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The transference numbers are given by

teart = 0.370 4+ 4.08E above m(ref)
tegt+ = 0.384  below m(ref)

Values for the experimental concentrations are
given in Table II.

Discussion

Purser and Stokes?® point out that zinc amalgams
deteriorate unless protected from oxygen. Appar-
ently, the measurements of Wolten and King were
inaccurate because the solutions were not deaerated
and protected. Triplicate cells agreed well since
the amalgam was prepared in small lots and was
uniform for each set o/ cells.

Some of the transference numbers found for
cadmium ion are plotted vs. ~/m in Fig. 1, with
values found by the Hittorf method at 18°, as

T T 1 1

fca++.

A 1 ) 1 L
0.2 0.4 0.6 0.8
V'm.
Fig, 1.—Transference numbers in cadmium sulfate: O,
this work, 25°; @, values summarized by Jahn, 18°; slope
of straight line, —0.193.
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summarized by Jahn.'® The temperature differ-
ence would affect only the third decimal place.

No data have been found from which the limiting
conductance A° for cadmium sulfate at 25° may be
established. At 18° A’cagso. is about one unit
lower!! than A%,so., and if the temperature co-
efficients are the same, A’cqso, may be taken as
132. Since A'so,~ = 80, the limiting transference
number fcq++ should be 0.393 and the limiting
slope vs. v/m should be!? —0.193. These values
are indicated by the straight line of Fig. 1. Corre-
sponding values for zinc ion are® 0.398 and —0.184.

It is believed that values of E in the tables are
correct to better than 0.5 mv., with the possible
exception of one or two points nearest m(ref) in
each case. In obtaining the relation between E
and E, it may be better to use a graphical rather
than a least squares method, or in some way give
points near m(ref) least weight. The graphical
method was used in the case of cadmium sulfate,

Consistency of the data may be shown by plotting
E: vs. E below m(ref), Ei/E vs. E above m(ref).
If E contained irregular errors, the points would
not lie near a smooth line. If all errors in E were
in the least favorable direction, which is unlikely,
t+ could differ as much as 0.01 at m(ref) and 0.005
or less at other concentrations. It seems more prob-
able that no value of ¢+ is in error by more than
0.005. TItis, of course, quite certain that /4 doesnot
become negative at any concentration employed.

Errors of interpolation of the e.m.f. of cells with-
out transference, and use of activity coefficients,
could be avoided by including zinc and cadmium
electrodes in the cells to measure E directly at each
concentration.

(10) H. Jahn, Z. physik. Chem., B8, 641 (1907).

{11) “Landolt-Bérnstein Tabellen,” 5th Edition, Vol. II, p. 1080.

(12) H. S. Harned and B. B. Owen, ‘“The Physical Chemistry of

Electrolytic Solutions,” 1st Edition, Reinhold Publ, Corp., New York,
N. V., 1843, pp. 172, 537.
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Mechanism of the Tungstate Catalyzed Reduction of Perchlorate by Stannous Chloride

By G. P. HaicHr, Jr.!
RECEIVED APRIL 16, 1954

The reduction of perchlorate by stannous chloride is catalyzed by the presence of tungstate in concentrated hydrochloric

acid. The reaction is zero order with respect to stannous and first order with respect to perchlorate and tungstate.

Catal-

vsis is attributed to complex formation between tungstate and perchlorate. This reaction is discussed in terms of informa-
tion on the catalytic reduction of perchlorate by stannous tin using both tungstate and molybdate as catalyst.

Introduction

The catalytic effect of tungstate on the reduction
of perchlorate observed polarographically by Laiti-
nen and Ziegler? has been found to be maintained
when stannous chloride is substituted for the drop-
ping mercury electrode. This is especially inter-
esting in view of the previously observed catalytic

(1) Department of Chemistry, Swarthmore College, Swarthmore,
Penna. Paper presented at the 126th Meeting of the A.C.S., New
York, N. Y., September, 1954.

