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INTRODUCTION



INTRODUCTION

In 1949, Garwin and Hixson®

published squilibrium data on the system cone
sisting of agueous cobaltous and nickelous chloride solutions and capryl ale
¢ohol in the presence of hydrochloric acid or calcium chloride. They found
that in simple aqueous solutions the separation factor was poor, and the distri-
bution coefficient of the more easily extracted salt (CoClz) wae low. However,
in the presence of either high concentrations of hydrochloric acid or calcium
chloride high velues of both the separation factor and the distribution coeffi-
clen. were found. Thelr data further showed an increased extraction of hydro-
chloric acid into octanol with increased salt concentration. In view of the
drawbacks attending the existing chemical methods for accomplishing this
separation, these results indicated that liquid-liquid extraction might be
economically feasible for this metal pair. The classical Mond carbonyl, the
neutral hypochlorite, the electrochemical, and other methods have been eriti-
cally reviewed by Fink and Rahrmanz and this paper may be referred to for
further deteils.

Since the underlying principles of salt-promoted solvent extraction are
not understood very well, this research was undcrtakeﬁ with the objective of
obtaining data on the aqueous phase mean activity coefficient of hydrochlorie
acld in the presence of cobalt chloride or nickel chloride which then could be
used in the interpretation of the extraction equilibrium involving these
electrolytes. In addition to the above mentioned objective it was felt that
a thorough study of the effect of these two related salts upon the activity



of hydrochlcric acid over a wide concentration range, covering in pert con-
centrated solutions, might contribute to a better understanding of concentrated

solutions,
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BACKGROUND TO THE PROBLEM

@eneral Survey.
Probably the most intensively studied system from the point of view of

solvent extraction has been the ferric chloride~hydrochloric aeid-ether

ayatem,a although the uranyl nitrate-metal nitrate-ether systemh

has recelved
considerable attention. An extensive survey of the solvent extraction field
has recently been made by Irving.s In many casees, the extraction of inorganic
ione may be said to depend upon a "masking of ionic character." This "confer-
rence of organic character," according to Irving, may be brought about through
the farmation of chelate rings or by the addition of en appropriate lon of
opposite charge. Since extraction coefficients in systems of the first type
depend to such & large extent on the instabllity constants of the complex lons
formed, the results obtainable from a study of such a system would probably
be of a limited nature. The latter type offers intriguing possibilities
because of the complexity of these systems and the probable wider applicability.
In Figure 1 the percentages of verious metal chlorides extracted by ether from
hydrochloric acid are reproduced from the work of Irving;s the éorresponding
percentages of cobaltous chloride in capry. alcohol from the data of Garwin
and Hixsonl are included. In Figuwre 2, the data of Garwin and Hixson have
been expanded to include the nickel data.

In their study of the five-component system cobaltous chloride-nickelous

1

chloride-added electrolyte-water-capryl alcohol, Garwin and Hixson™ obaerved

two correlations: first, extraction of cobalt can be effected only from the
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dark blue aqgueous solutions and best by solvents in which the anhydrous salt is
soluble. Upon addition of a second electrolyte such as hydrochloric acid or
calcium chloride, the extraction is greatly enhanced. Second, eléctralyﬁas
having high activity coefficients in concentrated agqueous solution produce

a marked color change from red to blue. They suggest that the first correla-
tion would tend to support a dehydration hypothesis for the extraction mechan~
ism, but would offer no explanation for the adverse action of such electrolytes
as cadmium chloride or sodium sulfate on the extraction. The second correlation
they state further might be interpreted as indicating an intensification of some
property of cobalt, such as the activity coefficient in aqueous phase, thus
favoring a greater transfer of cobalt into the organic phase. An examination

of the literature showed that a considerable amount of work had been done
relative to the nature of the color changes occurring in cobalt chloride

solutions. The following discussion reviews this work.



T T T ] I
- -
3 > -
s d 7
| N 1
< up N
y 20p Q‘ -
S /8 N| )
ﬁfo"‘ %? ™
. _..
| : i I | L |
s 5 &6 7 3 4 5 ¢
Mo/cz/iz‘y HCl 'n Agueous FPhase

Fig. 2

Color Change Phenomena

In order to explain the color changes exhibited by cobaltous chloride
solutions, four different hypotheses have been proposed: namely, the
molecular compound, the ionic, the complex-ion, and the hydration.® H. C.
Jones7 made an early extensive and critical study of the subject. This
work is valuable in presenting alternative points of view held at that time
(1906), and although some of the hypotheses are no longer acceptable, the
hydration theory and the complex ion theory are now rezarded as offering
the best explanations for this phenomenon. Mention will be made first of
all of these theories as discussed by Jones but additional consideration
will be given to those in support of which more recent data are avallable,

I. The Molecular Compound Thecry

7 supposes that the

The molecular compound theory, proposed by Engel,n’
blue color is due to the formation of double chloride salts in solution. He

obtained, for example, a blue salt having the composition Gaﬁlg~LiCl'3320



and reasoned that upon heating a solution of cobaltous chloride, the salt
partially hydrolyzes, liberating hydrochloric acid which combines with
unchanged cobaltous chloride to form the blue chlorohydrate analogous to
CoCl,°LiCl+3H50. Jones pointed out that this theory seemed unt;nable for
a number of reasons. In the first place, several workers had already shown
that even in concentrated solutions the double salts were broken down into
simple saltss which in turn should throw a large number of ions into solution.
Second, this theory was not in accord with the temperature effect. With a
comparatively slight rise in temperatﬁre the increase in hydrolysis was not
sufficient to liberate enough hydrochloric acid to account for the ecolor
change on the basis of formation of a double chloride. Third it was doubtful
whether the blue color exhibited by cobalt in certain organic solvents, such
as acetone, could be due to the presence of double salts.
II. The Ionic Theory

The original ionic theory proposed by Ostwaldé’7 states that, in general,
the red color of cobalt solutions is due to the cobalt ion and the blue color
to the anhydrous salt. Thus in agreement with theory, addition of chloride
ions drives back the dissociation of the cobaltous chloride, but the theory
does not account for the color change produced by warming a concentrated
aqueous solution of cobaltous chloride. Jones and Westg have shown that the
slight change in dissociation from 250 to 80° would be incapable éf accounting
for the color changes. Further, the amount of hydrochloric acid liberated by
by hydrolysis would be far too small to drive back the dissociation,

ITI. The Complex-ion Theory
Another early hypothesis, involving the formation of complex ions, is that

6,7

of F, G, Donnan and H, Bassett. This theory supposes the following reactions



to occur in solution:
CoCl, (blue) === Co™" (red) + 201"
CoCl, + CL” === CoCl; or
CoCly + 2617 === CoCl;,
Both the unionized salt and the complex ion are supposed to be blue in
solution,

Jones7 objected to this hypothesis since the presence of the same absorp-
tion bands in both aqueous solution and ethanol solution argues for the exist-
ence of the same type of ions in each solvent (which he considered unlikely).

IV. The Hydration Theary

7

According to Jones' it does not seem possible to escape the conclusion
that hydrates exist in solution because of the nature of the abscrption
spectra, He reasons that if the color of the cobalt chloride solution is
associated with the existence of some particular resonator whose mass can be
increased by the addition of water, the effect will be to dampen'the vibrations
and thus cause the band to become narrower. Conversely, as the extent of
hydration decreases, the regions of absorption would widen out and extend over
a greater range of wave lengths. This would also correspond to a curve whose

transmission minimum or absorption maximum would be correspondingly lower or

higher. Exactly how the resonator is related electronically to the system,

Jones believes, is not of fundamental importance to the existence or non-
existence of hydrates. He thus cites several systems such as CoCl, - Hy0,
CoCl, - CaClp - HQ0, CoClp - AlCly - HQ0 etc., to illustrate the effect of a
second salt on the absorption spectrum of cobalt chloride. These systems are
interpreted by Jones in the sense that the relative amount of water at the

disposal of each cobalt becomes less as the concentration of the second salt



or "dehydrating agent" increases, It is also to be expected that it would be
more difficult to remove the last molecules of water from a given hydrated com-
pound than the first. The fact that the increments of absorption decrease as
the concentration incresses means that the colorsed systenm resis%s the transfer
of its assocliated water molecules to the "dehydrating agent' more and more, as
the actual nunber of its associated water molecules becomes less and less,

The above theory also seems to explain the color changes that take place
with changes in temperature. For example, when a red solution of cobalt is
sufficiently warmed it becomes blue, which in terms of the theory, means that
the system becomes less hydrated. When a deep blue solution of cobaltous
chloride, made by using some one of the effective "dehydrating agents," is
cooled sufficiently it becomes red.

V. Recent Work

Quite recently, Robinson and Brmwnlg made an extensive study of the
constitution of cobalt chloride in agqueous solutions. From the results of
a series of isopiestic vapor pressure and spectrophotometric measurements,
they point out that it is unnecessary to postulate the complex-anion hypo~
thesis of Donnan and Bassett6’7 in order to account for the color changes

f cobalt chloride solutions. The rose color they believe is due to a
heavily hydrated ion such as [Ca'éHROQ} f*, which can undergo dehydration
with a change in color. The reaction gﬁggasteﬂ for dehydration and assocla-
tion with chloride ions is: |

[00'6}{20:] ™0l = Coczg-mgej + 2H,0.
A plot given in their paper of the molal vap;} pressure lowering against the
molality for calcium chloride, cobalt chloride, and zinc chloride shows that,

even though the calcium chloride and cobalt chloride curves appear peculiar



in that they unexpectedly cross, a compaerison of the relatively much lower zinc
chloride curve with these indicates that the extent of any complex formation
even in concentrated solutions of cobalt chloride must be small. The experi-
mental fact that zinc chloride does not produce the color ch@nge phenomena

is ascribed to the greater power of this salt to form its own complex ion,
ZnC1y.

