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Abstract

The standard potential of the half cell I2(s) + HCN =
2 ICN + 2H+ + 2e  has been measured in cells with negligible
ligquid Jjunction potentials. The value calculated at 2500. in
solutions 0.2 to 4.0 volume formal in perchloric acid is
~-0.711 volt; the value for a hypothetical half cell 1 molal
in iodine is -0.625 volt. The constant for the reaction

I, + HCN = ICN + I~ + H' was calculated from solubility

2
measurements to be 0.87.

Conditions under which electrolytically generated chlor-
ine can be employed for the coulometric titration of iodide
to iodine monocyanide have been determined. Titfations in
the preéence of bromlide were made. One to three mg. of
iodide were determined with an accuracy of 0.1%.

The conditions were determined under which tetrapositive
lead can be generated quantitatively. The determination of
lead(IV) with electrolytically generated iron(II) was proved
feasible., In confirmatory titrations with ferrous ion an
accuracy of 0.1% was attained in the determination of guan-
tities of lead(IV) in the range from 0.25 to 1.50 microgram.
This showed the feasiblility of alternately generating
lead(IV) and iron(II) in a coulometric cell, that is, the
ﬁse of the lead-iron system as dual Iintermediates.

Attempts to titrate glycols with excess lead(IV) were
not successful because the reaction of glycols with lead(IV)

was slow and incomplete when the reactants were present in



low concentrations,

The precipitation of cadmium as sulfide from acid solu-
tions by thioacetamide has been studied. In solutions having
pH values of 2 or less the rate of precipitation is con-
trolled by the rate of hydrolysis of the thicacetamide to
give hydrogen sulfide, ahd is first order with respect TO
the hydrogeh ion and to the thiocacetamide concentrations.

Tn solutions having pH values from 6.3 to 3.3 a direct
reaction occurs in which the rate of cadmium sulfide precipi-
tation is first order with respect to the hydrogen ion con-

centration. The velocity constant for the expression

~afcd(II)1/d t = k[ca(r1)] [cH CSNHQ]/[H+}%

I

3

it

1 i
is 8.1 x 1O_LL liter®mole “min 1 at 00°C. in 0.15 M sodium

Y

formate solution. The energy of activation for this reac-
tion was calculated to be 20.8 kecal. per mole,.

The rate of precipitation of cadmium as sulfide from
acid solutions by thicacetamide in this pH range 1s slower 1n
the @resence of chloride. At a pH of 4.0 this effect has
been guantitatively studied at 250 and QOOC. with chloride

2

concentrations from 5 x 10_5 to 5 x 10°° VF. The data ob-

talned conforms to the rate expression

_d[Cd(II)}/dlt = [ 1ea™7 + wylcaca™]] [CH,OSNH, 1/

(a2,

1
where k, and k, are 8.1 x 10—1‘L and 4.6 x lo-LL liter?

1
mole 2min l, respectively, at 90°C. The validity of these



proposed constants was checked by the calculation of an equi-
librium constant for the reaction

++

cacit = ca™t + c1”

at each chloride concentration by the use of these constants.
The value of this constant is 2.0 x 10_3 mole per liter at
90°¢.

The precipitation of nickel sulfide by thicacetamide has
been studied in sgolutions in which the hydrogen ion concen-
tration was maintained at values from 0.3 to 1 x 10'7 VM.

Rate measurements have shown that the precipitation reaction

conforms to the expression for the direct reaction

-d[Ni(II)]/a t = k[Ni(II)][CHBCSNHg]/[H+]%,
where the velocity constant is 2.2 x 10")-L 1iter%mole—%min_l
at 90°C. Nickel sulfide was precipitated by the direct reac-
tion with thiocacetamide at hydrogen ion concentrations at
which precilpitation by hydrogen sulfide is not possible.
The energy of activation for the reaction was calculated to
be 20.8 keal. per mole. Precipitation by the hydrolysis of
thiocacetamide was not observed.

The effectiveness of the separation of lead(II) and
cadmium(II) from nickel(II) by the use of thioacetamide in
solutions at 9OOC. has also been studied. It was found
that nickel sulfide was formed only by the direct reaction
shown above. The precipltation of nickel sulfide was inde-

pendent of the concentration of lead(II) or of cadmium(II),

cr of the amount of hydrogen sulfide in the reaction solu-



tion. It was found that the quantity of nickel sulfide
which preéipitated with the lead or cadmium sulfide was in-
signifioant under certain conditions, and that an effective
separation can be made.

