29%

800°; this is what would be expected from the
thermal decomposition of an ammonobasic iodide
mixture. This experiment affords no evidence for
the presence of a lower.oxidation state of aluminum
either in the original solid or in the heated solid.

McElroy, Kleinberg and Davidson!4 found that
when aluminum ions, iodide ions and the am-
moniated electron species were all present in the
same solution, an insoluble ammonobasic iodide,
Al(NH,),I-Al(NH,);-2NH;,'* was always formed.
The components of the reaction systems described
in this report differed from those of McElroy,
Kleinberg and Davidson only in that alkali or
alkaline earth metal ions were also present. Since
these metal ions, as such, should have no direct
effect upon the nature of aluminum products ob-
tained, the two systems are essentially equivalent,
and ammonobasic aluminum compounds should
also be the result of the present experiments. In
the reactions investigated in the present work,
the excess of solvated electrons, which, of course,
were accompanied by alkali or alkaline earth metal
ions, allowed further reaction and the formation of
products other than the one ammonobasic iodide
obtained by McElroy and co-workers,

Finally a few words are necessary concerning the
interpretation of the potentiometric titration data
of Watt, Hall and Choppin.? If reduction of
aluminum to lower oxidation states takes place,
the species formed must react almost instantane-

(14) A, D. McElroy, J. Kleinberg and A. W. Davidson, THiS
Jourw~ar, 72, 5178 (1950).

(15) This compound is similar to the insoluble ammonobasic iodide
isolated by Franklin (ref. 12) by reaction in liquid ammonia between
potassium amide and aluminum iodide in the formula weight ratio
2.5:1.
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ously with the solvent since it has not been possible
to detect any reducing power in the reaction mix-
tures. With aluminum(II) as the specific ex-
ample, this reaction would be Al?*+ +~ NH; = Al3+
4+ NH;~ + !'/;H,. If the aluminum(II) reacted
immediately after its formation, the effective con-
centration of aluminum(II) in the system would
remain essentially constant, and nearly equal to
zero. Since aluminum(III) is regenerated from
the lower state its effective concentration should
also remain essentially constant until the accumu-
lation of base (amide ion) would cause a change in
the aluminum(III) species present. If the poten-
tiometric data are to reflect reduction of alu-
minum(III) to aluminum(II), the change in
potential must result from changes in the concen-
tration ratio AI(III)/Al(II). Furthermore, the
conversion to aluminum(II), and subsequently to
aluminum(I), must take place to a major extent in
order to change the ratios which cause a potential
change. As pointed out above, however, the
concentrations of both of these species would be
expected to remain nearly constant. Therefore
no change in potential would occur as the result
of reduction and no break in the curve would be
found. It would appear reasonable to expect
that if lower valent species were present for a suf-
ficient length of time to allow their detection by
the rather slow process of potentiometric titration,
they would also be detectable by the various means
already mentioned.
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Activities of Transition Metal Chlorides in Aqueous Hydrochloric Acid Mixtures. 1.
Nickel(II) Chloride and Cobalt(II) Chloride!

By T. E. Moorg, E. A. GootMaN aND P. C. YatEes

REcE1vED JULY 26, 1954

The activities of each of the components in ternary HyO-HCI-NiCl, or CoCl; mixtures have been determined at 30° by

measurement of the HCl and H,O partial pressures and integration of the Gibbs-Duhem equation for 3 components.

The

measurements were made on series of solutions each having constant HCl concentration (from 4.69 and 8.86 m) and variable

salt concentrations (from 0.5 m to saturation).

The Stokes and Robinson treatment of the activity coefficients of concen-

trated binary solutions of electrolytes has been extended to ternary mixtures and the experimental results have been treated
according to this extended theory. For CoCl.-HCI mixtures where the theory does not hold, spectrophotometric evidence is
presented for association of cobalt and chloride ions forming CoCl..

Recent studies of the solvent extraction of salts
from aqueous solutions have shown that the distri-
bution coefficients of many transition metal chlo-
rides are greatly increased when the salts are dis-
solved in concentrated hydrochloric acid.? The
literature, however, contains almost nothing of the
thermodynamic properties of such acid-salt-water
mixtures. As a part of a program of study of the

(1) Presented in part at the 9th Southwest Regional meeting of the
American Chemical Society, New Orleans, La., 1953. Supported
under Contract AT(11-1)+71 No. 1 with the U. S. Atomic Energy Com-
mission.