By combining the results of spectral studies of cobalt chloride, in
highly concentrated calcium chloride solutions, with some not too unreasonable
approximationa, Robinson and Brown found the following expresssion
which holds quite constant but which is inconsistent with thelr suggested

mechanism.
ol

K= -7 , [cf_] ‘ Agza

CoCl
where & = fraction of Co in the blue form
[c1] = stoichiometric molality of chloride
=z activity coefficient
A = activity
The water activity appears both to & different power and on the wrong side of
the equation to represent the proposed dehydration reaction of these authors
correctly. The expression does represent quite well the data obteined in
this work, but if the water activity is ignored, the enalgous mass expression
fails to represent the experimental data successfully.
During a series of spectrophotometric studies of cobalt chloride in very
highly concentrated lithium chloride solutions, it wes noted in this labora-

tory t that the optical density of the characteristic pink entity at first
increased and then decreased with increasing chloride concentration. Several
mrker510’12 have observed such an increase in the optical density of CoCl,



solutions, but as far as this author knows, the subseguent decrease in optical
density has not been recognized and accounted for in the literature. One way
in which the phenomena can be explained is by the assumption that a monochloro-
complex is formed which superimposes its absorption on that of the hexahydrated
ion, as the chloride concentration increases, in accord with the equation:
Co(Hx0)4 === Co(lx0), 1" T== Co(Hx0) C1,,
The possibility of the existence of this and other complex ions is indicative
of the complexity of the aqueous solutions.

At this point it is convenient to point out that the complex ion and
nydration theories really merge, depending on just what one means by a complex
ion. For example in the chemical equation just given, a monochloroaquo complex
ion is assumed to be responsible for the absorption. Thus hydration need not
se excluded nor the complex ion theory be incorrect. Although the literature
itself contains little specific agreement,13 both theories would appear to be
1eeded to explain the phenomena adequately. There are doubtless other compli~
zating factors which bear consideration such as the ease of the various elec-
tronic transitions,lh the effects of changes in viscosity, dielectric constant,

ste,, which mak: a complete explanation of the color changes difficult by any

simple theory.

letivity Phenomena

It has been mentioned that chloride electrolytes having high activity
roefficients in concentrated solution produce a marked color change from red
to blue in CoCl, solutions, and correspondingly are good promoting agents
for the extraction. A brief consideration of the present state of knowledge
~egarding the causes and theoretical interpretatiocns of the behavior of

iebivity coefficients of electrolytes which might have a bearing on the results
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of this research would seem to be called

I. Dilute Solutions

P O . T .
The mean lonic diameters, a, of various electrolytes in dilute solutions,

| )

5

)

w® It - &
as interpreted in the Debys~Huckel expression

Az, 2 v
1+ P &ﬁ;‘

have been caleculnted from messurements in several concentrstion ranges and
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the results are in goneral agreement. Thus for sodium chloride, values of

16

& from 3.6 to h.h 3 have been reported. This mean lonilc dismeter is in

marked contrast to the sum of the crystellographic radii Q.Téﬁvlﬁ Therefore,
it would appesr that one or both of the ilons are "hydrated” in the sense
thet an ion end some water act as a unit, incressing the effective diameters
and the activity coefficients,

L 1 ) ) ; B
The Debye-~Huckel theory has becn frequently criticized for Lelng insc-

curate because of the approximetion belng made of regarding the lon ss &
15

hamatical

T

point charge,”  and the inclusion of only the first term in & met
series ﬁxy&ﬁsi@m$l7 Bqustion (1) exmbodying, however, only the lotter

approximation predicts en aod

coefficimt which iz 2 decressing function

of the ionic strenghth, but this has been verifled only for very dillute solu-
&
tions. Actuslly an experimentsl minimum usually oceures, followed by 2 mors or

4 o 250 L § ' K“
less rapld rise of the activity coofficient at high concentrations, &zmk@lmi

has expleined this effect in torms of the change in dislectric constant of the

#lee Appendix for the numbered mathemetical equations used in this thesis.
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In recognition of the importance of the hydration effect Scatehardls

derived an equation,

log Yo = ﬂ_ﬁ;_. +Bic - log (1-0.00lmwy) - 0.5 log (3)
g 3 F 7 g 1 B

for dilute solutions of hydrochloric acid, in which the activity of water (a,)
was determined from that of acid by graphic integration. In this equation the
effect of the ions upon the dielectric constant was taken into consideration
(Bc). Stokes and Robinson,?l however, disregarded the dielectric effect and
from purely ion-solvent interaction derived an equation,
log Yo = -AZ2yZ, Yu / (1 +B2YY)

- nfy log a, - log [1 - 0,018(n-y )m] (&)
which expresses the activity coefficients with remarkable accuracy for 36
electrolytes up to concentrations, in some cases, as high as 5 m using values
of n ranging from 0.6 to 20. The value of n is not the conventional number
of water molecules in the first layer around an ion; but is, they K say, rather
"a number introduced to allow for the average effect of all ion-solvent interw
acti ona," which may very well contain contributions from solvent meclecules
outside the first layer.

23 the activity coefficiente of varying

In a paper by Robinson and Levien
valece-type electrolytes are contrasted. In general, low values are char-
acteristic of electrolytes wherein the anion is most highly charged, but more
important is the fact that high values are characteristic for those slectro-
lytes in which the high charge resides on the cation. This implies that
hydration may be largely a cationic phenomenon, in general agreement with
the hypothesis of Bernal and Fowler,<

The physical model thus presented while simple in nature is difficult to

treat theoretically. Although there are many criticisms which can be made, the



It is interesting to note that, accerding to Harned and Gwén,*

a
s o - 1 . 5
L gainst ==, where r; refers to the
™.
kN

vfﬁ chlorides, bromides, and

lyvtes 5 Stokes and Rot g ave and that the vapor pressure dots conform
o an souation of

therm s modifisd the

cperimental molalities as a function of the correspon: activity versus

the water activities give satisfactory straight lines

f:z‘

such as calelum nitrate, calcium chloride, 1ithiwm chloride, hydrochloric

sodium hydroxide. The very concentrated aolut is then plotured as one

dn which the hydratien muher n is act

wlly decr

.

th some of the wabter molecul ss

s pseudo-crystalline™ structur
crystal lattice and sone present as "free' solvent, Ib appears likely that such
*

treatments of concentrated selutlions and very concentrated solutien will l

found to be only special cases of & nmore general theory which will cover the

In & very ambitious treatment of mixed electrolytes up to 5 m, Hobinsen



§e

and Stok@s,gg

using data obtained from the literature, have determined values
for the hydration nunber n, as defined previously. These values are not a2ll
that could be wished. One difficulty found with the use of th?ir proposed
equation for celeculating n is the lack of agreement of the differences betwsen
the n values for pairs of salts, each pair having two ions identical with ﬁhose
in the other salt-pairs being compared. For example, Oripe = Oic1 = 0.6,
NaBr ~ MNacl - 0.65, and Dep. ™ Doy = 0.15. No adequate explanation is
offered for this lack of agreement, although it might be pointed out that
several simplifying approximations and cmissions were made in developing their
relation. For example, no allowance was made for any change in 8; in fact, it
was completely ignored. Furthermore, values for the individual solute hydra-

tion numbers njy and np were taken from the valuess found for the individual

simple solutions and the dielectric change with concentretion was disregarded.
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I. Simple Binary Scolutions
In order to further clarify the two correlations pointed out by Garwin
and Hixson (p. 2), it becomes convenient at this point to show curves for the

activity coefficients of certain simple binary salts, taken from Harned and

msn,zs
Al . _
IBr = o o 7 -
LiClem v cm wm/ KOH
LOL
ol
‘ LiOH
0@5‘““
0 1l < 0 fl. 3
m % m
1.0
).5p
0

BH_

% Fig. 3



should be pointed out., For the ¢
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eze values, of course, are consistent with the
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e

cotion as determined by crystal

B
g}

terme of solvent interactlon with the ions. DBecauze of the more intense
fields of smaller ions, the interactlon with golvent dipoles will be stronger.
In the sbsence of & likely proton acceptor, no further effsct should be noted,
Therefore, for the helides the activity coefficients should decrease in the
order of decreasing hydration of the cation which is Li » Na » E{> Rb > Cs.
For thavpr¢tan acceptarg,ha ¥localized hydrolysis! theory is prapc§@dﬁ This

can be represented by

M*+HQO+A;==L~M‘:m,,OH"QWH+m,“f{“ (5)
which leads to a reduction of the number of "free' ions in solution by dipeole
interaction, thereby reducing the total ionic strength snd decreasing the
activity coefficient caglculated in the usual way on the szsumption of complete
dissociation.

It is interesting to note that according to the ideas outlined above,
cesium acetate and hydroxide should be normal, since the cesium ion is unlikely
to be hydrated to an apprecizble extent. The high activity coefficients of
cesium hydroxide may then correspond to a high 8 value, according to Robinson
and Stokeg,28 perhaps meaning that the hydroxyl ion is hydrated. TFurther, the

acetate ion may also be hydratadgza
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(a)

i8

"At a given ionic strength and acid concentration, the activity

coefficient of a strong acid is greater in the solution of a salt, of a given

valence type, which in pure solvent possesses the greater activity coeffi-

cient." Thus from Fig. 4

*

7 HCL(LiC1)» 7 HC1(NaCl) > 2 H01(§C1)> 4~ HC1(CsC1)

and, from Fig. 3

77 LiCL) 7 NaCly 77 KCLD 77 CsCl.

adn Hg‘z(ﬁg;t)~ -
\f/&ugf;&éi.\ ~ - o8 CsHcscl)
rer HCI (Macl)— _ KOH (kci) \
H8r(KBr) —_ _ o7 KOH (kBn) |
HCl(kel)~ -/ Nf;,m @l
2# Lo H&{(QQJLN 0.’70"" I{ \ \ \
o0 ot = =
N ] \ -l 060 w
-] i z 1
"y h 4 &
 aa
Fig.
(b) "Strong hydroxides in the halide solutions exhibit the opposite
behavior." Thus from Fig. 4

7" MOH(CsC1)> 7" MOH(XC1)> 7 MOH(KBr)> 7~ MOH(NaC1)
Discussion of the bshavior of hydrochloric acid in mixtures of higher
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valencs

type salts will be postponed until later because a comparison will then

be posaible with results repcrted in this thesis (see p. 67).