(2) H. A. Laitinen and W. A. Ziegler, THIS JoUuRrNAL, 76, 3045
(1953).

effect of molybdate on the reduction of perchlorate
polarographically,®* with stannous ion,* and with
metallic zinc.5%P  To study the tungstate catalysis
high concentrations of HCI must be used to prevent
precipitation of tungstic acid. Under these condi-
tions molybdate does not catalyze the reduction by
stannous chloride since molybdenum is reduced to
the trivalent form which is inert.* Laitinen and

(3) R. Holtje and R, Geyer, Z. anorg. Chem, 246, 265 (1941).

(4) G.P.Haight, Jr., Anal. Chem., 28, 1505 (1951).

(5) (a) G. P. Haight, Jr., and W. F, Sager, THIS JoURNAL, 74, 6056
(1952); (b) G. P, Haight, Jr., Anal. Chem., 25, 642 (1953).
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Ziegler? attributed the tungstate catalysis to the
reduction of tungsten to the pentavalent state
which is rapidly oxidized by perchlorate. The re-
duction takes place at potentials more positive
than that for the anodic dissolution of mercury so
that only the total current resulting from the proc-
ess is observed and not the actual polarographic
wave. The assumption, however, is not unreason-
able in view of the fact that tungsten is reduced to
the pentavalent state under such conditions and
that reduction to the trivalent form at more nega-
tive potentials appears to decrease the catalysis. A
study of the kinetics of reduction with stannous
chloride seems to rule out pentavalent tungsten as
an intermediate in that case. In 10 to 11 M hydro-
chloric acid, 0.01 to 0.25 M SnCl; and HCIO,, and
1073 to 10—% M tungstate, the kinetics follow a
scheme described by d(Snt+)/dt = K(WVI)
(Cl0,~) 4+ K’. Chloride in addition to preventing
polytungstate formation apparently hinders tung-
state-perchlorate interaction. Evidence is given
for not considering lower valences of tungsten as
participants in the reaction. The possibility of
complex formation between tungstate and per-
chlorate is considered and a comparison made
between mechanisms of molybdate and tungstate
catalyses.

Experimental

All reagents were of analytical grade and were used with-
out further purification. A stock solution of stannous chlo-
ride was prepared by dissolving 0.25 mole in 250 ml. of concd.
HCI in a narrow-neck glass-stoppered flask. Laitinen and
Ziegler reported that oxygen did not interfere with polaro-
grams in concentrated hydrochloric acid due to the high
vapor pressure of hydrogen chloride gas. However, the
stannous ion stock solution concentration decreased 209 in
three weeks and blank losses on runs were observed which
were nearly independent of perchlorate concentration.
This loss of reducing power is attributed to oxygen from the
air getting to solutions during removal of samples for titra-
tion. Perchloric acid which was standardized with sodium
carbonate was used as a source of perchlorate ion. 0.1 molar
sodium tungstate was dissolved in water after weighing the
dihydrate. No standardization was deemed necessary.
This solution was diluted to 0.033 and to 0.01 /. Runs
were made up by adding 40 ml. of concd. hydrochloric acid
to 5 ml. of a tungstate solution and about 1 ml. of perchloric
acid solution depending on the concentration of perchlorate
desired. The reaction was started by adding 5 ml. of stan-
nous chloride stock solution. Attempts to start the reac-
tion by adding aqueous tungstate last proved ineffectual
since great quantities of tungsten blue formed and an in-
duction period of several hours preceded reduction of per-
chlorate. With the tungsten already in the strong acid
solution addition of stannous chloride caused only a pale
blue color to appear and the reduction of perchlorate began
at once.

