11C6:ntration range in aqueous solutioms would be approximately

0.8 volts m(n-d ]?ositivc than the potential of pure calcium, or approxi-

mately ‘ -2. 1 volts. TtIis is somewhat more negalive than the stanclard

potenti ‘al wh ich we calcula~ed from literature data obtained ii~ aqLleou-s

sulutio ,13s (St9~tion IV-B).

W-e 1lelieve that the precision of thfise meas Lirements can be

grt~”dy imp Juoved by some modifications in the experiment. The most

si~llifica.-nt t l~i~;g we observed was that althougl~ the amalgam pool

developed a suhstantia] number of gas bubbles in a rather short time,

the puke c%;.cium rod rfimainecl shiny in the propylene carbonate electrolyte

and sh ‘3wed no signs of gas evolution. F m-therrnore, the water c ontem

(mess ured 1)y gas clmomatog~aphic analysis) of the electrolyte removed

fru~-il the ce 11s was substantially lower than that of the original electrolyte,

clsmorl strat- n~ that some of the water in the electrolyte hacl reacted with

the el+ctrm .e materials. These observations indicate two possibilities:

The ~e:x m y used to prepare the amalgams may have contained either

wa~er or Oxygm ‘which caused the amalgam electrodes to corrode in the

propyl~ne c arbonats electrolyte; or the calcium electrode passlvated

in the pres mce of the small amounts of water in the electrolyte, and

therefors d i< 1101aQ..L..L-~=;OVe its eq~i]j.~ri~lm potential.
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TABLE XVI

Calcium Amalgam Electrode Measurements

Ca(s)/CaC12 (0, 0100 M in PC’~)/Ca(Hg)

‘Ca
(mole ~ E E -@h, XCa ‘2° co’’te’~’

Ca in Hg) volt s 2F of electrolyte

O. 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) z 11 ppm

* Propylene carbonate as distilled contained 31 ppm H20 and < 60 ppm
organic impurities. The CaC12 solution when first prepared contained
118 ppm H20.

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 noll-

aqueous reference electrode reversible to chloride ion, such as the

TIC1/Tl(I-Jg) 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
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1the water, ~organic impurity, and calcium ion content, of the

electrolyte during fhis prepurificationprocess, errors dLle to

corrosion f the amalgam can possibly be avoided.

Er~ ors due to passivation of the solid calcium surface are

more diffid L~ltto avoid, as we have explained in Section IV-B. Here

it seems tc be necessary to scrape the surface exposed to the solLl -

tion active] y during the measurement. Again, an external reference

electrode (:.nstead of a calcium amalgam electrode) in the cell would

enable LWt ~ separate errors due to the amalgam electrode from errors

due to the jolid calcium electrode.

The se experiments would result in an experimental value for the

standard pC~tential of the calcium electrode in aqueous solutions which

would prov-:i.de an independem experimental verification of the presently

‘5’6), which is based on entropy calculations ’93) and not onaccepted v; .lue

a direct ex]Jerimental measurement.

F. Studies on the Barium Amalgam Electrode*

NaC1-BaC12 Electrolytes. On the basis of the literature

values for :he standard potential of barium amal~ams, we suggested

~.nSection IV-C that accurate measurements of the activity coefficients

of bariLml 5alts i.n cambinatioi~ with alkali metal ions and various anions

such as CM<~ride or hydroxide might be made using barium amalgam elec -

trodes. In our preliminary y measurements on BaCl,2 -Ba(OH)2 electrolytes,

difficulties were encountered with the precipitation of material from these

solutions. At first this was assumed, to be BaC03, formed from traces of

C02 in the solutions, but later analysis showed that it is more likely to

be 13a@H)2, precipitated because of the common ion effect by addition of

excess BaC 12. The maximum ionj,c strength wb.ich can be reached in

such syster I~s is thus less than O. 1 m, and we decided to attempt measure-

ments on a system which would not suffer from such drastic limitations

on concentr ation.
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During this program, successful measurements were made