III. Thermodynamiz Difficult

e

[

*

The problems involved in a themodynamic study of the multicomponent
aystem cobaltous chlorids-nickelous chloride-hydrochloric acid-water-capryl
ziochol are at present insurmcountable not only because of the experimental

Liffieultiess involived, but alsc because there is no adequate extrathermodynamiz

IS

reory which covers the entirs system, especially a

o

o

.

the concentraticns whasre
‘he extraction of the cobalt vecomes appreciable, Even a thres component

system preozsnts formidable difficulties in interpretation. As Lewis and

121l point Qutyﬁg however, if cne considers a sclvent of two (or mere)
coratituerts in fixed proportion, a dilute sclution of ancther substance in
tris mixed solvent will have many of the characteristice of a dilute solution

iroa pure salvent, An squation for a ternary mixture derived from the general

.
3

Gibba-Duhea equation is

ST o F1n ..} ) . .
y, (@in 1) ou, tomn fp) Ly, (91n f3) -0 (6)
ST ??9zq ) ERE TN
RS 5 3 S T,P,N N, 3 T,P,N, N,

.

Tr ocan ke shown that provided compenert 3 dis in infinitely dilute solution,
Njd In fq + Nyd In £, @ ~dl, n
113 astording to Lewis and Randall the effect of adding solute (component 3)
npon the fugacity (or activity) of each constituent of the solvent cannot be
saditted from thermodynamics alone, According to these authcrs also this can
b jilumtrated by the effect of adding benzene to a mixture containing equal
pasts of alecohel and water in contact with ice in a well-insulated vessel and

crhzesviog the rise of the freezing point,
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Darken”™ has recently developed a general, theoretical method of treating
a single-phase, multi-component solution. With no extra-thermodynamic assump-
tion other than Henry's law as a limiting law at infinite diluticn, he hes
shown that it is possible to cealculate the several extensive thermodymamic
functions. The fundamental equation, written to correspond to equation (7),

is for one of these functions, G,

- Nj

G = (1-N,) GN3:0 . TTT%T ] (8)
Nl/ﬁ2

By choosing the standard state for each component as the pure component, this
equation is made more useful. Briefly, however, its limitations are (a) the
fact that the quantity under the integral must not approach infinity if
accurate values are to be found, (b) it can be applied only where all com~
ponents are completely miscible and the corresponding binary systems of
component 3 with the other two components are miscible, (c) the paéticul&r
extensive property determined must be determined for all compositions, i.e.
o0& Ng‘{' 1, up to pure compenent 3, (this asmounts to saying that the above
method is similar to & triangular, three-~component phase diagram in that the
integrations can be made only if there are no misclbility gaps along the
line connecting a particular extensive property and the pure component 3),k
and (d) only the extensive value of the property rather than the partial
molal values can be obtalned in this way. The limitations on this methed
asre so severe, especlally applied to aqueous sclutions of electrolytes,

that it is of restricted usefulness.
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I. Preliminary Remarks

Although the results of measurements made on a ternary system such as
HC1-H50-CoCly are not equivalent to those made on a quaternary system of the
type involved in the extraction equilibrium, e.g., HClwﬁéﬁmOQtanelm2w60012§
the simplification in experimentation and interprestation of resulis appeared
to Justify the study of the simpler system. A knowledge of the effect of
salts upon the activity coefficient of hydrochloric acid in the three-
component case might be expected to be applicable to the four-component

case since the solubility of octancl in water is relatively small anyhow.

II. Reasons Governing Choice of Msthod
For a binary system there are several experimental methods for determin-
ing activities or activity coefficients. Thus activities are obtained from

freezing peint depressions, boiling point elevations, vapor pressures, EM.F.
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measurements, etc,25 Any prcéedure which will guantitatively measure the
"escaping tendency" may be used. The actual choice is a matter of suit-
ability to a particular system. Robinson and Sinclair have discussed the
general applicability of the more common method332 and references leading to
more detailed discussions of the several methods may be found in the standard

reference works on chemical solution thermodynamics.zS’BO

Briefly, it may be
said that both the bolling point elevation and freezing point depression
methods suffer in that they usually require a difficult to evaluate temperature-
correction term. Even so, as La Mer has pointed out,B3 the freezing point
method is capable of very high accuracy in dilute solutions. The vapor pressure
measurements of Lovelace, ot a1’ are very accurate, but the experimental diffi-
culties are many. Nevertheless, especially for concentrated solutions, vapor
pressure methods have been widely usad,35 An extensive summary of activity
coefficients from freezing points, boiling points, and vapor pressures may be
found in Harned and Owen.<? ‘

There is general agreement that the E.M.F., method is capable of a high
degree of accuracy in both dilute and concentrated solutions.25’32 By using
cells without transference in conjunction with a pair of electrodes reversible
to the particular ions under investigation, various workers have studied a
wide variety of systems.l7’25; The main criticism that might be made for the
use of a similar E.M.F. method on the system HGl(l)-Hzo(R)-CoClz(B) is the
fact that the silver-silver chloride (reversible to the chloride ion) electrode
may actually dissolve if the chloride ion concentration is too high»zﬁ As
Harned points out, this will manifest itself in that silver will deposit on
the hydrogen electrode, thereby changing the observed E.M.F. Neverthelese,
even 1f the chloride ion concentration is not appreciable, since the silver

halide is slightly soluble in solutions containing the chloride ion, there
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will be a slight concentration gradient which will give rise to a liquid
Junction potential. The methods used by others and by this author in mini-
mizing this difficulty will be given more consideration in a subsequent

. #

section,

IIT Proposed Work

Although several alternative stulies were given consideration and were, in
the'author?s opinion, possibly more directly concerned with the extraction
process, the system HC1l-H,0-CoCly (or NiCl,) merited study as pointed out in
part I of this section, not only because it could throw some lirht on the
extraction process, but because the literatire contsins, as far asv£ﬁia
esuthor knovu;a, no really qomparshble comprehensive study. To be sure, certain
systems such as HCl-Hz0-LiCl, HC1-H,;0-CaClp, HC1-H20-Al1Cl,, etc.,25 have been
studied, but in each case the measurements wére made at a single concentra-
tion of HOLl in the dilute range.

The following work was therefore undertakens a systematic stﬁdy of the
systém HCI—H20-00012 (or HiClz) at several fixed concentrations of‘HCI~H20
w;th varying CoCly or NiClj (component 3). The concentrations studicd cover

the dilute, the concentrated, and the very concentrated regions.

A, Electromotive Force Measurcments
The fundamental equations of the cells,
Hz lHCl(m) IAgCl»Ag

Hy | HCL(my ) Cotlp(my) | AgC1-ag

are
Beorp, * 2 log m = E° - 2k log 9% (9)
Beopp, + k log my(2my 4 my) = E° - 2k log 7t (10)

respectively. Since the standard potential E° has been determined by a number



of workers with considerable agreement,g5 é?; HC1l can be readily calculated

from the values of E which are the observed E.M.F.'s corrected for

“corr.,

pressure.

B. Spectrophotometric Measurements

In order to correlate the color change phenomena with the activity coeffi-
cient deta, it was decided to mske & series of parglleling spectrophotometric
measurements  Further comments concerning these studies will be made in the

Discussion of Hesults section,
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A, Bridge Circuit

The first two runs (m; = 0.OL7 and my = 0.0932) were made with a "Queens"
type potentiometer, model E-30L4~C manufactured by the Gray Instrument Company.
This instrument has sufficient range (0 to 2,2 volts) and accuracy (slide wire
accurate to £0.1%) to permit reasonably accurate measurements to be made, The
working standard cell (1.0179 volts at 25°) was prepared by Dr. H., M. Trimble
of this institution.

All subsequent runs were made with a2 high precision Rubilcon tyﬁ;e B poten-
tiometer (No. 54273). The range of this instrument is from O to 1.5 volts
with an accuracy of $0.01%, The working standard cell (1.0180 volts at 21:,0)
used with this potentiometer was a low temperature coefficient Zppley type
(No. 452495)., Balancing of the circuit was noted through a wall-type Leeds
and Northrup (No. 2239A) galvanometer (sensitivity 0.0079 Fﬁ/w) All

connecctions were made with low resistance bell wire,

B, Temperature Control

£
Although Jones and Josephs recommend that oll be used in the mth,B“ 2,
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kerosene and a water bath were both used for practical reasons. The kercsene
bath was used for the "dilute" region readings (first two runs), and the water
bath for the subsequent runs. The temperature bath was regulated to within
.
090200° by a mercury thermoregulator connected through a Cenco-Gibson Elec-
tronic Relay (No. 99782) to an electric heater. An Eimer and Amend thermo-
meter (No. 87266), which had been calibrated against a National Bureau of

Standards thermometer (No. 90794), was used to measure the temperaturs.

C. Cells Employed
A total of six cells. all fundamenta'ly the same, were used. The cells

are shown in Figure 5.