Five-ml. samples of the reaction mixture were quenched
in 100 ml. of water and titrated with 0.025 N potassium
permanganate. The chloride present caused slow fading
of the end-point but did not interfere with the titration of

_stannous ions. The reaction was thermostated at 35°
which enabled runs to be made over convenient periods
ranging from one hour to three days. Stannous chloride is
known to reduce perchloric acid in concentrated hydro-
chloric acid at temperatures upwards of 60°. Blank runs
with no tungstate were roughly 309, faster when perchloric
acid was present in 10-fold excess than when present in con-
centration equivalent to stannous present. Perhaps there
was g slight contribution to the blank by direct reduction
of perchlorate but this was not of particular significance ex-
cept to alter the blank correction slightly in runs of high per-
chlorate. The results of several runs are shown in Table I.
K’ values were evaluated from blank runs. X values were
calculated according to the equation

TuUNGSTATE CATALYZED REDUCTION OF PERCHLORATE
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—d(Sn++)
ds
This on integration yields
—(Sn**) = (K(WVICIOy) + K')t + C (2)

In the equivalent case where K’ can be ignored

= K(WV1)(C10,7) + K’ (1)

In(Sn*++) = I%ﬁ tc (3)
It
(Clos™) = w where A = 4(ClOs7)y — (Sn*+),
_d(§’?++) = K(‘ZVI) [4 + K't + (Sn*++)] + K/ (4)

An attemnpt was made to determiine the chloride depeud-
ence of the reaction by increasing perchloric acid concen-
tration from 10- to 50-fold at the expense of hydrochloric
acid maintaining what might be called ‘‘constant ion
strength” though this term has little significance in 10 M
acid. This necessitated cutting the tungstate concentra-
tion down to allow for increased rate of reaction. Appar-
ently the rate is inversely proportional to the square of the
chloride activity. Results are difficult to analyze for the
high HCIO, concentration increased the activity of HCl so
much that it boiled out vigorously with perceptible cooling
of the reaction flask. The results obtained are given in
Table II. This study was made at 25°. Activities were
estimated by extrapolating the data of Akerlof and Teare$
for hydrochloric acid and those of Rosenfeld? for perchloric
acid to the total molality (HC1 + HCIOy) of each solution
and then using Guggenheim's theory of interaction® to ob-
tain individual activity coefficients for HCl and HCIO; in
each mixture.

Since the estimated activities used are mean ionic activi-
ties, not those for chloride and perchlorate ions themselves,
and since the activity of tungstate is indeterminate, the X"
values can be regarded as only gross approximations, but
the agreement is notable and suggests that a complex of
two chloride ions with a tungstate ion inhibits the catalysis.
The higher values of the last four runs may be accounted
for by the fact that some hydrogen chloride boiled out of
each of these solutions, making their chloride concentra-
tions actually less than those used in the calculations. This
would lead to higher calculated X” values than true since
K" is proportional to the square of the activity of hydro-
chloric acid. The value of K” was calculated as well from
the polarographic data of Laitinen and Ziegler? and a value
of 25,000 mole/1./hr. was found for solutions 0.3 M in HCl
and 11.5 M in HCIOs. At lower HCI concentrations de-
viations to much higher values were noted indicating a break
down of chloride inhibition.

Discussion

In runs of high perchlorate concentration K was
evaluated from the slope of the straight line plot
for (Sn++) vs. £ as shown in Fig. 1. The slope was
corrected for K’ as determined from a blank run.
For two runs in which (Sn*+*) was equivalent to
(ClO47), K’ was not a large factor and by ignoring
it, K may be evaluated from the slope of —log
(Sn++) vs. t as shown also in Fig. 1. For one run the
deviation from a straight line for the log (Sn*+) vs.
t plot was very great since the catalyzed reaction
had approximately the same speed as the blank.
In this case K had to be evaluated from the initial
slope of (Sn++) vs. ¢ which is not too certain a quan-
tity for this system in view of the induction period
observed when tungsten blue is produced in large
quantities.