with a barium amalgam electrode in BaC12-NaCl electrolytes, using

the cell

Ag/AgCl/BaC12, H20/Ba(I-Ig) --- Ba(I-Ig)/13aC12, NaCl, IH20/AgCl/Ag

The apparatus was

ments with sodium

was approximately

the same as we have used for our previous measure-

amalgam electrodes (section V). The barium amalgam

0.06 atomic percent Ba, and measurements were made

at ionic strengths of 1..0 m and 3.0 m, wj.th various NaC1-BaC12 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 AgN03 solution. The chloride

concentration of the NaCl stock solution was O. 7% less tlla~l predicted,

and the chloride concentration of the BaC12 stock solution was 3. 4%

less than predicted,. These discrepancies resulted from the water cont-

ent of the salt as obtained from the manufacturer. The manufacturer’ s

lot analysis of BaC12 (Table XII) showed no impurities which would be

expected to give a s igllificant error in the EivIF measurements, and

so further purification of this salt “was not carried. out. The pH of O. 34 m

BaC12 was 5.0 and that of 1.005 m, 5.2.

Barium amalgam was prepared by combination of the elements.

Approximately O. 8 grams of reagent grade Ba metal (Fisher) was brought

into contact with triple -distilled mercury (Doe and Ingalls) in a pre -

purified argon atmosphere (< 1 ppm oxygen) in a glove -box. This mixture

was allowed to stand overnight to achieve equilibrium, and the liquid

phase (WO. 5 atom percent Ba) was diluted to achieve the desired concent-

ration of amalgam. Initially, O. 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 O. 065

atom percent Ba was used. The concentration of the amalgam was confirmed
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by analysis

with exces~

In g

troublesome

the droppir

quently, am

of oxygen c

capillaries

being dega~

before the I

capillaries

and cleanet

In s

oxygen, a 1

to become

stable solic

film, was I

analyzed a~

the actual ~

The

long as the

slower in o

as~lmvf

changed ev~

tot O.4m1

value of Eh

showed no J

The

this progra:

were calcu

of the actual sample used in the experiment,

HC1 and back-titration with standard NaOH.

sneral, the barium amalgam electrode

~ than the sodium amalgam electrode.

g amalgam electrode system became p’

by reacting

is much more

The capillaries of

ugged quite fre -

i 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

seal. Measurements could then be made for up to 5 hours

capillaries 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

tisibly thicker with time. Whether this is a slowly-formed

compound of barium with mere ur y, or an oxide-containing

ot firmly established. The liquid phase of the amalgam was

d was not appreciably depleted of its barium content, so that

mount of solid may have been very small.

stability of yotential measurements was good (f O. 05 mv) as

dropping rate was high ( >2 drop/see), but when the clrop was

le electrode than the other, the potential fluctuated by as much

nd readings became very inaccurate. When solutions were

:ry 15-20 minutes, the potentials were affected by only f O. 1

7 except at the very beginning of the measurement. The best

[F was taken to be the average of at least four readings which

:ystematic trend, and is estimated to be accurate to + O. 1 mv.

results of the two series of experiments carried out during

n are summarized in Table XVII. The activity coefficients (Y2 ~)

ated using the equation
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The reference solution for each set (superscript zero in above equiation)

was the first entry, labeled “ 100~ ionic strength BaCln” , and the
L

activity coefficient of this solution was taken frmn the tables of F.obizsoz

and Stokes(41) , as were the correction factors used t-o obtain Lhe vali;as

of log ~+ at round ionic strength (listed in the last- column of Tabl.s XVII).—

TABLE XVII

Activity Coefficients of BaC12 in BaC12-NaCl Electrolytes at 250 C

Total ~ Ionic

Ionic Strength ‘tre~~gth ‘ac12 E (rev)(a) - log 7+. - log :~(corl-$~~— ~

L 019 100 0 .3782 .377E
1.029 81.28 0.60 .3848 .3362

1.036 68.42 0.44 .3763 ~:!,7&3

1.046 49.71 -2.30 .3247 ,,3272

1.065 14.89 -12.00 .0827 .0861

3.015 100 0 .3965 .3969
3.009 92.72 -0.35 .3911 .3917
2.992 73.62 1.22 .3988 f!pg~*U
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 BaClq”

(b) Corrected to L 000 I nd 3.000 m Ionic stre~~th using data :k~riq

?f)Robinson and Stokes 4 .
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corrected values are plotted in Fig. 35. On the same

~ve drawn lines corresponding to the Harried rule coeffi -

ned by Lanier
(27) .

using a catiorsensitive galss electrode,

02 ~ by means of the Gibbs -Duh6m relation using the known

(41, AlthO~lgh the experi -:fficients of the pLme electrolytes .

ts at greater than 60% 13aC12 deviate by less than 1 mv from

cal lines based on Lanier’ s data, the deviations at low

mtages are quite large, s ysternatic, and reproducible.