(2) H. M, Irving, Quart, Res., 5, 200 (1951).

factors affecting the 2-octanol extraction of certain
transition metal halides, the activities of each of
the components in the ternary systems NiCly—
HCI-H;O and CoCl,-HCI-H;O were determined
over a wide range of acid and salt concentrations.
Since no satisfactorily reversible electrodes have
been found for metals such as nickel or cobalt,?
it was necessary to make use of the Gibbs-Duhem
equation applied to a ternary system and to calcu-
late the salt activity from experimental values of

(3) W. M. Latimer, ""Oxidation Potentials,”’ 2nd edition. Prentice—
Hall, Inc.,, New York, N. Y., 1952, p. 210.
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the acid and water activities. The integration of
the ternary Gibbs—Duhem equation has been dis-
cussed recently by Darken* and McKay,® who have
developed relations for the integration from a
knowledge of one of the partial molal quantities
under isothermal isobaric conditions, but at all
compositions. However, in this investigation it
was convenient to measure the partial molal free
energies of two of the components, <.e., H,O and
HCI, and thereby greatly cut down the number of
necessary experiments.

Theoretical

The Gibbs-Duhem equation for three compo-

nents is
0 = mdF; + mdFs + nydFy (1)

where 71, %, n3 are the moles of each component
and Fy, F,, F;are the respective partial molal free
energies. Using the usual definition of the activ-
ity F; = F* 4+ RT In a;, differentiating with respect
to ns, and dividing through by #, gives

0= (aln al) dng + ) (aln az) dns +
On; n1ong 71 dnz ni.ng

N3 oln as
m ( ony )m.m dna (2

Since for volatile components (assuming ideal be-
havior in the gas phase) a; = p;/p{®, eq. 2 becomes

_ M Olna;
de = " X( ong )nl-ng (3)

where ¢ = In pip* — ln pPpe® and 2 = ny/my.  In-
tegration of eq. 3 along lines of constant n,/#, then
permits evaluation of a; as a function of the mole
ratio #3/n;. 1f component 1 is chosen as H,O,
component 2 as HCl and component 3 as the salt,
the integration gives the salt activity as a function
of its molality in solutions of fixed HCI molality.

Experimental

Apparatus.—The apparatus was a modification of that de-
scribed by Bechtold and Newton® for the measurement of
water vapor pressures by the comparative gas-transpiration
technique. The principal modification was in the absorbers,
which were filled with a mixture of anhydrous magnesium
perchlorate and sodium hydroxide-impregnated asbestos.
The latter occupied about the first 2/; of the absorption tube
and the pure magnesium perchlorate the remaining 1/,
Preliminary experiments demonstrated the complete absorp-
tion of both HCl and H,O vapors in these absorbers.

Procedure.—The procedure followed was essentially that
used by Bechtold and Newton® and the partial pressures of
HCI and H,0 were calculated from the weight of absorbed
gases as described in their paper. All runs were made at
30.00 % 0.02° employing tank nitrogen as the carrier gas.

Before measurements were made on ternary systems, the
apparatus was tested by determination of the water vapor
pressures of HySO~H,0 standards and the partial pressures
of HCl and H,0 in HCI-H,0O mixtures. Three H;SOy stand-
ards (1.630, 3.195 and 4.713 m) were run, and the experi-
mental results were compared with the water partial pres-
sures calculated from the osmotic coefficients of Stokes.”
Agreement within 0.19, was obtained with a precision of
better than 0.19%,.

Partial pressures of water found in the HCI-H,0 system
agreed with the results reported by several independent
methods; the experimental points fell on a smooth curve
lying slightly above that determined from the values listed

(4) L. S. Darken, THIS JoURNAL, T2, 2009 (1950).

(6) H. A. C. McKay. Trans. Faraday Soc., 49. 237 (1953),

(6) M. F. Bechtold and R. F. Newton, THIS JournaL, 62, 1390
(1940).

{7) R. H. Stokes, Trans. Faraday Soc.. 44, 295 (1948).
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in the compilation by Zeisberg® and slightly below that cal-
culated from the results of the electromotive force measure-
ments of Akerlof and Teare.? Similarly the HCI partial pres-
sures fell on a smooth curve drawn through the points given
in the Zeisberg® compilation. Since these values supple-
ment the literature values in regions where the vapor pres-
sure curve is rising sharply, they are presented in Table I,

TaBLE I
VarorR Pressures oF HCl SoruTtions aT 30°
Molality P (mm.) Molality P (mm.)
4.69 0.055 8.86 2.51
4.84 0.072 9.12 3.08
5.53 0.129 9.57 4.45
6.10 0.219 10.02 6.27
6.97 0.514 10.40 8.02
7.73 1.015 10.65 10.53
8.25 1.573

Materials.—C.p. or Reagent grade chemicals were used
throughout the investigation. The NiCl; label listed an as-
say of only 0.02% cobalt and the CoCl; 0.08% of nickel.

Mallinckrodt Analytical Reagent NaOH having 0.010%,
chloride as impurity was used in the preparation of the ab-
sorbers, and Merck reagent grade perchloric acid containing
0.0019%, chloride was employed in analysis of their contents.
The asbestos (such as is ordinarily used in the preparation
of Gooch filters) and the Mg(ClO,), also used in the absorb-
ers were shown by test to be free of chloride.