Rate measurements were made to determine the mechanisms
of the precipitation of zinc sulfide from acid solutions by
thioacetamide. Two mechanisms, similar to those found for
lead and cadmium, were observed.

In solutions having pH values of 1 or 2, the rate of
precipitation of zinc sulfide is first order with respect
to both the thioacetamlde and hydrogen lon concenftrations.
The second order velocity constant for this reaction was

1 at 9OOC., the same value

found to be 0.21 liter mole ‘min”
as that reported for cadmium and lead.

In solutions having pH values from 6.3 to 2.5 the pre-
cipitation is first order with respect to both the thio-
acetamide and the zinc(II) concentrations and inversely half

order with respect to the hydrogen ilon concentration. The

veloclty constant for the expression

-dlzn(II)]/d ©t = k[Zn(II)][CHBCSNHQ]/[H_F}%

4 1

was found to be 4.2 x 10~ 1iter%mole~%min" at 90°C. in
solutions 0.30 M in sodium formate, and the energy of-
activation for the reaction was calculated fo be 20.1 kecal.
per mole. This type of precipiltation is similar to that ob-
served for lead, cadmium, and nickel in the same pH range.

The value of the energy of actlvation is almost equal to



those calculated for the precipitation of cadmium and nickel.
Separations of lead(II) from zinc(II) by the precipi-

tation of lead sulfide from solutions 0.3 M in hydrogen ion

and 0.6 M in chloride were made with thioacetamide or hydro-

gen sulfide at 9OOC. The two methods were comparable in

effectiveness.
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Part I

The Standard Potential of the ITodine-Iodine Monocyanide

Half Cell



‘Standard Potential of Iodine-Iodine Monocyanide

#*
Half Cell

Titrations are in use which involve the oxidation of
ilodine to iodine monocyanide in acid cyanide solutions (1).
These titrations do not require such high acid concentrations
as do the corresponding iodine monochloride titrations (2).
The study of the iodine-iodineé monocyanlide half-cell poten-
tial was made because of the use that this potential would
have in the calculation of equilibria and end point condi-
tions during iodine monocyanide titrations.

Earlier measurements have been made of the lodine-iodine
monocyanide half-cell potential, but the lack of consistency
of the results leaves the data in guestion. In 1912 Kovach (3)
studied the iodine-iodine monocyanide system and from her data

the value -0.60 volt is calculated for the half-cell reaction
I,(1M) + 2HCN = 2ICN + o + 2e” (1)

However, from Kovach's data the lodine-iodide half-cell poten-
tial 1s calculated, with corrections for complex ion forma-

tion (4) to be -0.520 volt, 0.016 volt different from the

*
The material of this section was published by Bowersox,

D Butler, E. A., and Swift, E. H., Anal. Chem. 28, 221

. B,
(1956).



value given by Latimer (5). More recently Gaugin (6) re-
ported an average value of -0.640 volt for the half cell

of Equation 1. In his study, deviations from the mean were
large, becoming 0.180 veolt at pH 6.

In the present investigation potential measurements were
made in solutions which ranged from 0.2 to 4 VF in perchloric
acid and from 0.06 to 0.3 VF in total cyanide, and the value
-0.625 + 0.003 volt was obtained for this half cell. In the
course of the potential measurements a re-evaluation of the

equilibrium constant for the disproportionation reaction
I, + HON = ICN + I™ + H' (2)

was made by a study of the solubility of iodine in hydro-
cyanic acld solutions, and the value 0.870 + 0.009 mole per

liter was obtained.
Experimental

Reagents. Reagent grade chemilcals were used in all
preparations. Volumetric apparatus was calibrated prior to
1ts use.

A 6 VF perchloric acid solution was prepared from the
60% acid and was standardized against sodlum hydroxide solu-
tion which nad been standardized against potassium hydrogen
phthalate.