D. Preparation of Sclutions

I. Sclvent (HC1-Hp0)

Constant boiling hydrochloric acid was prepared by the method of Bonner
and Wa11a00037 In order to prevent superheating the reaction flask used
contained several pyrex beads and a piece of platinum foil. The molalities
of the hydrochloric acid were then determined from a table, given by the
preceding authors, relating vapor pressures to percentages of hydrochlorie
acid:

Table A

Pressure (mm, Hg) & HC1 (Vacuum wt.) gram solution/mole HC1

770 20,197 180.L07
760 20,221 180.193
750 20.245 179.979
75L0 20,269 179.766
730 20.293 179.555

The observed barometric pressure was corrected to C)c}jd ses level, and 45

latitude by use of tables found in "Barometers and the Measurement of Atmos-

pheric Pressure " published by the United States Department of CammerceoBB
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CELLS

iy

Hydrogen Outlet ;
AgCl-Ag Electrode Inlet
Hydrogen Electrode Outlet
Hydrogen Gas Inlet

3L/45 Pyrex Joint

34/45 Pyrex Joint

10/30 Pyrex Joint
Hydrogen Electrode
Hydrogen Bubbler

Fritted Glass (Medium)

——
S
EERnQEmEUONE

Fig. 5

The most concentrated hydrochloric acid used was prepared by dilution
om Du Pont C.P, concentrated hyirochloric acid. This acid wa,a‘tzhan anh.lﬂed
ve times by the silver chloride gravimetric method with the Ieang results:
.72, 10.81, 10.73, 10.69, 10.64 which average out to 10.72005 According to
erloff and Teare,go this high grade acid is sufficiently pure, as attested

" their wrk.

II. Solutes (CoCly and NiClp)

The anhydrous salts were prepsred from the hexahydrates. The latter were
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Eimer and Amend C,P. grade containing the following significant impurities:
0.000% nidcel in the cobalt salt; 0.18% cobalt in the nickel salt, Each of
the hexahydrates was first partially dehydrated overnight in an oven at
10005 the residual material was then pulverized, and the fine powder was
finally placed in the oven at 120° to 130° for complete dehydration. The
anhydrous salts were kept at this temperature until used because of their
great tendency to pick up moisture. The anhydrous salts were analyzed
electrolytically according to the method given by Tresdwell and Hallsg using
é Slomin Electro-Analyzer (No. 3325). The theoretical percentages of cobalt
in cobaltous chloride and of nickel in nickelous chloride are 45.38 and

L5.28% respectively. The anslysis showed an average deviation from these

28



values of -.04 and -.12% respectively, which means that the analyses were well
within experimental error, and the formation of any basic salts was negligible.

Fuarthermore, the anhydrous salts dissolved completely in water,

&

III. Solutions
The solvent (HCEMHQQ} was weighed out into large glass-stoppered pyrex
bottles by use of a Voland ba&anagwﬁapéﬁla of an accuracy of %0.005 g. Tﬁa
dry soclutes were weighed by difference from a weighing bottle by use of a
Bimer and Amend (No. 45792) chainomatic balance capable of an accuracy of
£0.0001 g. All glassware was washed with sulfuric acid-chromate “eleaning

solution"; rinsed with distilled water, and steamed for at ‘east 15 minutes.

E. Preparation and Use of Electrodes

A thorough search of the literature revealed that there are many differ-
ent techniques used in preparing both the hydrogen and the silver-silver
chloride electrodes. Therefore, an experimental study of the two was made.
It would be superfluous to give all the literature references on the subject,
but mention of some previous workers findings will be given,

I. The Hydrogen Electrode

A eritical experimental investigation of hwdrogen elsctrodes has been
made by Popoff, et al@AQ who claim that a thin coated electrode is prefler~
able because equilibrium is attained much faster (order of 10 minutes).
No advantage was found in reversing the current during the deposition of
platinum black, Feflwyﬁal who has also made & critical study of hydrogen
electrodes, comes to the conclusion that the use of the hydrogen electrode
could be made more general if the confused state of affairs regarding its
preparation were clarified. He recommends, as the prﬁﬁadiﬁgmauthara do,

that the electrodes, after platinizing, should be washed thoroughly, then
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placed in a wesk sulfuric acid solution and electrclyzedfwith~rmv@rﬁiﬁskﬁﬂlarity,
This is supposed to remove any occluded gases. Perley furth&r rocommends that
the hydrogen gas should be bubbled into the particular solution for about three
minutes prior to the insertion of the hydrogen electrode. He cléims that
equilibrium is attained much faster this way.

The hydrogen electrodes used in this research were praparaé in the usual
marner by depositing a thin film of platinum black from a strongly acidified
solution of platinum chloride on platinum wire (22 gauge) using & current of
about 12 m.a, for twenty seconds. The details of the construction of the

electrode are given in the following figure:

A
(
10/30 Pyrex Joint
Platinum Wire, 26 gauge
ot Mercury
Pyrex Glass Bead
B Platinum spiral, 22 gauge, gently
heated in oxygen {lame until
C
D,
E

completely fused

HO QO

{;

Fig. 7

After platinizing, the slectrodes were treated in the following manner:
(a) they were washed with distilled water, (b) placed in a dilute sulfurie
acid solution and electrolyzed with reversing polarity for about five minutes
making sure that the hydrogen electrode was the cathode during the final elec-
trolysis, and (c) after being washed egain with distilled water, placed in a
beaker through which water was kept comtinually running. It was later found
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that step (b) of the preceeding treatment was unnecessary. Prior to use, the
electrod es were compared against each other in the particular solvent to be
used, and only those electrodes which showed a voltage difference less than
’

20,0003 volts were used. The electrodes, treated as has been described, were
used within four days.‘ Before an actual run was begun, the particulsr solu-
tion to be used was plgced in a cell and hydrogen gas passed through for
twenty minutes to twelve hours, depending upon the concentration being
studied. It was found to be absolutely necessary for the solution to be
saturated with hydrogen gas before a rerroducible reading could be obtained.
More reproducible resulls were cbtained by having the electrodes just touch-
ing the surface of the solution. Cells having errating readings or those
showing & drift of more than three-tenths of a millivolt were discarded, and
a new solution was made up and measured,

Matheson electrolytic hydrogen gas (99.9% pure) was passed through Tygon
tubing into a tubbling tower contalning solvent of the same concentration as
that to be used in a particular run, with a gram or itwo of lead oxlde to take

ha

out any sulfur, Once the solution under investigation had become saturated,

the rate of bubb.ing had no effect on the observed E.M.F.

II. The Silver-Silver Chloride Electrode (AgCl-Ag)
The preparation and use of the AgCl-Ag electrode was found more satis-
factory than the hydrogen electrode. Perhaps the most comprehensive study
of this particular type of electirode has been made by 3. Jaques.&j The
literature does contain one particular point of agreement: AgCl-Ag electrodes
made from platinum foil show erratic behavior; it is generally agreed that
spirals should be used.&ﬂ‘ In this research both types were made, and in

confirmation of the results reported by others the foil type of electrode
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behaved in a rather erratic manner with time, This behavior may be due to the
differential "strain" forces operating at the surface of the foil, The AgCl-Ag
electrodes used in this research were prepai*ad in the fcllbwing manner: (a)
The silver plating solution was prepared by dissolving about 10 érama of potas-
sium silver cyanid;a, prepared by the method of Brown ,l‘5 in a liter of distilled
water, and free cyanide was reduced to & minimum by adding dilute silver nitrate
untdil a faint cloud of silver cyanide became evident. After this had settled,
the clear solution was decanted. It was found desirable to precipitate a
little silver cyanide from the solution each time prior to ﬁse. (b) The
electrodes were then silver plated by electrolysis as cathodes for two to six
hours at a total current of 2 to 0.3 milliamperes, using a medium porosity
glasg disk to 1solate the platinum anocde from the main body of the solutien,
carefully washed with distilled water and then placed overnight in & beaker of
running water. (c) Chlorodizing was carried out by electrolysis in hydro-
chloric acid of the same molality to be used in a particular run with the
electrode belng prepared serving as anode, After washing for three hours in
running water the electrodes were placed in a beaker of distilled water, pre-
éautiona being teken thet direct illumination did not enter the besker.

The electrod es were tested against each other in the solvent to be used,
Aﬁy pair showing a difference of more than #0,05 millivolts wae discarded
and new electrodes made, The electrodes prepared and tested as has been
described were found to be very stable. New electrodes were prepared for
each solvent used.
| In order to overcome the difficulty with the solubility of the AgCl-Ag
electrodes in solutions containing chloride ions, a medium glass frit was
used (see M, Figure 5). The solution was aspirated up into B (Figure 5) so
that the level inside B was higher than the level of the solution inside



the cell proper. The glass frits were tested with a solution of potassium
permanganate inside B and diffusion was observed to be neglipgible if the
level s were adjusted as hos been described. It was experimentaiy found
that the phenomena described by Herned end Owenzs (reduction of silver at
 the hydrogen electrode, see p. 22) took place when the chloride molality
v}as of the order of 4 m, which is in agreement with ~J&ques.h3 The 1icquid
Junction potential, caused by the introduction of the glass disk, was
probably very small, (quuesl"j has estimated the liquid junction in a
similar experimental arrangement to be of the order of 0.1 millivolt,)
Under any circumstances, the AgCl-Ag electrodes wers not allowed to stay in
any particuler solution for over one minute., It should be added that without

a glass frit, equilibrium was reached much faster.