Ltions are almost certainly due to interference by sodium ion

ctrode reaction, and can be explained in terms of kinetic

ough the potential difference between a barium amalgam and

~lgam electrode is 300 mv when the concentrations are the

:odium exchange current is so rapid compared to the barium

m-ent that interference can be obtained on a kinelic basis

essentially no conversion of barium amalgam to sodium

curs. The quantitative evaluation of this effect can be made

’33) for the interferenceI, similar to that described elsewhere

:tal cations (Section III-E), and it may be possible to obtain

late numerical value for the exchange current of the barium

~m the data listed in Table XVII.

~alitative picture j.s given in Fig. 36. Reaction of Na+ with

.lgarn gives a small concentration of sodium in the amalgam,

M@ the equilibrium potential of the sodium couple is more

n the equilibrium potential of the barium couple, the high

.rrent of the sodium reaction produces a large contribution

c current. This kinetic imbalance shifts the zero-current

hich, we ~measure experimentally) to values lmore negative

ilibrium potential which the bariLml amalgam electrode would

re was no interference from sodiLlm ion. This shift is in the

ion as the systematic deviations

We plan to carry out a detailed
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Y
Ja+ + e
~ Na(I-ig)

Fig. 36

/ /

Na(Hg) ~ Na+ + e

~(Hg) ~ 13a*+2e potential

> “-/’”
Zero-current

potential

+ 2e ~ Ba(Hg)

+E

Qualitative diagram showing the shift inptentia lo fthe

Ba(Hg) electrode in the presence of Na+.
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From these experiments, it is clear that meas Lmements of

activity coefficients using barium amalgam electrodes in mixtures

of barium salts with alkali metal salts are not as accurate as thos~

obtained with cation-sensitive glass electrodes. The potential of

potassiLm 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 BaC12 -KC1 would be similar to BaC12-NaCl.

Better results would be expect-ed for 13aC12-LiC1 mixtures because of the

more negative potential and smaller exchange current of the lithium

coLlple.

The optimum system for the next study with barium amalgam

electrodes appears to be the 13aC12-CaC12 or BaC12-MgC12 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 Mg m 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 barium amalgam experiment thus

remains the only practical alternative to isopie stic measurements, and

would be a valuable check OE such measurements whenever they are done.

Kinetics of the Barium Amalga~m Electrode. We have used
(129, 130) ~here the charge required bya method suggest~d by Delahay

an electrode reaction is fed by the charging of the electrical double layer

at open circuit, as the area of the amalgam drop increases. This method

is particularly suited for studies of the kinetics of the alkaline earth

metal amalgams, since the s m-face charge on the amalgam is quite

negative, and the capacitance of the doLlble layer i.s relatively constant.
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[e case of a barium amalgam drop expanding into a solution
-1++relatively large concentration of Ba , the expansion of

ayer (which is negatively charged) produces a cathodic

sit y

(1)

he time (seconds) A is electrode area (cm2), q is surface

ity, a thermodynamic

q = Cillt (E - Ez)

property of the interface, given by

(2)

s the integral capacity of the double layer at potential E, (20 pf/cm2)

Ie zero-charge potential of the interracial system (-O. 16 v).

e electrode is at open circuit, a situation which may be

~d,experimentally by the use of a high-impedance oscillo -

.fier, the cathodic charging current is balanced by a net

ent from the dissolution of the amalgam:

i=ia
oexp[~(E-Eeql

(3)

tion, i. is the exchange current and ~ is the anodic trans -

mt, F is the Faraday constant, R is the gas constant, and

olute temperature. The equilibrium potential E is given
eq

st equation:
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We have already calculated (Section IV-C) the standard potentialof

the bariLun amalgam electrode (molal scale for Ba
-H- activity, mole

fraction scale for 13aamalgam activity) to be

E:a(Hg) = -1.7271 ~ .0003 volts vs. NHE— (5)

(73)
from the data of Ti ppetts and hTewton .