Solutions.—Solutions of salt-HCI-H;O were prepared
either by adding the anhydrous salt (pulverized and redried
at 130°) to HCI solutions of predetermined molality or by
preparing a stock solution of the desired HCl molality but
concentrated with respect to the salt and weighing portions
of this stock into weighed amounts of HCl of the same
molality. The compositions of the solutions were con-
firmed by analysis.

Saturated solutions were prepared by carefully adding at
intervals small amounts of the anhydrous salt to the nearly
saturated solution maintained at 30° in a water-bath. In
this manner only a very small amount of the solid hydrate
was formed in a large quantity of solution so that the acid
molality was unaltered by its formation.

The composition of the solid phases at equilibrium with
the different solutions was determined by the wet-residue
method of Schreinemakers!® in the ternary solutions and by
separation and blotter drying of crystals prior to analysis in
the binary solutions.

Analytical Procedures.—The weighed contents of the ab-
sorbers were dissolved in water and the absorbers rinsed re-
peatedly with water and 259, perchloric acid. After neu-
tralization, the chloride was determined volumetrically by
employing a potentiometric endpoint.!! The absorbed
water was calculated from the total weight increase and the
HCI found upon analysis. Solutions having a relatively
large chloride content were analyzed gravimetrically.

Nickel was determined either by electrolysisi? or gravi-
metrically as bis-(dimethylglyoximo)-nickel.13

Cobalt was determined electrolytically!? or gravimetri-
cg.lly as anhydrous CoCl, after evaporation of the acid solu-
tions.

Calculation of Activities.—All activities were referred to
the conventional standard states of the solutes in binary
aqueous solutions; .e., to hypothetical 1 molal solutions
having the same chemical potentials as at infinite dilution.
This choice of standard states, rather than the alternative
states in which each HC1-H,O mixture is considered a mixed
solvent containing the salt as solute, permitted comparisons
between series of different HC1/H,0 mole ratios.

Since data were lacking on the activities of binary solu-

(8) Zeisberg. Chem. Met. Eng.. 82, 326 (1925)..

(9) G. C. Akerlof and J. W, Teare, THIS JoUurNaAL, 59, 1855 (1937).

(10) A. Findlay, *’The Phase Rule and Its Applications,”* 8th Ed.,
Dover Publications, Inc,, New York, N. Y., 1945, p. 271.

(11) I. M. Kolthoff and N. H. Furman, *Potentiometric Titra-
tions,” John Wiley and Sons, Inc., New York, N. Y., 1931, pp. 144-154.

(12) I. M. Kolthoff and E. B. Sandell, **Textbook of Quantitative
Inorganic Analysis,”” Rev. ed., the Macmillan Co., New York, N. Y.,
1953, p. 427.

(13) Ref. 12, p. 722,
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tions of NiCl, at 30°, the data of Stokes® at 25° were used
to evaluate the activity at the arbitrarily selected concen-
tration of 1.5 molal. The corresponding activity at 30° was
then computed from the data compiled by Rossini, et al.,}*
for the heat content of the solute by integration to obtain
the activity at the higher temperature.’® It was necessary
to regard the partial molal heat content of NiCl, as constant
from 25-30° since no data on the partial molal heat capaci-
ties were found in the literature.

Unfortunately no corresponding thermal data were avail-
able for CoCl,, but since the literatured showed that the ac-
tivity coefficients of CoCl, and NiCl; at 25° are extremely
close up to concentrations of 1 molal and even up to 2 molal
deviations are of the order of 2%, the assumption was made
that the partial molal heat contents of the two salts were
the same in a 2 molal solution. The CoCl, activities in the
binary solutions at 30° were then calculated like those of
NiCl; from the data of Robinson and Brown,!6

The activities of NiCl, and CoCl, in saturated solutions
at 30° in equilibrium with NiCls-6H,0 and CoCl; 6H,0 were
evaluated by extending the vapor pressure measurements on
the binary solutions to saturation and integrating the Gibbs—
Duhem equation for two comnponents.

From the activity of the salts in saturated solutions the
activities of the hexahydrates were calculated according to
the relation

RT log a(salt-6H:0) == RT log a(salt) +
6RT log p1/p1® (4)

where a(salt-6H.0) and a(salt) refer to the activities of the
solid hydrate and the saturated solution, respectively.
Here p1/p1° is the activity of water referred to pure water.
The corresponding activity of NiCly;-4H,0 was obtained
from the data of Derbye and Yngvel for the equilibrium
vapor pressure of the system NiCly;-6H:0 2 NiCl;-4H,0 +
9H,0 and the activity of the hexahydrate.

The activity of NiCl; or CoCl; in any one of the salt-satu-
rated ternary solutions was then calculated from the values
of the activities of the solid hydrates and the measured
water activities of the solutions. The activities of each of
the reference states described are listed in Table II.