The fact that the reaction is first order in per-
chlorate and tungstate, respectively, and zero order

() G. Akerlof and J. W, Teare, THIS JOURNAL, 89, 1855 (1937).

(7) Landolt-Bornstein, “Physikalische-Chemische Tabellen,” Eng.

B. III, 2144 (1936).
(8) E.A. Guggenheim, Phil. Mag., [7] 19, 588 (1935).
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in stannous tin suggests a slow step involving inter-
action of tungstate with perchlorate and a fast step
involving stannous tin. A mechanism consistent
with that of Laitinen and Ziegler would involve
rapid reduction of tungstate by stannous followed
by slow reoxidation of reduced tungsten by per-
chlorate. In the concentration of hydrochloric
acid used, stannous ion reacts very slowly with
hexavalent tungsten giving a pale blue solution
with maximum color intensity appearing only after
several hours. An attempt to titrate hexavalent
tungstate in concd. hydrochloric acid with stannous
chloride potentiometrically indicated virtually no
reaction. A few drops of stannous chloride solution
gave the stannous potential despite the presence of
a large excess of tungstate. The possibility of inter-
action of perchloric and hydrochloric acids in the
presence of tungstate to give chlorine which would
rapidly oxidize stannous chloride was tested by al-
lowing a run to stand for several hours before add-
ing stannous chloride. No appreciable build up of
oxidizing power was observed. Substitution of fer-
rous for stannous indicated other reducing agents
may be used but different rates of reaction are ob-
tained. The oxidation of ferrous was very much
slower and appeared not to be catalyzed by tung-
state. It seems apparent that hexavalent tungsten
is the catalyst and it is proposed that it acts by
forming a complex which 1s rapidly reduced to give
hexavalent tungsten and chloride by the equations

WYI 4+ ClOy~ —> Complex slow (1)

Complex + 48Sn*+ —s Cl~ + 4Su™* + WY fast (2)
Reaction 2 must be fast enough to prevent the
establishment of equilibrium in reaction 1. This
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corresponds to an assumption made regarding the
catalysis by Mo'" of the reduction of lower oxida-
tion states of chlorine by stannous ion in a previous
study.® It was found necessary to propose com-
plex formation between perchlorate and both Mo"!
and Mo" in the previous study. Tungsten secems
both better able to form complexes and better able
to remain bound to oxygen than does molyhde-
num. Previously Haight and Sager® have sug-
ested that these reactions may proceed by trans-
fer of oxygen atoms. If this is the case stannous
tin apparently removes oxygen bound to imolybde-
num in the complex [MoVICIO;~] and from the
perchlorate in the complexes [WVICIO,~] and
[Mo™VCIO,~]. It is noted here that hexavalent
tungsten is more easily reduced (to tungsten bluc)
when it is comnplexed with itself, that is, reduction
by stannous ion is virtually eliminated in conceu-
trated hydrochloric acid apparently because this
acid prevents polytungstate formation.  Thus
hydrochloric acid aids the catalysis by hindering
tungstate polymerization and at the same time
hinders the catalysis by preventing complex forma-
tion between hexavalent tungsten and perchlorate.
Recently Duke and Quinney® have proposed that
titanous ion is effective in reducing perchlorate
because of complex formation. Apparently oxy-
philic transition metal ions may form very weak
complexes with perchlorate and render it suscept-
ible to attack by reducing agents. Laitinen and
Ziegler observed that hydrochloric acid suppressed
the catalytic reduction of perchlorate polarographic-
ally and that it also suppressed the direct interac-
tion of mercury with tungsten.