Inour experiments, we used an Ag/AgCl reference electrode,

whose potential varies with chloride activity; the potential which enters

~he equations above is on the Normal Hydrogen Electrode (NHE) scale,

and is given by

;0 EI 111(mcl -QE NI-]E = ‘e~p + E gcl - ~
(6)

To evaluate the area of the electrode, we have assumed a

spherical drop whj.ch grows at a constant mass-flow rate; an assump-

tion which we have verified in our previous studies of hydrogfin evolw
(13 l). This yields the simpletion on mercury and ~~arious amalgams

relationship:

ldA=2_—
A dt 3t

Co~mbining Equations 1, 2, 3 and 7, we obtain an equation for the

potential-time curve for a growing drop of amalgam:

‘F (E - Eeq)]iot = ~ Cilll (Ez - E) exp [-—
RT

(7)

(8)

Since E (-1. 1 to -1.4 volts) is much more negative than Ez (-O. 16 volts)

for the barium amalgam, this is an approximately logarithmic relationship:

E = a + b log (iot) (9)
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where th~

a

b

I\Tote that

in (E - E
2

of this ex’

illtO the fi

Ut

of a singh

Oscilloscl

Oscilloscc

T]’

Voirs Wer

electrode

were ccul\

in the pre

model 561

amplifier

volt accu~

*()*2~~

and a Tek

Tk

shin y ba.rj

lure was :

complete

desired C(

oefficients are

n

2.303 RT

BF

(lo)

(11)

e COWkient a depends.
~-varies by (lIlly ~ ~~v~
—

r iment. Not-e also that

J expression.

experiment consisted of measuring the current-time curve

Mrium amalgam drop at open circuit, using a Tektronix

~ with a high-impedance differential amplifier. The

: trace was photographed and read with a scale,

dropping amalgam electrode assembly and solution reser -

~s described previously. A silver-silver chloride reference

as med in the BaCl solution ,
2 and the potentials so observed

‘ted to the normal hydrogen electrode scale, as described

ous report. AH m,eas urernents were made using a Tektronix

oscilloscope with a model 3A7 high-impedance differential

retaining a comparison voltage potentiometer with t O. 0001

:y. The oscilloscope traces were photographed and read to

Calibrations were made with the comparison potentiometer

mix model 180A time -mark generator.

amalgam was prepared by bringing mercury and a piece of

n metal in contact under

owed to stand overnight,

turation. The amalgam

;entration,

slightly on E, but for a 20~ change

which is negligible on the scale

~he mass flow rate does not enter

an atmosphere of argon. This mix-

with occasional stirring, to insure

thus prepared was diluted to the

- L5’4 -



In runs 4, 5, 6, 7 and 8 (see Table XVIII), the sa.tu-ated amalgam

was used, and these resulted in potential readings which were essen-

tially at equilibrium and did not change over a substantial period of

time. A slight time-dependence of potential was observecl in experiment

6, when the electrolyte contained both BaCIZ and CaC12, and an attempt

was made to analyze this data for kinetic parame~ers (see below).

TABLE XVIII

Transfer Coefficients and Exchange Currents for

BariLml Amalgams in BaCl~ SolL~tions at 25° C

Data
Set ‘Ba

3A

3B

1

10A

10B

2A

2B

9A

9B

6A

6B

1.98 X 10-4

7
-5

x 10

2.86 x 10-3

1.98 X 10-4

2.86 x 10-3

4.7 x 10-3

‘BaC12
%

.06635 -1.6435

.9642 -1.6459

1.7053 -1.6556

.3108 -1.6600

.3108 - L 6779

. 4787+ -1.6801

* Solution also contained O. 5112 m CaCl~<,
Note: Errors are standard deviations.