To obtain the salt activity in a ternary solution, eq. 3 was
graphically integrated from a particular concentration to
the saturated solution at constant HCI/H,0 mole ratio.
The integrations were made on the ¢ curves constructed
from large-scale plots of the experimental data by square
counting combined with the use of a planimeter and were
checked by Simpson’s rule.®® The estimated error in the
integration was of the order of 19,. For purposes of the
integration eq. 3 was rearranged to give

_ (/) = (80" fm

"
log (a":/a’s) = 5503 (¢/7) d log s

' (5)

where r = ng/n;. This function was found to be relatively
insensitive to errors in plotting and integration.

Precision.—The HCl vapor pressure measurements in
the ternary systems were made with an average deviation
of £0.01 mm. from the average of two or more experiments
at each concentration. The corresponding deviation in the
water vapor pressure measurements was #=0.04 mm. While
no claim is made for extremely high accuracy in the values
of the salt activities in the ternary systems, no comparable
data are found in the literature.

A calculation of the temperature correction to be applied
to the water activities at 25° to permit comparison with the
30° experimental activities in the binary salt solutions indi-
cated that this should be within the probable experimental

(14) F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine and I,
Jaffe, ''Selected Values of Chemical Thermodynamic Properties,”
National Bureau of Standards Circular 500, U. S. Government Printing
Office, Washington, 1850.

(15) H. S. Harned and B. B. Owen, ""The Physical Chemistry of
Electrolytic Solutions,” 2nd ed., Reinhold Publ. Corp., New York,
N. Y., 1850, chapter 8.

(16) R. A. Robinson and J. B. Brown, Trans. Proc. Roy. So¢., New
Zealand, T7, 1 (1948).

(17) 1. H. Derbye and V. Yngve, THia JoURNAL, 88, 1439 (1916).

(18) H. Margenau and G. M. Murphy, “The Mathematics of Physics
and Chemistry.,” D. Van Nostrand and Co., 1nc., New York, N. V.,
1943, p. 460.
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error in the 30° measurements. Comparison with the 25°
isopiestic data of Robinson and Brown! on CoCl, solutions
at 25° and of Robinson and Stokes!® on NiCl, solutions
showed that over the range of integration of the Gibbs-
Duhem equation the 30° experimental values agreed within
+0.29%, with the 25° values.

Discussion of Results

Although aqueous solutions of NiCl, and CoCl,
are closely similar in their activity coefficients up
to moderately high concentrations, the two salts
are markedly different in HC! solutions. This is
shown by the relative effects of the salts in lowering
the H,O activity and raising the HCI activity at
equivalent concentrations. Figures 1 through 3
present the activity curves obtained for H,0, HC1
and NiCl; or CoCl; as a function of the salt concen-
tration at constant HCl molality. Particularly
striking is the enormous increase in the salt activ-
ity in the acid solutions relative to that in aqueous
solution. The activity of 1 m NiCls, for example,
in 6.86 m HCl is ca. 10° as great as it is in water.
Qualitatively these results are consistent with a
higher degree of ionic association for CoCly than
for NiCl,, This might be expected to lower the
HCI1 activity and raise the H,O activity more in
CoCl; solutions than in NiCl; solutions which pre-
sumably contain a larger number of highly hydrated
ions.

I. NiCl,-HCl Mixtures.—Efforts to relate em-
pirically the activity coefficients of binary solutions
of electrolytes to ionic hydration have met with
considerable success through a relation developed
by Stokes and Robinson.?® These authors have
shown that by a modification of the Debye-Hiickel
equation the ion-solvent interactions may be ad-
counted for up to ionic strengths of about 4. The
possibility of relating the activities of mixed-elec-
trolytes to their hydration in a similar fashion has
also been treated by Robinson and Stokes.?* The
following is an extension of the Stokes and Robinson
treatment applicable to mixtures of two or more
electrolytes.

If %, and %; are the hydration numbers of HCl and
NiCl,, respectively, the moles of hydrated solute
(primed quantities) per 1000 g. of “free’’ water are

m’y = meF and m's = myF (6)
where F = (55.51)/[55.51 — (homy + hgms)].
Written in terms of molalities the Gibbs—Duhem
equation (1) is

55.51dInay +mdlna, +mydlnas =0 (7)
which after allowing for the hydration of the sol-
utes becomes

[65.51 — (hems + hsmz)] dnay + medIna’s +
msdlna’s =0 (8)

Combination of (7) and (8) gives the basic equation

—(hgmy + hamg) dlna; + me(dlna, — dlna’y) +
my(dlnay — dlne’y) =0 (9

For variations at constant #; and m,, the introduc-

{19) R. A. Robinson and R. H. Stokes, Trans. Faraday Soc., 36,
1137 (1940).