TaBLE I

RestLrts oF Runs N 10 Morar HCI
(Sn * Mo, (C104 7)o,

mole/;  mole/ (WVD), K/, K, T,
1. 1 moles/1. moles 1. /lir, 1./mole/lir. °C.
0.0933 0.0233 1072 6 X 1074 42.8% 10.0" 35.5
.0033 .0233 3.33 X 101 6 X 1073 39.4% 141.2" 385.5
.0933 .0233 10-@ 6 X 107 34.5% 35.5
. 0933 .227 10 7.9 X 107 39.5° 35.5
.0933 L2227 3.833 X 10+% 7.9 X 101 4hH.0° 35.5
.0913 L0518 102 6 X 1071 36,97 39,1 35.5
.073 L0451 3.33 X 10-8 6 X 1071 a3,0% 35.0" 35.5
L0735 L227 10 -3 7.9 X 107 350 35.5
.10 .227 i 20.00¢ 25.0
001 2271070 L 0.92¢ 0.0
.101 .27 102 1.01° 0.0

© Trom initial slope of (Su™7) ws. { aud cquation 4.
» From log (Sn~") ws. ¢ iguoring effect of K'. ¢ From
A(Sn=*)/dt= K(WYI)ClO4~) 4+ K’ taking average vilue of
[C10s] as constant during run. ¢ Solution very blie at
first. ¢ Solution only pale blue.

The data shown in Table I may be explained by
the formation of a complex of tungstate with two
chloride ions which, by competing with perchlorate

WY 4 2Cl~ —> WYICL

ions for sites on tungstate, inhibit the catalysis.
The analysis of the data in this case, however, in-
volves too much conjecture to say anything more
definite than that a complex is formed between
tungstate and chloride which inhibits complex
formation between tungstate and perchlorate.

(9) 1% 1, Dnke and Panl Qninney, Paper at 12510 Meeling of A.C.S.
Division of Analytical Cliemistry .
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TaABLE II
Errect OF VarRvING HCI

K’ ignored, T = 25°
Kb

(Sn*%)e, (Cl0s-)o, (WVD), (HCY), L/nlféle/ moles/1./
moles/l. moles/l. moles/!. moles/1. hr. sec.
0.1 0.227 10~? 10.00 20.0 36,000
.1 2.27 103 7.77 31.8 53,000
1 4.54 4 X 10" 5.5 51.4 65,300
.1 6.81 2% 10~ 3.33 110.0 59,300
.06 7.94 2 X 10-° 2.25 2357.0 65,000
“ As SnS0O,;. *K" calculated from —d(Su++)/dt =

K"(WVY)ancio,/a%ict.

There is indication that two chlorides are involved.
There is also a suggestion that the polarographic

SoLip-Li1guIp EQUILIBRIA OF THE SYSTEM NaCN-NaOH-H,0
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reduction and stannous chloride reduction proceed
by the same mechanism.

The variation of K with temperature does not
follow well the usual proportionality between log
K and reciprocal 7. However, the energy of ac-
tivation seems to lie between 12000 and 17000 cal.
comparing very well with the activation energy
found by Laitinen and Ziegler for the polaro-
graphic reduction.

The author wishes to express thanks for the in-
terest and helpful suggestions received from Pro-
fessors W. J. Argersinger and A. W. Davidson.
This work was sponsored by the Office of Ordnance
Research, U. S. Army.

LAWRENCE, KANSAS

[ConTRIBUTION FROM MonsaxTO CuEMIcAL COMPANY, PLASTICS DIvISION RESEARCH DEPARTMENT)
Solid-Liquid Equilibria of the System NaCN-NaOH-H.O'

By GEORGE D. OL1vER aND S. E. J. JOHNSEN
RECEIVED APRIL 26, 1954

Ternary phase diagrams, expressed in weight 95, were determined for three isotherms, 25, 35 and 55° on the system
NaCN-NaOH-H;0. There were two isothermally invariant points, hydrates and anhydrous salts found on each isotherm.

A new double compound, NaCN-NaOH, of equimolar composition found at 35 and 55°, did not exist at 25°.
concentration greater than 109} prevented the formation of NaCN-2H,0 at 25°.

samples at each temperature.