Standard solutions of potassium iodate, approximately
0.1 and 0.002 VF, and of silver nitrate, 0.1 VF, were pre-

rared by weight from the salts.
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Sodium cyanide solutions, 0.6 VF, were standardized by
a modified Liebig titration just before each experiment.
A 10.00 ml., portion of the cyanide solution was mixed with
2 ml, of 6 VF sodium hydroxide solution, 2 ml. of 6 VF
ammonium hydroxide, and 1 ml. of 1.0 VF potassium iodide
solution. This solution was diluted to 50 ml. and titrated
with silver nitrate solution to the appearance of the silver
iodlde precipitate.

The required quantity of resublimed iodine was ground
in an agate mortar immediately before each experiment.

Commercial tank hydrogen was passed through a washing
chain similar to that described by Kolthoff and Laitinen (7).
In early experiments the potassium permanganate solution
gspecified by these workers was troublesome because of the
formation of large quantities of manganese dioxide, and was
replaced by a solution 0.5 VF in chromic trioxide, 4 VF in

phosphoric acid, and ¢ VF in sulfuric acid.

Apparatus. The cell assembly, shown in Figure 1, con-
sisted of three 200-ml. lipless beakers connected by glass
tubing bridges to a single intermediate vessel. The bridges
were prepared from 6-mm. outside diameter glass tubing and
were fitted with ground-glass stopcocks. One of the 200-ml.
beakers contalined the iodine-iodine monocyanide half-cell
solution, and the other two contained hydrogen electrode
assemblies. The temperature of the half-cell solutions was

maintained at 25.0° + 0.5°C. by means of water baths.
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The beaker which contained the iodine-iodine monocyanide
half-cell solution had a tightly fitting stopper through
which passed the bridge, a bright platinum wire electrode,
mounted in 6-mm. glass tubing, and an inlet tube which was
flared and ground to fit the tip of the pipets used for add-
ing the half—cell solution components, thus permitting their
addition without loss of hydrocyanic acid. A magnetic stirrer
provided constant stirring throughout the measurements.

Two different types of hydrogen electrodes were used (8,9);
these are shown in Figure 1. No significant advantage was
found in one type over the other for the purposes of this
study. The electrodes were platinized by the procedure of
Lorch (10).

The potential measurements were made with a Gray Instru-
ment Co., Model E. potentiometer with a Leeds & Northrup en-

closed lamp and scale galvanometer.

Procedure. In experiments made to determine the equi-
librium constant for the disproportionation of iodine in the
presence of hydrocyanic acid, two sets of solutions were pre-
pared in glass-stoppered flasks. One set was prepared by
the addition of weighed portions of sodium perchlorate to
standard perchloric acid; the other was prepared by mixing
standard solutions of sodium cyanide and perchloric acid.

The final perchloric acid concentration, sodium perchlorate
concentration, and ionic strength were the same in both sets

of solutions. Finely ground iodine was added in excess to
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all solutiqns and the mixtures were maintained at 250 + O.EOC.
for periods of time up to 7 days. Samples were transferred
by a 2.0-ml. pipet, using rubber bulbs for drawing the
gsolution into the pipet, to 300-ml., iodine flasks which con-
tained 5 ml. of carbon tetrachloride and sufficient hydro-
chloric acid to make its final concentration 4 VF., The par-
tial pressure of the hydrogen cyanide above the pipetted
solutions was less than that of water, therefore such solu-
tions could be pipetted without significant change in con-
centration. The solutions were then titrated with 0.002 VF
potassium iodate by the procedure described by Swift (2).
Titrations were repeated on successive days until the re-~
producibillity of the results indicated that equilibrium had
been achieved.

In making the potential measurements, calculated vol-
umes of water, potassium iodate solution, and perchloric
acld were added to an excess of freshly ground iodine in the
ijodine-iodine monocyanide half-cell beazker. The beaker was
stoppered and standard sodium cyanide solution was added
from a pipet through the inlet tube. The bridges, inter-
medlate vessel, and hydrogen electrode chambers were filled
with perchloric aclid of the same concentration as therfinal
molal concentration of perchloric acid in the icdine-iodine
monocyanide half cell. Potentlial measurements were made at
5-.to 10-minute intervals until the readings remained con-

stant within 0.1 mv. for at least 30 minutes. In preliminary
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experiments 1t was found that the cell potential remained con-

stant to 0.1 mv., for 24 hours.

Discussion

Disproportionation of Iodine in Hydrocyanic Acld Solutions.