(20) R. H. Stokes and R. A. Robinson, Tais Jourxar, 70, 1870
(1948),

(21) R. A. Robinson and R. H. Stokes, Ann. N. Y. Acad. Sci., 61,
583 (1949).



Jan. 20, 1955

0 1 2 3
Salt, m.

Fig. 1.—Water activities in HCl-salt mixtures: A, CoCl,
alone; B, NiCl; alone; C, 4.84 m HC1 + CoCly; D. 4.69 m
HCl1 + NiCly; E, 6.97 m HCl1 + CoCl;; F, 6.86 m HCl +
NiCly; G, 8.86 m HCl1 + CoClz; H, 9.12 m HCI + NiCl,,

tion of mean ionic activity coefficients and rear-
rangement of terms converts (9) into

!
o [B(2EE) gy - (ATl g
Vs bma Ry me bm; Rl

dIn F h.(b In ax)
d o | = —=—— dmy —
omy )m-m: m‘] + v [VI Oms / nyuma s

(BT} g~ () dm] =0
dmys ni.ms bma Aleme
(10)

Integration of the expressions within the brackets
results in two equations which must then be simul-
taneously satisfied in m, and m;

-?'lnal +InYe —InYu,—In F+ G (11)
2

%—'lnal N Yy —InVas—In F+ G (12)
t 3

where C; and C; are constants to be determined
from the experimental data. One recognizes from
the symmetry of these equations that the argu-
ments can be extended to the case of any number, p,
of such hydrated solutes, leading to a set of p si-
multaneous equations of the type (11) or (12).

After introducing the usual Debye~Hiickel ex-
pressions for the hydrated ions,? the final equa-
tions, corresponding to equation 9 of Stokes and
Robinson, are

0.36344/T
1 + 0.2331a°V/T
log {1 — 0.018 [(hg End Vz)mz + (h; - v;)m;]] + C2 =0
(13)

ii: log a1 + log Va2 +

{22) H. S, Harned and B, B. Owen, ref. 15, pp. 110-121.
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‘_—’,/Fl
0 1 2 3

Salt, m.

Fig. 2.—HCI activities in HCl-salt mixtures: A, 9.12 m
HCl + NiCl;; B, 8.86 m HCl + CoCly; C, 6.86 m HCl +
NiCl;; D, 6.97 m HCl1 + CoCly; E, 4.69 m HCl + NiCly;
F, 4.84 m HCl + CoCl,.

as X 10-5,

0 1 2 3
Salt, m.

Fig. 3.—8alt activities in HCl-salt mixtures: A, 6.86 m
HCI + NiCl,; B, 4.69 m HCl + NiCly; C, 8.86 m HCl +
CoCly; D, 6.97 m HC1 + CoClp; E, 4.84 m HC1 + CoCl,.

__0.7268VT
1 + 0.2331a2V/T
log {1 — 0.018 [(hy — w)ms +(hs — vIms]} + G = 0
(14)

Here I' = 2C;Z;® where the Cj's are the volume ionic
concentrations and Zj’s the ionic valences.

In order to test these relations, values of @,® and
ay® were selected by reference to those listed in
Tables II and III by Stokes and Robinson. These
were both taken equal in the first approximation to
4.84. Subsequent calculations showed, however,
that the choice of the a® values was not critical in
determining the hydration parameters. From these
values of @® and equations 13 and 14 the mean ac-
tivity coefficients were calculated from the experi-
mental water activities and the hydration parame-
ters listed in Table III. Figure 4 presents the cal-
culated values (solid curves) and the experimental
values for comparison. The circles have diameters
corresponding to 0.1 in v+,

Although the agreement between the two sets of
values is not completely satisfactory over the en-
tire concentration range, it does serve to show the
general applicability of this type of correlation to