1Wi ,11the more dilute amalgams,

/
traces wei e obtained. These amalgams

reproducible current-time

were ana .lyzed m determin~

their conc~ ;ntrations, since the exact amount of barium in the saturated

amalgam vvas not certain — some solid amalgam apparently was always

transf erre ““. The amalgams used in runs 1, 2, and 3 were analyzed by

dissolving them in hydrochloric acid and analyzing the solution for

barium wit h a Perkin -Elmer flame photometer. The amalgams used for

runs 9 and 10 were analyzed by the flame photometer, and also by

dissolving the amalgam in standard hydrochloric acid and back-titrating

with stand. ‘ rd NaOH. The concentration obtained by these two methods

agredd to I ithin l% , which corresponds to an error of O. 1.mv in the

potential, i nd is satisfactory.

A t’ pical current-time curve obtained from the best measure-

ments is g:.ven in Fig, 37. The notarions A and B after the run numbers

in Table X VIII signify duplicate mess urements, sometimes with different

time scale: ;. For runs 6, 9, and 10, the drop times were only a few

‘1millisecond s, and the assumptions of spherical drops and uniform flow

rates may lot be as good as for runs 1, 2, and 3, where the drops had a

lifetime of several tenths of a second.

The re were several points about the results of t-he first calcula-

tions whick concerned us. First, and most important, were the large

values of ~ which were obtained consistently for runs 9 and 10. Whether

these ~actua lly reflected a change in mechanism, or we’re dLle to some

syste~atic error, was not clear. The other point was that while the

iterative m ethod appeared to cmverge adequately for the well-behaved

runs ~~o. 1, 2, and 3; the convergence was not so good for runs 9 and 10,

and neither did the results of run 9A agree with the results of 9B.

!1Of ~~e possible systematic errors, the most important were

judge~ to b :

(a) 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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curren-time curve for a barium amalgam electrode.
Table XVIII)
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(b) An additional cathodic contribution to the current
from the deposi~i.o no fbariunl on the amalgam (the
back- reactio~~).

(c) An additional cathodic conmibutio~l to the current
from hydrogen evolution.

“’l
Alt ~ough there is no simple way to assess the effect of the

first of the e errors, it is possible to correct for the second and

third by Ih Lwe of a more complex equation describing the curren-

time curve. The calculations based on this more sophisticated

method are given next.

,/

Correction for Cathodic Currenls. In our original deriva -
tion, we as umed that the only cathodic contributio~~ to the current came

from doubl - layer charging and that the only anodic contributio~l came

ifrolm disso ution of the amalgam. We can modify the basic equation to
include cat odl.c contributions from deposition of Ba on the amalgam and

fl-om hydro -en evolutiol~. At open circuit, we have:

(12)

where

i
a=

‘oexp ~(E-Eeq)j ~orBa(~~g)=~aw+2, (13)

i,C= i. exP~~(E-Eeqj

1

I iHII“H = o ‘x~
[ 1
- ~ (E+ 0.059 PI-I) (14)
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ThepH of ~he solutions used was about 10. The transfer coefficient

and exchange current for hydrogen evolution on mercury
(152) al-e

known to be: i H =3 X10-13 2 Iiamp/cm , a = 0.5. The equilibrium0
potential of the”barium amalga~n (Eeq) was calculated as before, and

Cillt and Ez were the same as before. The problem is to determine

the best balues of the parameters B and i. 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

CY=2-B.

Since the back reaction is a small contribution to the total current,

this assumption does not have too much effect on the results. The

equations then reduce to the form

y = 13x + log i.

( >
where

L ;
F

x= (E - Eeq)
2.303RT

from which B and i. 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

SDS-940 time-sharing system, marketed in this area by Dial -Da~a, Inc.

The results of these calculations are given in Table XVIII.

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

(16)

(17)

(18)

(19)
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qn’-rent-l-im]~, curve

“’TMM the Aquations do not describe the observed

exactly. However, in no case were the deviations

“<l“;
~reater rhal’ ~Q~ , and some of these systematic deviations may be due

to ~~,ol~lillearit~~:ill the oscilloscope or in the method of reading the curves.

On Figs, 38 an~ 39, potential becomes more negative and time increases

sjs one proc eds +~om right to left. There are no obvious systematic
.,.

deviations al the s$nall time intervals, as one might expect if there

~ere deviat “Ions frofq the spherical-uniform drop assumption.