The equilibrium constant for the disproportionation reaction
(Equation 2) must be known if the concentrations of the species
present in the 1lodine monocyanide half cell are to be calcu-~
lated. Earlier caléulations of the equilibrium constant for
this equation by Kovach (3) and by Lewis and Keyes (11) de-
vended upon conductivity and vapor pressure measurements,
respectively. In each case the acid concentrations at which
the measurements were made were appreciably lower than those
which were used 1n the present potential measurements. There-
fore, 1t was concluded that a determlnation of the equili-
brium constant should be made by an independent method under
conditions comparable to those used in the potential measure-
ments,

The solubility of iodine at 250 C. in solutions 1.00 VI
in perchloric acid and 0.089 VF in sodium perchlorate was
found from a series of eight experiments to be 11.95 + 0.12
X 1O—LL VF. The sodium perchlorate was added in order to
keep the lonic strengths in these and subsequent experiments
constant.

In Table I are data and calculations from experiments
made to determine the value of the disproportionation con-

atant. The concentrations of iodine and triiodide ions were
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Table 1

Determination of Disproportionation Constant

- (Iem) (17) (H")
(T,) (HCN)

at 25°C.

Solutions were»l.OO VF in perchloric acid, 0.089 VF in hydrocyanic acid,

and 0.089 VF in sodium perchlorate.

KIO3 I I 3 ICN, HCN,
Reguired
Expt. Mmole M VM VM VM K

1 0.02105 0.00700 0.00643 0.0134 0.0756 0.854
2 0.02100 0.00698 0.00641 0.013% 0;0756 0.853
3 0.02136  0.00711  0.00653  0.0136 0.075k4 0.88k
4 o.0212 0.00703  0.00645  0.0135 0.0755 0.866

0.021k41 0.00713 0.00654 0.0137 0.0753 0.894

N

Av. 0.870 + 0.009
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calculated from the solubility of iodine determined above,
the volume of potassium iodide required for the titration

of the sample, and the dissociation constant for the trl-
iodide ion, K = 1.3 x 10_3 at 25°C. (12). The iodine mono-
cyanide concentration 1s equal to the sum of the iodide ion
and triiodide ion concentrations, while the hydrocyanic acid
concentration is the difference between the initial formal
sodium cyanilde concentration and the iodine monocyanide con-
centration. The value obtained for the disproportionation
constant is 0.870 + 0.009.

The values obtained for the constant by other methods
are near this value. Calculations from the data of Lewis
and Keyes (7) give values ranging from 0.91 to 1.67, with
a "weighted mean" of 1.4. Kovach's values for the con-
stant range from 1.17 to 1.50, with 1.38 as the average.
"Yost and Stone (4) have applied their formation constants
for the ilodine dicyanide and diiodocyanide complexes to
Kovach's data and obtalned a corrected average value of 1.50,

In the present calculations of the standard lodine-
iodine monocyanlde half-cell potential the value 0.87 was
used for the disproportionation constant. It was found that
the use of 1.50 for the constant would change the calculated

standard potential by only approximately 1 mv.

Complexes of Iodine Monocyanide. Yost and Stone (4)

obtained the values 1.17 and 2.50 for the association con-

stants of the iodine dicyanide and diiodocyanide complexes,
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Ky = [I(cN), ]/(ICN)(CN") and Ky = (ILCN )/(ICN)(I7), respec-
tively. Hénée, as the solutions used in the present inves-
tigation were acld and the iodide concentrations were low,
these complexes were present only in small concentration.

For example, in a solution approximately 0.5 VF in perchloric
acid, 0.05 VF in hydrocyanic acid, 0.05 VF in iodine mono-
cyanide, and which is saturated with iodine, the calculated
molal concentrations of diicdocyanide and iodine dicyanide

4 11

are 2 x 107 and 1 x 10" " 7,respectively. Less than 0.5% of

the iodine monocyanide ig complexed even to diiodocyanide.

Reference Electrodes. Hydrogen electrodes had the

major advantage over other common reference electrodes of
permitting virtual elimination of liquid Jjunctions from
the cell. The electrodes were found to cause no difficulty
either in their construction or operation. The special
precaution was made of providing an intermediate vessel be-
tween halfl cells and ungreased stopcocks in the bridges,.
These stopcocks were opened briefly at the time of poten-
tial measurements. These steps were taken to minimize dif-
fusion of components of the iodine-iodine monocyanide half
cell into the hydrogen electrodes.