%—'log a1 + log Yas +
3
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TaBLE 11
AcTiviTy DAaTA AT 30°
HCI molality =
0 4.69 6.86 0 4.84 6.97 8.86
a; a1 Va2 (7*i3 a1 Y= ('yb,ﬁs ay a1 T2 "/Cdgx ap Y2 7*03 ay Y2 ‘ytos
Salt m (H,0) (H:0) (HCl) Cl) (H:0) (HCl) Cl) (H:0 (H:0) (HCl) Cl) (H;0) (HC) Cly) (H:0) (Cl) Cl.)
0.5 0.701 2.73 2.71 0.553 5.46 5.03 0.693 2.77 2.44 0.560 5.10 4.47 0.456 8.17 6.54
0.6 0.972 .690 2.89 2.79 .542 5.75 5.30 0.963 .683 2.90 2.66 .332 5.38 4.35 .451 8.34 6.57
0.7 679 3.06 2.87 .532 5,05 5.57 672 3.02 2.84 .544 5.57 4.64 446 8.51 6.62
0.8 .957  .668 3.25 2.99 .522 6.34 5.86 .950 .662 3,19 3.00 .336 5.75 4.74 .440 8.68 6.71
0.9 656 3.44 3,12 512 6.65 6.17 651 3.33 3.12 .528 5.93 4.85 .435 8.84 0.84
1.0 .942  .645 3.64 3.28 .502 6.95 6.47 .936 .641 3.53 3.21 521 6.10 4.87 .430 8.99 7.01
1.1 634 3.85 3.45 403 7.26 6.80 631 3.70 3.28 .514 6.28 5.10 .425 9.14 7.15
1.2 927 .623 4.07 3.64 .483 7.59 7.12 .921 622 3.88 3.35 .507 6.45 5.23 .420 0.29 7.26
1.3 611 4,20 3.84 475 7.93 7.44 613 4.08 3.41 .500 6.61 5.36 .415 9.45 7.33
1.4 911 599 4.52 4.05 .465 8.28 7.77 907 .604 4.27 3.47 .403 6.77 5.47 .410 9.60 7.38
1.5 589 4.76 4,20 457 8.63 8.12 595 4.46 3.55 .487 6.95 5.57 .406 9.76 7.41
1.6 .893  .578 5.02 4.53 .440 8.98 8.46 .801 .586 4.65 3.65 .480 7.13 5.66 .401 9.92 7.42
1.7 567 5.28 4.79 439 9.33 8.80 577 4.83 3.75 .475 7.31 5.73  .397 10.12 7.42
1.8 874  .537 5.54 5.04 .431 9.68 9.17 .874 .369 5.02 3.87 .460 7.490 5.79 .393 10.26 7.41
1.9 546 5.82 5.30 .423 10.05 9.53 561 5,20 3.99 .463 7.67 5.83 .389 10.42 7.30
(%)1.98(sat.) 450 7.77 5.85
2.0 854 .536 6.10 5.59 .416 10.42 9.92 .857 .552 5.39 4.13 385 10.57 7.37
2.1 525 6.40 5.90 .408 10.78 10.30 544 5.57 4.27 382 10.73 7.3%
(8)2.13(sat.) 407 10,91 10.40
2.2 .832  .515 6.72 6.20 838 .536 5.76 4.39 .378 10.86 7.31
(5)2.23(sat.) 377 10,91 7.30
2.3 506 7.05 6.48 528 5.97 4.50
2.4 811,497 7.38 6.79 818 .520 6.20 4.59
(8)2.49(sat.) 514 6.41 4.65
2.5 480 7.73 7.08
2.8 789 .479 8.08 7.38 799
2.7 471 8.43 7.69
2.8 768  .463 8.77 8.00 779
2.9 454 9,14 8.31
()3.0(sat.)  .746  .445 9.61 8.41 761
3.2 725 741
3.4 .703 .720
3.6 .682 .700
3.8 .661 .680
4.0 .639 .660
4.2 .618 642
4.4 .596 .624
()4 .56(sat.) .610
4.6 574
4.8 .559
5.0 .533
5.2 .516
(15.32(sat.)  .508

Activities of equilibrium solid phases: (1) NiCl;:6H.0, 1.039 X 105, (2) NiClz-4H:0, 8.14 X 103, (3) CoCl.-6H:0, 4.43 X 102

TaBLE III
HYDRATION PARAMETERS

System ha h
4.69 m HCl + NiCl, 4.2 6.8
6.86 m HCl + NiCl, 3.6 6.1
4.84 m HCl + CoCl, 5.6 0°
6.97 m HCl + CoCl, 4.4 0*
8.86 m HCl + CoCl; 3.0 0*

@ Ji; arbitrarily set equal to O.

electrolyte mixtures at rather high total ionic
strengths (9 to 13). A part of the disagreement in
the 4.69m values may well be attributed to experi-
mental inaccuracies, particularly at the low salt
concentrations.

The magnitudes of the hydration parameters also
seem reasonable if interpreted as effective hydra-
tion numbers; they decrease with increasing acid
concentration and are much smaller than those
found by Stokes and Robinson for the same solutes
in binary solutions at lower concentrations. Fur-
thermore, it seems significant that if one considers
the water activity to be proportional to the number
of moles of “free”” water per 55.51 moles of total wa-
ter, the corresponding “bound’” water varies almost

linearly above 0.5 m NiCl, with salt concentration at
constant acid molality. From this, one calculates
the following values of the hydration parameters

by =3 hy = 5.5

These values are seen to be not greatly different
from those obtained by the other method and tend
to support the interpretation of the former as rep-
resenting the degrees of hydration of the solutes.