AgCl-Ag Electrode

A

WS A Soft glass tubing, 3 m.m,

[,

ol B Mercury

¢ C Platinum wire, 26 gaupe
D Platinum wire, 22 gaupe

)

D

Fig. 8

F., Spectrophotometric Measurements

Spectrophotometric meesurements were mede with a Beckman model DU quartz

33
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spectrophotometer (serial No. 22525) using one cm., Beckmsn silica absorption
cells, Density values (reproducible to 0,002 density unit) were computed
from percentage transmission readings. The cells were cleaned by?u‘sing

concemt rated nitric acid and rineing with distilled water and acetone.

G. Vapor Pressure Correctlion

The fundemental equation (9) can be put into the form

For dilute soluti ons of hydrochloric acid the correction factor takes the form
%% In 1@___.? - : (12)
B™PH,0

and for concentrated solutions

RT 1, 760 . (13)
=¥ PBWQO*HCI)

From the‘ tables of the partial pressures of HCl and Hzo over a,queouﬁ‘ solutions
of hydrochloric acid compiled by Ze:’n.rsberg“’6 from all relisble sources, it is
apparent that the vapar pressure of HCl becomes of consequence for the compu-
tati on of the correction factor (Equations 12, 13) only at molslities greaster
than 4 m. The valuea used for the dilute solutions are given in Herned and
0wen25 and linear interpolation is satisfactory. A change of 0.5 mm in

Ph0 affects the values by sbait 0.0l millivolt at ordinary temperatures.
For the "concentrated" solutions ( > 4 m) the following table was worked out

ueing the data ocompiled by Zelsberg. L6
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T&t%e B
my = 4.8428 (15.2% HC1), t = 307, p(ﬁgﬁ+ﬁ€l) = 24.0 mm.
Pp (corrected berometric pressure)mm. Correction factor (volts x 105)
760 L2
755 51
750 60
45 69
740 78
735 87
730 96

- - ; - An0 i
my = 6.975 (20.3% HC1), ¢ = 30°, B(1,00HC1) = 20.0 mm.

760 35
755 bl
750 53
T45 62
74O 7
735 80
730 89

m, = 10.7 (28.0% HC1), t = 30, p(HQO*HCI.) =~ 22.0 mm.

760 3e
755 L7
750 56
Th5 65
740 7L
735 83
730 93

H. A Typical Experiment

Constant boiling hydrochloric was collected at a corrected pressure of
741.5 m.m., By interpolation from Figure 6, 179.7885 g. solution contained
36.465g. HCl, One gram of solution, then, contained 0,20282gz. HCl., By use of
the Voland balance, 2839.58¢, HCl was weighed into a clean, dry 9 liter
pyrex bottle. To this 997.60g. of distilled H,0 were added. For this stock
solution, then, m; = 4.8428 or 1 gram solution contained 0.15009g. HC1.
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Fig. 9

Cobalt chloride (m,) was then weighed by difference into weighing bottles con-
taining solvent. For a typical point, m; = 0.3000.

Spectrophotometric measurements made at this particular concentration are
given in Table XV and Figure 14.

The soluti>n was placed in a cell and hydrogen gas bubbled in for about
3 houwrs, The hydrogen electrode was rinsed twice with solution and inserted,
Solution was then aspirated up into the AgCl-Ag compartment (see B Fig, 5) until
the level was slightly higher than in the solution proper. The bridge was then
balanced ageinst the standerd cell. The temperature control was rechecked ard
the rinsed Ag-AgCl electrode inserted without delay. The first two readings,
taken at intervals of about 15 minutes, usually showed a downward drift. The
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third and fourth readings usually checked within 0.3 millivalt. kFo:r ﬁxg =
0.3000, the observed E.M.F. wes 0.07369 volts.- The corrected pressure was
745 m.m. vhich corresponds to 0.00069 volt (see Table B). From this E corr.

was 0.07438. Insertion into equation (9), gives ¢ = 3.110 (see Table VII).
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o.M, F. DATA

m) = 0.0470, t = 25°

=
|

EO

= 0,05915, 2k = 0,1183

0.22239 (Harned and Owen)

Table 1

Hun 1

Equation for solvent: E + 2k log m = EC - 2k log %

Eoquat ion for solution: E corr. + k log ml(2m2+ml) = E® - 2k log ?&

Ecorp, (solvent) = 0.38976

¥t
9

mp (CoClp) Ecorr, 71‘

0.0052 0.38711 0,780
20,0131 0.3827L 0,752
0.0175 0.38059 0.741
0.0393 0.37249 0.701
0.0594 0.36700 0.679
0.0650 0.36577 0.673
0.0932 0.36113 0.654
0.1032 0.358L9 0.648
0.1643 0.35058 0.621
0.2000 0.34718 0.608
0.2675 0.34212 0.588
0.3141 0.33946 0. 575
0.3773 0.32622 0.562

= 0.8187*0.021
= 0.8258 (interpolated from
Harned and Owen)

mp (CoClp) Ecorr, 7%
0.3950 0.33530 0.560
0.4172 0.33406 0.559
0.4981 0.32973 0.559
0.5543 0.32628 0.568
0.5832 0,32458 0.573
0.7230 0.31421 0.632
0.7551 0.31204 0.6L6
0.7984 0.31913 0.665
0.8740 0.30401 0,703
0.9537 0.29850 0.750
1.0184 0.29412  0.791
1,0621 029144 0.62120.01
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m = 0.0932, t = 25°

B

orp. (solvent) = 0.35629

my (CoCly) Ecorr, %

0.0151 0.34934 0.788
0.0334 0.34339 0.777
0.0662 0.33769 0.766
0.1018 0.329L7 0.748
0.1076 0.32868 0.745
0.1622 0.32244 0.723
0.1797 0.32087 0.716
0.2522 0.31532 0.693
0.3331 0.31084 0.672
0.3775 0.30885 0.661
0.4623 0.30567 0.642
0. 5424 0.30321 0.626

?It\
7+
my (CoCls)

Table I1
Run 2

i1

u

0.6137
0.6477
0.6592
0.6881
0.7731
0.8427
0.8”7A
0.9270
1.0322
1.1723
1.2501

0.792% 0.01

0.790 (Harned and Owen)

Eeorr, 2z
0.30093 0.618
0.29973 0.617
0.29938 0.616
0.29853 0.617
0.29538 0.618
0.29270 0.625
0.29NA3 0.635
0.28868 0.646
0.28221 0,696
0.27698 0.725
0.27338 0.754L%£0.001




1.3825, t = 30°

ml -

k = 0.06014, 2k = 0.1203

E° = 0.21912 (Harned and Owen)
E.opp, (solvent) = 0.20898

mp (GQClz) Ecorr, 7%
0.0213 0.20875 0.869
0.0441 0.20847 0.860
0.0612 0.20810 0.856
0.0680 0.20793 0.855
0,0907 0.20698 0.858
0.1156 0.20580 0.864
0.1582 0.20314 0.886
0.1779 0.20202 0.895
0.2381 0.19826 0.930
0.3203 0.19374 0.972
0.3732 0.19026 1.013
0.4628 0.18479 1.080
0.5002 0.18169 1.128
0.5263 0.179%2 1.152

Table III

Run 3

7
72

11

mz (CoClg)

0.6270
0.6687
0.8231
0.9456
1.0462
1.1427
1.3173
l.3382
1.3780
1.3951
1.4273
l.4hh2
1 4745

0.878% 0,001

0.864 (Harned and Owen)

ECQPP;

T+

0.17310
0.17014
0.16002
0.15240
0.14785
0.14116
0.13227
0.12099
0.12889
0.12798
0.12648
0.12548
0.12392

1.264
1.317
1. 515
1.686
1.827
1.975
2,237
2.281
2.352
2,383
2o L34
24471
2.528% 0,001
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M- = LT a0

ke

7\ i T U s .
Eoorp. {solvent) = U,17257 ?ﬁé - 1.

7+ = 1.054 (Harned and COwen)

(CoCly) Eeorr. 7% g (Colly) B pp 7%

0.0137 0.17308 1.072 0.3772 7.15867 1.229
0.0300 0.17246 1. 076 0.39%8 0.15732 1.251
0.0329 0.17234 0.4015 0.15682 1.263
0 QAQ& 0.17186 0.4088 0.15688 1.258
o 0.17141 0.5491 0.15090 1.350
0.17092 0.6096 0.1L777 1.408

o@%séo éilgﬁ%’ 1.563

G‘?h LBJLF 1.658
‘ 0.12830 1.755
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3, 2045 0.16130 1,202
5, 34,19 0u15905 1.234

5Q~ 0.001

“

Table V
Run 5
- o
m I 3.7733, t 3 30

b)) = (0.19718 7
Baopp, Leolvent) = 0,12718 E

LW R 7:

11t

b

n2 (i}f‘}{‘:lg) Scorr. 7= M (CoCly } Eeory, o0+

1, 0225 0,15 2.9371 %0213
31 0,12 0.9732 3,300
0.,0622 Ja.1c 1.0088 3.368
O,IOQE 0.1 1.0650 E Ay
e 1340 0, Lal 1.1187 . 2,611
0, 2069 0.1 1.1681 0.068L1 2,725
2.3350 0.1 1.1790 0.06793 3.756
G AhTRE 0,1 1.2032 0,06509 3.925
e i’”;"’fa G.0 1.3400 Je }{*OQB L l“:
0.7197 0.0 1.4223 2.05731 b3l
L2 0,02 1..701 2.05515 L.585% 0.