In general, about 20 potential measurements could be
made with the two hydrogen electrodes before the potential
readings obtained began to differ by more than 0.1 mv. When

this occurred, the electrodes were replatinized.
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Perchloric acid was chosen for use in this study be-
cause data for 1ts activity are available (13) and it evi-
dently has only very slight tendency to form complexes

with the half-cell constituents,

Iodine-Iodine Monocyanide Half Cell, Analyses made over

a 24-hour period of solutions at 25°C. and at the acid con-
centrations used showed no significant change in cyanide
concentration., Therefore the half-cell reaction shown in
Equation 1 was assumed %o be the potentlal controlling reac-
tion.

In preliminary experiments attempts were made to deter~
mine analytically the concentrations of iodide ion, iodine,
and iodine monocyanide present in the cell solutions at
the time of the potential measurements. However, the sampling
technique did not entirely eliminate all the small particles
of ibdine that were present in the system; consequently this
method did not yleld satisfactory results., Therefore, the
concentrations of species present at equilibrium were cal-
culated in the following manner,

The concentration of iodine was determined from the
solubility measurements discussed abeve. The concentration
of lodine monocyanide was calculated from the volume of
standard sodium iodate solution added, with the assumption
that the reduction of ilodate by iodine was quantitative. The
difference between the total cyanide added and that present

as iodine monocyanide gave the concentration of hydrocyanic
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acid. The hydrogen ion concentration was calculated from

the quantifies of perchloric acid and sodium lodate added,
with éorrection for the hydrocyanic acid formed., Further re-
finement of the calculated concentration values was made by

application of the disproportionation constant.
Calculations and Resultse

In Table IT are shown the cell concentrations, measured

cell potentials (E 1), and calculated standard half-cell

cel
potentials (E°) for Equation 1. The calculations of the
standard half-cell potential were made with the assumption
that the volume molal concentrations of iodine monocyanide
and hydrocyanic acld are equal to their activities at the
concentrations involved. The reference state for ilodine is
taken as 1.0 molal in these calculations of the E® value

in order to simplify calculations involving unsaturated

solutions., The standard potential was calculated from the

expression
EO = Eref + Ecell %; in (i )QICN) (3)
(I)7(HCN)
or, since
ref = B (H+j
E° Ecell + %;-1n iICN) (4)
(T,)% (HON)



Standard Potential, E°, of Half Cell
1,(1M) + 2HCN = 2ICK + oH' 4+ 2e”

HCIO), , ICN,
VF VM
L 0.050

2 0.053
0.0515
0.050

0.0501

1 0.0539
0.0540
0.0513

0.0481
0.049k

0.5 0.062
0.062
0.061
0.058
0.0526
0.0506
0.2 0.0725

0.065

0.0558

0.0513

& Not included in calculation of average.
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Table II

HCN,
VM

0.
0.
o.
0.

O.

0.
0.

0487

150
27
148
050

0099

252

156

.0L88
L0126

254
.259
.239
L1652
LObL 7l
.0094
L2275

.135

ol ltite)

.0087

"Ecell’

Volt

0.6871
0.6840
0.6695
0.6707
0.6838
0.6838
0.7114
0.7126
0.7609
0.7565
0.7567
0.7651
0.6730
0.6710
0.6820
0.68k2
0.7119
0.7111
0.7103
0.7411
0.7502
0.6625
0.67h40
0.6769
0.6762
0.6895
0.6870
0.7125
0.7124
0.7h75
0.7556
0.6840
0.6833
0.6945
0.6925
0.6950
0.7000
0.7195
0.7167
0.761k
0.7610
0.7627
0.7600

-E°,
Volt

0.6288
0.6257
0.6225
0.6237
0.6223
0.6223
0.6249
0.6261
0.63272
0.6293%
0.62952
0.63682
0.6263
0.6243
0.6227
0.6249
0.6240
0.6232
0.6232
0.61962
0.6287%
0.6124%
0.6247
0.6255
0.6248
0.6278
0.6253
0.6235
0.6234
0.61782
0.6259%
0.6269
0.6262
0.6268
0.62h48
0.6273
0.6323
0.6271
0.6243
0.6293%
0.62892
0.63068
0.6279%

Av. 0.6248 + 0.0026 volt
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hviied

The addition of % 1n (81,)Z, where sy, is the molal solu-
bility of lodine, to the value of EO gives the half-cell

potential for Equation 5

I (s) + 2HCN = 2ICN + opt 4+ 2e” (

U1
S

in which solid iodine 1is taken as the reference state.