It has been frequently found?® that in solutions
of HCI containing the chlorides of the higher-val-
ence metals there is a linear variation in the values
of log y=+ (HCI) with acid or salt molality at con-
stant ionic strength. The data obtained for NiCl,-
HC1 mixtures in this investigation also appear to
follow this type of variation as a first approxima-
tion over the range of ionic strengths from 6.86 to
13.26. The following empirical equations express
the observed relations at constant ionic strength,
from 6.86 to 13.26

log L
log ¥

= A + am; (13)
= B + Bms (16}

where « and 8 are independent of the ionic strength
(23) H, S. Harned and B. B. Owen, ref. 13, chapter 14.
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Fig. 4—Comparison of theoretical (lines) and experi-
mental (circles) activity coefficients of HCI and NiCl, in
their mixtures: A, HCl in 6.86 » HCl + NiCl,;: B, NiCl,
in 6.86 m HCl + NiCl,; C, HCl in 4.69 m HCl + NiCly;
D, NiCl; in 4.69 » HCI 4 NiCl,.

and have the value —0.13 and 0.45, respectively.
The constant A equals log ¥+ for pure HCI at the
same ionic strength as in the mixture while B theo-
retically represents the value of log Y+. for HCl
at zero concentration in the presence of NiCl; at the
same jonic strength as the mixture. The significance
of B is obscure since pure NiCl; solutions do not ex-
ist at the high ionic strengths corresponding to the
mixtures studied. Unfortunately each of the three
HCI-NiCl, mixtures studied provided only a single
point on each of the constant ionic strength curves,
and the applicability of equation 16 could not be
tested at the lowest salt concentrations.

II. CoCl-HCl Mixtures.—There is a large
amount of experimental evidence in favor of the
association of cobalt and chloride ions in mixtures
with other chlorides such as HCl. Consequently,
sets of relations such as equations 13 and 14 or 15
and 16 which were found descriptive of NiCl,-HCl
mixtures would not be expected to be entirely ap-
plicable to CoCl,-HCI mixtures. For example the
variation of log 7=+ (HCl) with HCI or CoCl, mo-
lality at constant ionic strength (equations 15 and
16) was found to be non-linear, and the variation of
log v=(CoCly) with CoCl; molality cannot be rep-
resented accurately by (14). Consideration of
equations 11 and 12, from which 13 and 14 were de-
rived shows, however, that it would be still possible
for the activity coefficients of HCl in mixtures with
CoCl, to satisfy (13) without those of CoCl, satis-
fying the corresponding equation 14 if 12 is satis-
fied. This is because (12) contains no explicit
expression for the activity coefficient of the hy-
drated solute. If CoCl; is incompletely dissoci-
ated in HCI solutions, the Debye—Hiickel term in
(14) will not accurately predict the activity coef-
ficients of the hydrated form. The agreement be-
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tween experimental and calculated values of ¥4 is
shown in Fig. 5. Since there was no way of deter-
mining what values of the hydration parameters
(Table III) would simultaneously satisfy (11) and
(12) because of a lack of knowledge of the explicit
form for In Y.; in (12), a degree of arbitrariness
was unavoidably introduced in the choice of the
parameters employed in the calculation of the HC1
activity coefficients. Thus s; = 0 does not neces-
sarily mean zero hydration of CoCl; in mixtures
with HCL.

[ A

Tt

Salt, m.

Fig. 5.—Comparison of theoretical (lines) and experi-
mental (circles) activity coefficients in mixtures of HCI and
CoCl,: A, HCl in 8.86 m HCI + CoCl;; B. HClin 6.97 m
HCl + CoCly; C, HClin 4.84 # HCl + CoCl,.

The changes in color from rose to blue observed in
CoCl, solutions upon the addition of HCI or other
chlorides have been variously ascribed to the de-
hydration of cobalt ions, to the formation of neu-
tral molecules, and to the formation of chloro com-
plex ions of cobalt. Recently Robinson and
Brown!® on the basis of their spectrophotometric
and vapor pressure measurements concluded that
the reaction causing the change in color was

Co(H.0)s*++(rose) + 2C1- = Co(H,0)Cly(blue) + 2H.0

By assuming that the activity coefficients of CoCl,
at low concentrations in solutions of CaCl, at high
concentrations were equal to those of the latter and
that the activity coefficients of the undissociated
blue complex were constant over the range of their
experimental measurements, they were able to cal-
culate values of the equilibrium constant which
were reasonably constant. In the present investi-
gation the series of solutions having the lowest HCI
concentration (4.84 m) similarly showed the transi-
tion from rose color to blue as the CoCl, concen-
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tration increased. It was decided, therefore, to
test Robinson and Brown’s conclusions in relatively
concentrated mixtures of HCl and CoCl,.