Table VI

Run 6
m) = 3.7733, t = 30°
my (NiCl,) Eorr. 7% my (NiCl)) B 7%
0.0127 0.12689 1. 544 1,2233 0.07749 3.106
0.0343 0.12575 1,569 1.2522 0.07652 3,149
0.0550 0.12475 1.591 1.3086 0.07477 3.228
0.1221 0.12169 1.658 1.3275 0.07422 1,252
0.1596 0.11991 1.700 1.L074 0.07170 3.371
0.2234 0.11724 1.762 1.4251 0,07118 3.396
0,2568" 0.11590 1.793 1.4676 0.06991 3.458
0.3072 0.11360 1.849 1.5124 0.06850 3.529
0.4325 0.10830 1.994 1.5850 0.06643 3,632 .
0.4521 0.10746 2,018 1.6432 0.06476 3.720
0.4975 0.10555 2.073 1.6678 0.06411 3.753
0.6963 0.09727 2.334 1.7600 0.0614L 3.900% 0.001
0.9371 0.09768 2.682

Table VII

Hun 7
m = 4.8428, t = 30°
E (solvent) = 0.09532 77 = 2.207% 0.001

corr.
7% = 2.170 (Akerloff and Teare)

mp (CoClp) Beorr, 7% my (CoClp) E, 7%

0.0411 0.08987 2.431 ° 0.8317 0.05743 3.935

0.1078 0.08393 2.690 0.8751 0.05634 3,991
0.1976 0.07887  2.909  1.087 0.05010  14.360
0.3000 0.07438 3.110 1.285 0.04429 Lo THL
0.3454 0.07246 3,200 1.353 0.04253 L.859
0.3785 0.07132 3.251 1.455 0.03971 5.060

0.4959 0.06752 3.425 1.498 0.03851 5.150 |
0.5962 0.06418 3 590 1.592 0.03608 5, 331..‘ 0,001

0.7120 0.06076 3.762




Table VIII
Run 8
my = L8428, t = 30°
m, (NiCly) Eorr., % my (NiCl,) Boore, 7
0,1067 0.08782  2.495 0.5461 0.06900 3,302
0.1200 0.08676 2,540 0. 5784 0.06767  3.369
0.1623 0.08390 2,661 0.6627 0.065L0  3.470
0,1713 0.08358 2,672 0.7075 0.06346 3.575
0.1943 0.08193  2.746 0.8061 0.06062  3.717
0.2635 0.07888  2.873 1.0048 0.0547h 4,037
0.3976 0.07427  3.063 1.0232 0.05399  L.084
0.404L7 0.07382  3.085 1.3586 0.04559  L4.580
0.4591 0.07144, 3.198 1.5097 0.04258 4. 756% 0,001
0.5118 0.06962 3,282
Table IX
Run 9
m = 6.975, t = 30°
Egopp, (solvent) = 0.04089 7% - 1.345%0.001
7%+ = 1,180 (Akerloff and Teare)
my (CoCly) Eeorr, 7 1y (CoCly) Eoorr, 72
0.0194 0.03962  h.hhl 0.4,269 0.01829 6,323
0.0228 0.03935  h.hb2 0.5243 0.01516  6.631
0.0512 0.03761 b, 595 0.5815 0.01333 6,820
0,081y 0.03550 L.763 0.6402 0.,01162 6.996
0.0998 0.03426  1.866 0.6875 0,01043  7.117
0.1097 0.03350  4.930 0.8617 0.00652  7.515
0.1133 0.03322  h.954 1,039 0.00304  7.873
0,1906 0,02829  5.387 1.214 -0,00013 2,210
0.2535 0,02505 5,482 1,400 -0.00314  8.528
0.3109 0,02260 5,911 1.502 -0.00460 8,681
0.3299 0,02180 5.987 1.688 -0,00697 8,918%0,001
0,3601 0.,0206,  6.098

L3



Table X

Run 10
my = 6.975, t = 30° |
my (NiC1,) Ecorr. % my (NiCl,) Ecorr., e
0.0103 0,04039 L.382 0.4990 0.02135 5.910
0.0250 0.03958 L.LAg1 D.6280 0.01819 6,178
0.0765 0.03686 L.6LL, 0.6349 0.01810 6.l3h
0.0882 0.03619 L.697 0.9009 0.01278 65.636
0.0966 0.03580 L., 726 0.9584 0.01177 6.722
0.1650 0.03265 4L.973 1.123 0.00853 7.024
0.1889 0.03159 5.058 1.214 0.00693 7.172
0.2187 0.03047 5,147 1.306 0.00533 7.323
0.3212 0.0264L9 5.479 1.322 0.00505 7.350
0.4799 0.02187 5.865 1.498 0.00238 7.597+ 0,001

Table XI

Run 11
m; = 10.7, t = 30°
E lvent) = -0.03606 7% - 12.35% 0,001

corr. (solvent) Z% = 11.70 (Akerloff and Teare)

my (CoClp) Eeorr, 7= m2 (CoCly) Ecorr, 7=
0.0105 -0, 04095 13.56 0.4372 ~0.05667 17.84
0.0314 -0.04518 14.67 0.5171 -0.05852 18.14
0.0514 -0.04740 15.28 0.7295 -0.,06120 18,76
0.0937 -0,04991 15.97 0.7949 -0,06192 18,92
0,244 -0.05L07 17.06 0.8470 ~0,06242 19.02
0.2794 -0,05482 17.25 0.0951 -0,06297

19.13%0.001




m Z10.7, ¢ =30°

m, (NiClQ)

0.0062
0.0535
0.0718
0.0930
0.1014
0.1832
0.4537

Boorr, ‘ o
-0.03893  13.05
-0.04766  15.36
-0.04884 15,68
-0.04981  15.94
-0.05014 16,03
-0.05241  16.62
-0.05686  17.67

Table XII

Run 12

o (&iClz) Ec@rr.
0.4867 -0.05728
0.5137 -0.05766
0.5395 -0.05798
0.5888 -0.05857
0.7222 -0,06001
0.7520 -0.06034
0.8185 -0.06099

/3

17.76
17.85
17.92
18.05
18.35
18,4
18.552 0.001

L5



SPECTROPHOTOMETRIC DATA

Table XIII
Run 5
CoCly in 3.7733 m HC1 (Run V), m, = 0.2514, 0.5624, 0.6193

Extinction Coefficient (€ ) = log IO/I

£
;aﬁmdllimicransl N.251 0,562 0.6193

LLO 0.402 0.845 0.971
460 0,818 1.703 1.883
LBO 1.129 2.087

490 1.269 2.347

500 1.407 2.420

510 1.511 2.585

520 1.539 2.658

530 1.469 2.769

540 1.274 2.420

560 0.724 1.694 1.921
580 0.359 0.910

600 0.221 0.633 0.740
610 0.213 0.688 0.818
620 0.217 0.740 0.886
630 0.222 0.783 0.939
640 0.213 0.759 0.919 -
650 0.217 0.796 0.959
660 0,245 0.947 1.155
670 0.249 0.967 1.174
680 0.237 0.932 1.139
700 0.197 0.800 0.987
720 0.078 0.240 0.333
740 0.035 0.096

780 0.025 0.063




Table XIV

Run 6

Niﬂl2 in 3.7733 m HC1, m, = 0.0224, 0.3302, 0.4722, 1.1098

;ﬁfndllimicggngl

385
390
40O
L10
420
430
LLO
450
560
580
600
620
640
660
680
700
710
720
730
74O
76

780
800
820
8L0

0.0224

0.936
1;65&
1.620
1.607
1.824
1.592

1.530
0.005
0.006
0.018
0.023
0.032
0.042
0.043
0.045
0.046
0.050
0.050
Oo 010'9
0.044
0.03L

;0,028
E 01021

0.015

0.4722

0.142
0.196
0.302
0.478
0.697
0.873
0.903
0.971
1.018
1.041

1.028
0.917
0.750
0.602
1.458

1.1098

Q-BG@
0.412
0.652
1.064
1.556
1.983

l.821
1.485
l-uﬁf
0.860

L7



CoCl, in 4.8428 m HC1l, m, = 0.0453, 0.1018, 0.3000, 0.3785

Q.0453

0.0697
0.139
0.194
0.243
0,266
04247
0.203
0.114
0.054
0.033
0.033
0.031
0.034
0.035
0.033
0.033
0.026
0.034

Table XV

Run 7

3

0.1018

0.157
0.325
0.458
0,588
0.654
0.614
0.523
0.309
0.124
0.167
0.173
0.227
0.229
0.22,
0.227
0.188
0.058

0.3000

0.465
0.959
1.351
1.747
1.947
l.848
1.604
0.97%
0.535
0.452
0.690
0.734
0.975
0.997
0.979
1,000
0.833
0.237

0.633
1,322
1.928

1.368
0.752
0.666
1.046
1.108
1.462
10513
1,502
1,501
1.157
0,535

48
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Table XVI
Run 8
NiCl, in 4.8428 m HCl, m, = 0.1623, 0.2635, 0,L0L7, 0.5118
£
A (millimicrons) 0.1623 0.2635 0.4L0LT 0.5118

385 0.597 0.827 1.22)

390 0.678 0.945 1.396

400 0.733 1.036 1.532

410 0.6L2 0.903 1.353

425 0.373 0.527 0.799

1,30 0.407 0.616

560 0.026 0.039 0.058

600 0.080 0.112 0.163

620 0.135 0.118 0.276

640 0.201 0.280 0.411

660 0.261 0.351 0.520 0.7h5 (650)
680 0.26L 0.368 0.545 0.836 (670)
700 0.280 0.391 0.577 0.886 (490)
720 0.293 0.409 0.599 0.928 (700)
40 0.283 0.395 0.573 0.987 (720)
760 0.254 0.350 0.506 0.975 (740)
800 0.181 0.249 0.356 0.870 (760)

820 0.152 0.208 0.298 0.572 (800)