The calculated values of E° are reproducible with a
standard deviation of + 0.0026 volt through.the range of
concentrations studied, except at approximately 0.01 VM
hydrocyanic acid, the lowest concentration of this species
considered. A probable cause for the relatively large ran-

o .
is de-

dom errors at 0.01 VM hydrocyanic acid is that E
pendent upon the ratio (ICN)/(HCN). The iodine monocya-
nide concentration is fixed by the quantity of lodate added,
is approximately constant, and is subject to errors of the
same relative magnitude in every experiment. The concen-
tration of hydrocyanic acid, however, depends upon the
difference between the sodium cyanide added and the lodine
monocyanide produced. Therefore, the absolute errors in

the concentration of hydrocyanic acid remain about constant,
but become much larger relatively as the concentration of
hydrocyanic acid decreases. The effect of this 1s seen by

the consideration of two cages:

(A) HCN
(B) HCN

0.15 VM; ICN
0.01 VM; ICN

0.05 VM
0.05 VM

il
I

If the concentration of hydrocyanic acid is changed by 0.003



-16-~

mole per 1iter, the change in the calculated E° for case A
is 00,0005 voit while that for case B is 0.0068 volt. Thus,
the séme absolute error in the concentration of hydrocyanic
acld causes negligible error in the potential of case A

and causes serious errcor in case B, Because of the large
random deviations of the potential values in solutions 0.01
VM in hydrocyanic acild, these potential values were not used
in calculation of the average value.

A check upon the consistency of the data obtalned can
be made by the calculation of the iodine-iodide potential
from the iodine-iodine monocyanide potential and the dis-
proportionation constant for iodine in hydrocyanic acid. The

following tabulation of ecuations indicates the calculation:

AT
I,(1M) + 2HON = 2ICN + oH" 4+ 2e” 28846
2I,(1M) + 2HCN = 2ICN + ot + 217 165
I,(8) = I,(1M) 3018
21 = IE(S) + 2e” 24763
or
E° = -0.5366 volt

This value for the iodine-iodide potential differs by just
0.0011 volt from the value given by Latimer (5). Thus, the
results of this study are found to be consistent with inde-

pendent potential determinations of related systems.
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Analytical Application

By making use of this half-cell potential of -0.63 volt,
one can calculate the potential reguired for the oxidation
of any given quantity of ilodine (or iodide) to iodine mono-
cyanide under specified conditions. For example, assume that
the solution is 1.0 molal in hydrogen ion, 0.1 molal in
hydrocyanic acid, that the lodine monocyanide formed 1is
0.01 molal, and that the iodine at the end point 1is 10'6
molal;:; the lodine-iodine monocyanide potential in such a
solution would be -0.T74 volt. Considering only equili-
brium conditions, this potential value indicates that the
oxidation could be effected by electrolytically generated
bromine, chlorine, or tetrapositive cerium; in addition,
under similar conditions, quantitative oxidation of tri-
positive arsenic and antimony should be obtained. Qualita-
tive experiments have indicated that these predictions can

be realized and guantitative studies are in progress.
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Part II

Coulometric Titrations



Part II A

Coulometric Titration of Iodide
Titration to Iodine Monocyanide by Chlorine with Use of

an Amperometric End Point

Introduction

The titration of iodide to ilodine monocyanide by means
of an oxidizing agent such as nitrite, permanganate, bromate,
or pericdate, has been reported by Lang (14). The half cell

reaction
I~ + HCN = ICN + H' + 2e” (6)

goes to the right in the presence of chloride and a sultable
oxidizing agent. The reaction is faster with chloride
present; this effect is attributed by Oesper (1) to the
rapid formation of iodine chloride followed by conversion
into iodine monocyanide. Lang (14) reports that the oxida-
tion is quantitative in 1 M hydrogen ion when lodate is em-
ployed as an oxidizing agent. Hydrolysis of iodine mono-
cyanide to hypoiodous acid does ndt occur at room tempera-
ture unless the solution is basic (1), so that iodine mono-
cyanide should be stable in acid solutions. |

The feasibility of the titration of iodide by the reac-

tion

I” + Cl, + HCN = ICN + gt + 2 ¢c1” (7)
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was shown by the investigation of the potential of the icdine-
iodine monocyanide half cell (15) reported in Part I of this
thesis. The study reported below was undertaken in the

hope that such a titration would provide a simple and rapid
method for the determination of milligram quantities of

iodide in less acid solutlons than those used for the titra-
tion to iodine monochloride ( 2).