The optical densities were measured by means of
a Beckman DU spectrophotometer at 30° employ-
ing 1-cm. corex cells whose optical thickness had been
decreased to 0.1 cm. by silica spacers. Because of
the high optical densities involved, only a portion
of the 4.84 m series of solutions could be studied.
Following Robinson and Brown, the optical densi-
ties at wave lengths characteristic of the blue com-
plex (A 630, 660, 690 my) were assumed to be pro-
portional to the activity of the complex. It was
also assumed that the quantity of the complex
corresponded to but a small fraction of the total
CoCl; in solution. The latter assumption was
supported by the constancy of the apparent ex-
tinction coefficients at wave lengths characteristic
of the rose species (A 480 my).

The results showed that the optical densities
(0.D.), of the blue colored solutions were propor-
tional to the activities of CoCl; except at the higher
Cl/Co ratios where appreciable deviations of the
apparent extinction coefficients from constancy at
480 mu were observed. These results, therefore,
provide evidence for the association reaction

Co**aq.) + 2Cl~(aq) === CoCl(aq.)
rather than for the formation of higher chloro-
complexes. Table IV presents the values of the
constant % defined by
k = a(CoCly) /(0.D)a
Although both investigations indicate the pres-
ence of an undissociated complex, the results ob-
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TaBLE IV
CONSTANTS FOR THE ASSOCIATION OF Co**+ anp Cl™ 1y
4.84 m HC1
0.D.

CoCly, m (A = 630 my) kX191
0.5 1.95 1.38
0.6 2.82 1.49
0.7 4.03 1.66
0.8 5.37 1.63
0.9 7.08 1.86
1.0 9.33 1.68
1.1 12.3 1.66
1.2 15.1 1.54
1.3 19.1 1.51
1.4 21.9 1.536
1.5 247 1.66
1.6 28.5 1.75

tained here differ from those of Robinson and
Brown, who found that the optical densities of the
blue solutions were proportional not only to the
assumed activities of CoCl, but also to the 4th
power of the water activities. Although the experi-
mental data of these authors do not support the
mechanisms given by the equations on page 8 of
their paper, their results can be accounted for on the
basis of the reaction

Co**(aq.) + 4H,O + 2Cl—(aq.) —> Co(H,;0).Cl,

It is possible that the cause for the differences in
these two studies may arise from the differences in
the systems under investigation or from the assump-
tions underlying the approximation to the CoCl,
activities made by Robinson and Brown.
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The Vaporization of TiN and ZrN:

By MicHAEL HocH, Davip P. DINGLEDY AND HERRICK L. JOHNSTON
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The vaporization of TiN and ZrN has been studied by the Knudsen effusion inethod between 1987-2241 and 2236-2466°

K., respectively.
composes to solid Zr and N; with AHY = 79.53 kcal./mole.

Whereas TilN vaporizes to gaseous Ti and Nj, the heat of reaction being AH} = 191.20 kcal., ZrN de-
From these data, the standard heat of formation for TiN is

AH%s = 79.4 kcal./mole; and for ZrtN, AHzs = 80.43 kcal./mole.

Introduction

No experimental data are available on the vapori-
zation of TiN and ZrN. Kelley? calculated an
equation for the free energy of formation of these
two compounds by using the heats of formation
obtained by Neumann, Kréger and Kunz?® and esti-
mated entropies.

In the present investigation the Knudsen effusion
method was used to determine the vapor pressure
above TiN and ZrN.

Materials.—The TiN was obtained from Metal Hydrides,
Inc., Beverly, Mass. The composition, as given by the

(1) This work was supported in part by the Office of Naval Re-
search under contract with The QOhio State Univerity Research Founda-
tion.

(2) K. K. Kelley, "Contribution to the Data on Theoretical Metal-
lurgy, VIIL,” U. S. Bureau of Mines, Bull. No. 407 (1937).

(3) B. Neumann, C. Kréger and H. Kunz, Z. anorg. allgem. Chem.,

218, 379 (1934).

manufacturer, was Ti 77.59,, N 18.09%, corresponding to
a Ti:N ratio of 1:0.794, impurities being mostly Ca, Mg,
Si, 4.5%. During degassing, at 1750°, for 2.5 hr., a 500-
mg. sample lost 25 mg., which corresponds approximately
to the weight of the impurities present.

The ZrN was prepared by heating ZrH:, obtained from
Charles Hardy, Inc., N. Y., in a streamn of nitrogen for 21
hr. at 1050°. From the weight gain, the ratio Zr: N was
calculated to be 1:0.979. On degassing at 1500°, a 500-
mg. sample lost 6 mg. No other purification was carried
out on either material.

Apparatus and Experimental Procedure.—The same
vacuum apparatus and identical Knudsen effusion cells
made of tantalum were used as described previously .

Experimental Results

Both nitrides could vaporize according to the
following patterns: (1) undissociated, as TiN and
ZrN, (2) dissociated, into gaseous metal and nitro-
gen or (3) dissociated, into solid metal and nitrogen.

(4) M. Hoch and H. L. Johnston, Tuis JoUrNaL, 76, 4833 (1934).