Table XVII
Run 9

CoCl, in 6.975 m HC1, m, = 0.0194, 0.0512, 0.0998

£
A (millimicrons) 0.019% 0.0512 0.0998

440 0.029 0.073 0,125
160 0.061 0.150 0.256
480 0.094 0.232 0.398
500 0.127 0.318 0.545
510 0.142 0.354 0.607
520 0.151 0.380 0.654
530 0.155 0.387 0,67k
540 0.141 0.351 0.611
560 0.10k 0.262 0.455
580 0.098 0.253 0.445
600 0.212 0.550 ©0.991
620 0.506 1.322

640 0.553 1.138

660 0.801 _

670 0.815 1.967

680 0.807 1.932

685 0.833 1.979

700 0.7L0 1.726

720 0.232 0.541




Table XVIII

Hun 10

NiCl, in 6.975 m HC1, my = 0.0765, 0.1650, 0.1889, 0.3212

£

A (millimicrons) 0.0765 0.1650 0.1889 0.3212
380 0.308 0.377 0.636 0.987
385 0.338 (390) 0.519 0.889 1.409
400 0.410 0.572 0.979 1.553
410 0.373 0.526 0.889 1.409
425 0.229 (420) 0.398 0.692 1.125
LLO 0.102 0.283 0.470
590 0.039 (580) 0.031 0.062 0.098
610 0.080 (600) 0.072 0.134 0.217
630 0.129 (620) 0.126 0.220 0.361
650 0.173 (640) 0.173 0.301 0.493
670 0.201 (660) 0.220 0.387 0.638
690 0.211 (680) 0.246 0.420 0.699
700 0.212 (700) 0.243 0.423 0.688
720 0.205 (730) 0.236 0.408 0.654
740 0.188 (770) 0.184 0.323 0.523
760 0.159 (800) 0.124 0.414
800 0.110 (820) 0.091 0.166 0.276
820 0.09%

Table XIX
Run 11

A (millimicrons)

440
14,60
480
500
520
530
550
600
620
640
680
700
720

0.0105

0.015
0.021
0.046
0.074
0.096
0.079
1.060
2.699
2,745
3-301
2.824
1.184

0.0937

0.124
0.106
0.179
0,367
0.542
0.750
0.650°

51



NiCl, in 10.7 m HC1, m, = 0.0535, 0.1014, 0.4537, 0.7222

2

)*Sndllimicrcnsl

400
420
40
640
660
680
690
700
720

0.0

0.248
0.312
0.205
0.128
0.189
0.205
0.228
0.212
0.137

Table XX

Run 12

‘ ™

0.4537

2,281
2.658
2.222
1.178
1.807
2.046
2.046

0,222

2.301
2.699
2.237
1.209
1.866
2.114
2.337
2.081

52
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DISCUSSION OF RESULTS



DISCUSLION OF RESULTS

I. Relation of J# HC1l to the Extraction Process.

According to the data of Garwin and Hixson (Fig. 2) high separation factors
are obtained when the molality of the hydrochloric acid is L or preater. This
result should be compared to the shape of the activity coefficient curves
obtained in this study (Figs. 10 and 11). It will be noted that with increas-
Ang concentrations of hydrochloric acid (ml} in the presence of cobalt and
nickel chlarides‘(mz) the shape of the curves change from concave upward to
convex upward. It can be sesen further that the effect of cobalt chloride on
the values of ¥+ HCl is greater than that of nickel chloride although both
markedly increase the ‘fi HC1 values at higher sall concenirations eveds when
the hydrochloric acid molality is low.

The relation between the increase in the extraction of cobalt and
nickel chlorides and the effect of these salts on /% HCl cannot be simply
explained. Increase in HCl activity would normally be expected to increase
the extraction of the acid into the nonagueous phase., This increase in acid
soncentration in the organic phase may or may not be advantageous to fhe salt
extraction depending upon additional factors. TFor example if extensive
chlorocomplexing occurs in this phase, il would be an aid to extraction, and
it seems not improbable that the increased extraction of cobalt relative to
that of nickel is due to the difference in complexing of these substances in

the nonaqueous phase rather than solely tc the effect of the acid on the
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the acid on the aquecus-phase activity coefficients of cobalt or nickel chlorides.
Perhaps the significance of this study to the extraction process will be
made much clearer when supporting thermodynamic data on all components in both

&

phases are availsble,

II. E.M.F. Data.

It is posaible to postulate for CoCl, in HCl solution a series of chloro-
agquo~-complex ion equilibria of the type
[coti0), 17 2 [ootiz20),01] * T2 [eo (1200, 201, | 5= Bo a0, 5013] T =2

[co20),, 01, F

in which associated water is replaced in the cobalt coordination sphere by
chloride ions., If one supposes the formation of the double charged cation to
be predominate in the more dilute solutions followed by increasing amounts of
the higher chloro-complexes in the more concentrated solutions of HCl, the
qualitative features of the activity coefficient data become more understand-
able. |

In the dilute region (m; = 0.0470 and my = 0.0932) the initial lowering
of Y% HC1 by CoCly would seem to be primsrily an interionic-attraction effect
and would follow the Bebyanﬁgcksl type of expression for the change in
activity coefficients with electrolyte concentration. However, as the CoClp
concentration rises the important factor becomes the sffect of the sait in
decreasing the amount of effectively "free" solvent. Thie latter behavior is
characteristic of the effect of high concentrations of several other saltas
upon hydrochloric acid. While no data was obtained to support this conclusion,
probably the Y#CoCls, also increases in this range much as it does in concen~
trated aqueous solutions alene. Such a mutual effect is to be expected if

one can assume the risze in activity coefficients of both the acid and salt is
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the result of & tying up of solvent by the ions of the salt

In the intermediale concentr

(= 1,383 and my = 2,235) the
shapes of the Jp(HC1) curves are similer to thoss found at lowsr acid concen-
trations. The minimun is much less pronounced st the lower concentration of

HCl and has disappeared at the higher, however.

S5t11l higher concentrations of HCL % 30773 and my = 4.843) glve

spactrophotometrie evidence for s change in t noture of the coba
L

the soluticns., A comperison of the
activity coefficien
concentrated one

indicative of chlo

my = 10.70) the initial sharp rise of  HC1,

o P 1 - A el b
o b upon the "free water of the salt

flattening or beuding

expression for the formation of the neutral comp

g
e

)
‘..a;

C e v s
de found by Hebir

ot

chloride mnd cobsg

upon earlier, and a comparable oxpresszion doubtless could be sebt up for the

sary

HC1-CoCly system were the nece

surd te

The effect of NiCl, on Y& 1O

the same concenbration of o This result n

of the salts slone in water and with

the aprlicahility which states that at a given ionic

strength and acid concentration, the activity coef

PN
peven

is greater in the

aetivity ceoefficient,

pure solvent possoases the

At molalities of avont 4 m JENiCls in amuecus solution is about 263
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larger than 4ﬁﬁﬁmﬂig and st the concentrations of added salts Qmﬁ} studied in
this research (up to about 1 m on the averags) Kﬁ%i&lg is about 1% larger than

CoC1,. 7

Therefore, according to Harned's rule, Y4 HCL in the presance of
NiCl, should be higher than in the presence of CoCly at the same mﬁné&ntﬁation%
Since this empirical rule of Harned's was developed for HC1 mixtares with
alkali and alkaline earth chlorides at low ionic strengths (about 1.5), it
cannot be considered general, especislly at higher concentrations where the
usefulness of the "ionic sirength® in correlating activity coefficients with
electrolyte concentrations has become questionable. For example, Olson and
Simonson®’ have expressed their doubts as to utility of the ionic strength in
correlating "=alt" effects upon reaction rates. In a number of ionic reactions
studied by these authors, reaction rates and equilibrium constants (and thus
Y4) seem to be a function of the concentration of ions of opposite charge
rather than of the “ionic strength®. Other workers have developed theoretical

L8 which indicate that at appreciable concentrations reaction-rates

ecquationa
should vary in a linear manner with "ionic strength” instead of with its
square root. Therefore, these curves are not experimentally nor theoretically
compatible with the behavior encountered in dilute molutions of hydrochloric
acid in the presence of the alkall and alkaline earth chlorides. Such
incompatibility, however, might be sxpected since both nickel and cobalt are
transition-series elements., Rather, this emphasizes that in concentrated
solutions, it is the specific nature of the ions invelved which determines
behavior.

In Figs. 21 and L the activity coefficient data are compared with
jata on other mixtures available in the literature. The comparison given

in Fig, 21 does follow the general pattern expected by the Harned rule,
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but due to the restricted number of cases studied, no statement can be made
regarding the applicability of this rule to all sy':atm».‘ ;

The observed differences between the effects of the two salte w@rn nost
naticeabls at the higher concentretions of the salts at all acid molaiitsiet
investigated. This result, in the cases where appreciable leveling out of
the curves occurs, would indicate an association reaction in the case of
nickel chloride analogous to that of cobalt chloride with hydrochlorie acid.
No determined investigation seems to have been made of this point siiwa;
unlike the oobalt case, no striking color eha.nge occurs in the aehzt&.m.
)Huwever , all the evidance points. to the much graater tendency of cobalt to

- complex chloride ions relstive to that of nickel. This is shown, for example,
by the relative stabilities of the chloro-complexes in medie of ;awdhlectﬁe
constant,w by the activity odefficient curves of the pure salts in wé.t,e‘x';g and
by the behavior reported by Kraus50 for these salts with anion exchange resins.