Introduction

In the course of fundamental research on cyanide
solutions, interest developed in the behavior of
NaCN and NaOH in a ternary system with water.
The small amount of data in the literature were not
sufficient to establish the desired phase relation-
ships; therefore, the ternary phase diagrams were

determined at 25, 35 and 55°. These isotherms

were chosen for the following reasons. At 25° both
solid components are precipitated as hydrates from
binary solutions. At 35° anhydrous NaCN is
precipitated, but at 34.7° the dihydrate is the sta-
ble form. The solubility of each salt in water is
approximately 50 weight 9, at 55°.

Experimental

Materials.—Both compounds were J. T. Baker reagent
grade material. Assays showed a purity of 97.29 for NaCN
and 97.79, for the NaOH. No attempt was made to purify
either compound; however the carbonate formed in the
strong NaOH solutions was removed by filtration.

Procedure.—A series of 100-g. samples were prepared by
weighing, to the nearest 0.1 g., the required amount of
NaCN, NaOH and H;O into a flask. After heating to pro-
mote solution, the samples were filtered to remove the car-
bonate and transferred to 200-ml. glass tubes.

Equilibrium was attained in the samples by agitating for
4 to 5 hours in a thermostated bath (£0.05°) by means of a
rocking mechanism. An analysis of duplicate samples that
had been agitated for 2 and 24 hr. proved that a short agita-
tion time was sufficient for equilibrium. Usually, the
samples were allowed to stand in the bath overnight so that
the solid phase could settle out. After sampling the liquid
with a pipet, it was either decanted from the tube or re-
meved by suction through a glass filter stick so that the
solid phase could be sampled. The filter stick was neces-
sary in most cases ou the samples of high NaOH content
sitice the solid phase did not settle compactly.

(1) Presented at the American Chemical Society Meeting, Chicago,
1llinois, September, 1953,

A NaOH
Density values were determined on some

A satisfactory method of analyzing a solution for both
cyanide and base was not found in the literature. There-
fore, the analytical procedure for determining the composi-
tion of the solubility samples was established by carefully
preparing four samples that varied from 5 to 459 of each
compound. These samples were titrated first with 0.1 N
AgNO; (Liebig’s method) to determine the cyanide content;
then the same aliquot was titrated with 0.1 N H,ySO,, to de-
termine the NaOH content. Phenol red was the indicator
employed. It wasfound necessary toremove the cyanide ion
from solution before analyzing for the base since HCX is
formed and liberated in acid solution. The accuracy of the
analytical procedure was very satisfactory, although in
highly concentrated NaOH samples more dilution was re-
quired to give a satisfactory end-point for the cyanide
analysis.

In the analysis of the solubility samples two to three-
gram aliquots were taken from the liquid and from the wet
solid. After diluting to 250-ml. volume, an aliquot of 25 or
50 ml., depending on the basicity, was used for the titration.
Accordingly, the results were expressed in weight percent-
age. Schreinemaker’s “Method of Wet Residues’’? was
used to determine the composition of the ‘‘dry salt.”’ This
method enables one to analvze the solid phase wet with the
mother liquor.

Density values were determined on the mother liquor of
several samples at each temperature. At 25 and 35°, they
were determined with a simple Westphal balance to four
significant figures. At 55°, a 10-ml. pipet was heated to
55° and filled with the supernatant liquid; then the tube
was cooled to room temperature where the sample either
solidified or became too viscous to flow from the pipet. The
difference in the weights of the full and empty pipet, di-
vided by ten, was the density in g./ml. Density values
were not determined on samples of high NaOH content be-
cause of their viscosity.

Results and Discussion

A summary of the solubility data and density
values are given for 23, 35 and 55° in Table I.
These isotherms are plotted on trilinear diagrams,

(2) J. E. Ricei, *The Phase Rule and Heterogeneous Equilibrium,”’
D. Van Nostrand Co., Inc.,, New York, N. Y., 1951, p. 323.