I?igu e 40 shows the relative contribution of the hydrogen evolu-,,:..,,
tion current ~

a“ll other rui

less than 4%

Similarly, t]

negligible at

UIus,c await s

titms can be

dissolution c

two steps

and, differenl

anodic react

i:S,assumed I

form of EqLu

~ is the tran

O and 1. If.1

mansfer coe

,.. ,
,:,

0 runs 2 and 3. The arrows show increasing time. F Or

Ithe hydrogen evolution current was completely negligible:

for rLm 6, a~~d less than l% of the total for runs 1, 9, and 10.

~ contribution of the back-reaction is also small, but not

:he high amalgam concentrations.

Discussion. Detailed analysis of the reaction mechanisln

udies, of the concentration dependence of io, but some specula -

nade at this early stage in the investigation. The anodic

barium amalgam may be represented formally by the

Ba(I-Jg) ~ Ba+ + e-

Ba+ —’13a‘+e -

expressions for the potential dependence of the over-all

m may be obtained depending on which of the two steps

~be rate-controlling. In either case, an equation of the

:ion 3 or Equation 13 results. If the first reaction is slow,

fer coefficient for the first reaction, and should be between

.e s,eco,l~d,reaction is slow, ~ = 1 + ~’ , where ~’ is the

‘iciem for the second reaction, and ~ should be between 1 and 2.

,: ,
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+

T~AL CHARGINGcm

r
-+

I,+
+

‘1

t

,

HYDROGENEVOUJTIONCURRENT(son fw bd
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POTENTIAL VOL~ VS NHE
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IIf both elec rons are transferred ~it~lill the time of a Collisioll

with the ele’ rrodc, the distinction is blurred, and ~ may have any

value betwe n O and 2. Unless P j,s approximately Lmity, however,

f

this latter ~ ssibility is considered quite unlikely from a theoretical
viewpoi~~~(l 2, 133)

Alth~

method, rur

9 and 10 giv I

it gives imp I

runs 2 ~and ~

the same arr

in the solutil

concentration

Our (

that the firs~
~a+t

occurs

be present,

two faradays

mechanism j

If the first e

exchange cu]

and as the 1

quantitative

(such as pH

definitely(13

If tht

concentra.tio

result of a s

imply d drar

‘Ba =2X1O

slower, and

.

ugll there are differences from the results of the iterat-ive

~ 1, 2, and 3 still give values of p near O. 4; whereas runs

: large values of ~. Run 6 does not fit the equations at all;

JSsibly large values for ~. It is interesting to note that

give essentially the same values of exchange current for

algam concentration although the concentrations of BaCl
2

In differ by a factor of 20. Run 1, with a lower amalgam
~, gives a small io.

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

md coulometric studies should reveal a rigorous Iy constant

barium ion produced. The most important criterion of

s the c oncentrat ion dependence of the exchange current i
o“

ectron -transfer step is rate-controlling, we expect that the

rent will vary as the ~ power of the barium ion activity,

~ power of the barium amalgam activity. This is verified

r. Further experiments with the effect of ligand concentration

:ffects) can identify the actual reacting species more
!)

.

large values of ~ obtained for runs 9 and 10 (higher amalgam

E) are true estimates of the kinetic parameters and not the

‘stematic error due to the fast dropping rate, these results

latic change in mechanism over the concentration range from
“4

‘0 ‘Ba = 2 x 10-3, whereby the second reaction becomes

relatively high concentrations of Bay can build up. Runs 9 and
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10 have the same amalgam concentration, but the exchal~ge current

is significantly higher for run 10 (with t-he higher f3aC12 concentration}.

This res Ldt indicates that the concentration of BaH (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 ad 3

is the very strong dependence of i. in amalgam concentration. If the

reaction were a simple reversible electron-transfer, the coefficient

d (log io)/d (log x~a) sl~ould be app~oximat~ly ~q~al to P” EvalL1atillg

this coefficient, from the results of rums 1, 2, and 3, we obtained

approximately 2.7, instead of the expected O. 3 to O. 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 B which are obtained. H the bari.Llm ion

reaction is the only one taking place, j3cannot 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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