The complete explanation of the relative effects of these salts cénnot.,
be . giveri, therefore, simply on the basis of chloro-complex formation
alone and probably involves the effacts of these salts on water actiﬂtfies
also., - : | | ‘

The values for the probable errors in Yﬁ , calculated by £hs method of
Worthing and Geffner,”! sre included for the E.M.F. data. Values taken for-
the probable errors (P), of which Y+ is a function, were: Pmi :go‘.;m (for

“all solutions excdept my £ 10.7 for which 1"“‘_l =£0.03); P ,: 0.001%
Py =4$0.0003; Pgo = £0.0002; and Py =#0.02. Except for the most dilute and

‘most concentrated solutions, the overall error in Y+ is of the order of
0.2%.
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III. GSpectrophotometric Data.
Spectrophotometric studies of agueous CoCl, and NiClp in the presence of

HC1 (and other electrolytes) have been made previously. 52 Ho completely con-
vincing evidence has been presented by the "complex ion" or *‘dehyﬁrat;mn”
adherents in favor of either theory used to explain the observed spectra.

For example, even among the "complex ion" advocates there is disagreement as
to the probable formula of the complex. Since the nature of the problem has
been covered for CoCl,, the nickel chloride situation may be briefly stated.
The more recent data seem to agree that a complex nickel entity (Eiﬁlg‘)@: is
formed (A = 700 mp%n) in aqueous solutions of NiCl,. The molscular extinction
maxima for both CoCl, and NiClp in the presence of HCl are in agreement with
the spectrophotometric data cbtained in this research. For CoCl,, the absarp-
tion maxima of the pink and blue entities occcur at wavelengths of A £7 520 and
A== 670 millimicrons respectively. For the nickel entities the absorption
maxima occur at AR 40O and AXE 700 millimicrons.

Since it is not the object of this paper to enter into a discussion of
the various factors inwlved in explaining the shapes of the spectrophoto-
metric curves, this aspect can be dismissed with the statement that these
curves by no means solve the guestion concerning complex ions or dehydration.
It may be pointed out that most of the literature contains too little §irect,
positive experimental evidence to assign confidently a specific formula to
either the cobalt or a mickel entity.

IV. Future Work.
This author is of the opinion that there are at least three things
which are absolutely necessary for the further elucidation of the CoCl,

{or NiClz)mHQO—HGl-capryl alcohol system. These are: First,the
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determination of the identity of the molecular or ionic species in both the
aqueous and organic phases, possibly by a sp .ctrophotometric method; second,
the determination of the activity of the water in the aqueous phase; and
third, the evaluation of the zctivity of "CoClo" and'NiCly" in the a%uaaus
phese in the presence of the promoting electrolyte (HCl). The latter two
parameters may be amenable to a vapor pressure method of maasufemsn%‘

The E.M.F. measurements were well underway when a theoretical equa-
tion, applicable to the determination of the activitles of non-volatile

solutes in a volatile solvent, wos aaggested.sB

[}

a3’ ¢ |
./ d1nay =21 i (¢) o ()
n
| !
&

o ?

where ¢ is the function, log plpzk
This equation offers intriguing possibilities and difficulties which are
discussed in the Appendix of this thesls, It is c¢nly necessary to point out
here that if sccurate data could be obtained for the vapor pressures in the
_system HC1-H,0-CoCly (or NiCl,), & graphical integration of the quantity on
the right-hand side of the equation could be performed. This quantity would
then not only indicate the effect of adding hydrochloric scid (seversl runa
at constant HC1:H,0) upon the sctivity of cobalt chloride (or nickel chloride),
but would also be a messure of the water activities, Further, st c@néan%ra-
tions (¢ 7 w.) where ths vapor pressure of hydrochloric acid becomes very
small, the E.M.F, data obtained In this research could be combined with the
vepor pressure data to determine the necessary perameters to perform the

required integration.
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SUMMARY

The activity coefficient { YZHCl) of hydrochloric acid at seweral
fixed concentration ratios (HGl:Hzo) has been determined in the pressnce of
varying amounts of cobalt chloride (CoCl,) and nickel chleride (NiCl,) by en
E.M,F, method, Although measurem;nts were taken in both the dilute and
concentrated acid ranges, the study was eséentially concerned wi‘th;the con-
centrated range (m>1). Paralleiing s;iectrophoto:ﬁetric measurements were

made to correlate, if possible, the activity coefficient data with light

absorbing species in solution, ‘

The data show that in relstion to the more favorable extraction of
cobalt in the system CoCl, (or NiCly)-Hy0-HCl-octanol-2, the hydrochleric
acid should be partitioned into the alcohol phase to a pgreater extent by.
CoCl, than by NiCl,. Such an event would probably favor the greater |
extraction of cobalt relative to that of nickel in the event of stronger
chloro-complexing in the a.lcoholzpvhaae by the cobalt.

The shapes of the activip:,r coefficient curves ars such as to indicate
a greater effect for cobalt then for ﬂckol in decreasing the effectively
free water. At the highest HCl ccné entrations & leveling off of the curves
with incressing selt concentrations is found and this result is discussed
relative to the formation of chloro-complexes by both salts. A mechanism
fop the tis-up of chloride ions is suggested in which the initial step is
the formation of a singly charged cation., The curves ave interpreted in
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relation to changes in ionic radii and dielectric. constant of the medium,
dehydration, and complexing.

Further work is suggested to determine valuss of V% CoCl, (or €7 §i$13}
in the presence of HCl and an evaluation of water activities, Nmr%finfﬁrm&~
tion about the nature of the specles in solution is needed to complete an

understanding of the datas cbteined in this research.
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juations:

L) Debye-luckel é@uatianl5

f‘- rational activity coefficient or more properly, the stoichiometric
mean lonic mol fractlon sctivity coefficient.

A = & constant for & glven solvent at z specilied temperature which is
given by

2.303:¥\1000

e.s.u., D = the dielectiric constant of the solvent medium, and
= 8,314 x 107 ergs.

2 Y
A - NE” (3 7'5) > ﬁ%ﬁw where N = 6,023 x 10°3, € = 4.202 x 10710

Z = the valence of an ion regardless of sipm or more properly, for
Txample, Z_= |%_| where |i_] is the absolute value of Z_, i.e.
"‘2 - 2!

2 ,
T wifs i T cizzi

:]% where n; = the number of ions per c.c.

u = the ionic strength30 =

P*u% =z K= [hre Z ny 2y

DkT

5
2
i

and k = R/N,

3) Debye-Hickel Equation with Dielectric term added>>?2?

Bu = & linear term which was necessary if there were a linear decreass
in the dielectric constont of the solvent medium with concentration.

3) Scatchard's added terms for a 1-1 el&ctrolytals

xt: the practical activity coefficisnt or more properly,25 the stoichio-
metric mean ionic molal activity coefficient.

molecular weight of the solvent.

1

ay = activity of water.



(&)

(5)

(6)

(7

(e

(9)

(10)

(11,

(14)

2
log 3(‘1 = log ¥+ + log (1 + mV M;/1000) 2 where m = molality, and V =
total numter of ions into which an electrolyte dissociates.

21

Stokes and Robinson™ thus use n as the second adjustable parameter in

¥

place of the Huckel B.
See ref. 25.

Gibbs~-Duhem Equation for a ternary mixturelB’zs’Bo

fugacity of component (1), etc.

£y

Ny = mole fraction of component (1), ete.

See ref, 30.

See ref, 31,

Fundamental equation of cell containing only solvent:25

k = RT/nF where R = 8,314, n = 1, and F = 96,500.
E° = the standard potential of the AgCl, Ag electrode

Ecorp, = the corrected observed E.M.F. (see egs. 11, 12, 13).

Fundamental equation of cell containing mixture<?

(either CoCly or NiGlz); since this equation refers to HCl, the mean
molality m2 is given by mj(2my+mp), i.e, my containe the contribution
to thz hydrogen ion and the quantity (2mp+m) is the totel contribu-

tirm to the chloride ions,
(12), (13) See reference 25,

Since this equation53 is not found in standard reference works a

brief derivation is presented:

(a) up = ui + RT 1n a;, where a, = fl/fo = pl/pg

78
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(b) The general Gibbs-Duhem equation for a three compcient system is
ny dul + ns dnz + 13\3s chz3 =0
(ny = Hy0, np = HCL, ng = CoClp or added non-volatile electrolyte)
(¢) duy + k du, + 1:13/1:1l dug = 0

Now by varying component (3) and holding (1) and (2) constant, i.e.,
letting n;g/nl = ac/p =k

(d) (dw/ 333)111

LE I

T, dny + k (Bug/ang) dng + nSf'F (3&13/3133)‘

»ngx
dnB =0

By substituting (a) into (d), elimineting RT, and lesving component
(3) in the form of 84, we have

(e) (2ln py/o n3) dng + k (dln pz/anB) z:tlns + nB/P (21n &B/an)a
dnB =0
Now define ¢ = In plpgk = 1lnpy + k1n p, and
(£) d¢ = dln py/dn3) dny + k (31n py/Jny) dny
Seodg o= - n3/ny (91n aa/anB%dnj
(e) f?/ngj dp = - f d 1n ag
¢I

&'!

2
The single primes refer to the standard stete. The solvent
(H,0 + HC1) composition remaine conetant (ng/nq) and it can be
ﬁmﬁmd as the pure solvent, When the HCL mml&lity is ehanped
we have & new standard state, }%r g pertloular series one hasi

(k) = log &g + log a4 = fi/n;3 f d W)

/
which requires a graphicel fmggmti on of the integral on the
right, We sre forced by the customary cholee of o standard
state to integrate from ¢’ where n.¥ O and thie gives us no
accurate value of all because the oflrve approaches the y - axis
ravmtotically, Sinfe we have chosen (Hn04HC1) ae the standard
etate for the solvent, we note that a4 = 0 since n, = 0 at this
hypothetically infinitely dilute solulion, i,e. there would be
no componant (3) present. Of course, it is possible to choose
some other standard state, ssy at 0.5 m with respect to (3),
which would be more amensble to an sxkparimental treatment.
Perhaps then a sultable graphical integration could be performed.
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