Discussions of the advantages of the secondary type of
coulometric process, in which an intermediate half-cell
reaction is employed at an electrode, have been pub-
lished (16,17). The intermediate reaction in the titration
of iodide to ilodine monocyanide is the oxidation of chloride
to chlorine, which then reacts quantitatively with the
iodide. One hundred per cent current efficiency at a
known constant rate 1s attained in this way.

In this Investlgation a dual electrode amperometric
end point was used which differed from those previously
described (18) in that the indicator current decreased as
the end point was approached and then remained constant.
This type of end point 1is inconvenient because 1t requires
that indicator readings be taken both before and after the
end point. The simplicity of automation usually possible
in coulometric titrations is lost, but such a method could
be employed by means of az contlinuous recorder in the indi-

cator circult.



Experimental

Chemicals. All chemicals used were of reagent grade.
A stock standard sodium iodide solution, 0.0100 VF (volume
formal, formula weights per liter) was made by welght from
dried salt, which was found to contain no iodate. This
solution was made approximately 0,005 VF in sodium carbo-
nate in order to minimize air oxidatlion of the iodide.
Aliquots from this solution were diluted to appropriate
«volumes for use during the investigation.

Perchloric acid solutions were prepared by dilution of
the 60% acid. Tests indicated that thése‘solutions vere
free of Impurlties which would interfere in the subsequent
determination.

Sodium cyanlde solutlions, approximately 2.0, 0.50, and
0.05 VF; 1,0 VEF sodium chloride solutions; and sodium
bromide solutions, 1.0 and 00,0100 VP, were prepared from

the salts by weight. The latter solution was diluted for

use in parts of this investigation,

Apparatus. The apparatus used was similar to that
described by Ramsey, Farrington, énd Swift (18). The cathode
shield was filled with 2 VF perchloric acid to prevent dif-
fusion from the titration cells into this shield duriﬁg

titrations.

Preliminary Adjustments. The current in the generation

circuit was determined by measuring the drop in voltage



across a standard resistance through which the generation
current was passed. The rate of generation used in this
investigation corresponded to 1.054 x 10'7 equivalent per
second. The indicator potential scale was calibrated with
a Gray Instrument Company Model E potentiometer.

When th in use, the indicator electrodes were shorted
to The generator anode. Between titration series they were
again shorted and stored in 0.20 VP sodlum chloride. Before
each set of determinations chlorine was generated in the
shorted cell for 100 seconds.

The 1ndicator electrodes were shorted to the generator
ancde ahd chlorine was generated for thirty seconds after
each titration in order tb malntain sensitivity. Whenever
the sensitivity oflthe indicator electrodes was less than
0.1 mu a per three seconds generation during the approach
to an end point, the electrodes were cleaned in agqua regia.
This was usually necessary after from thirty to forty

titrations.

Titration Procedure. Blanks. Blank solutions, that

is solutions which contained all the constituents used 1in
thé titration except the lodide, which was replaced by an
equal volume of distilled water, were titrated immediately
before each serles of titrations. The generator curreht
was adjusted to the calibrated value, the blank cell was
olaced in position, and chlorine was generated for one

second intervals. After each period of generation sixty
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seconds were allowed for equilibrium to be established and
then both the generation time and the indicator current were
recorded. The indicator current in fhese cells decreased
upon generation of chlorine to a constant value.

The initial currents in blank solutions which were 2 VF
in perchloric acid, 0.10 VF in chloride and 0.005 VF in
sodium cyanide, were dependent upon the applied potentilal
and ranged from 1.5 mu a at an applied potential of 140 mv.
to 7.4 mu a at 400 mv. The decrease in the current upon
generation of chlorine is very similar to that reported by
Wooster, Farrington, and Swift (19). They reported that
when bromine was generated in an acid chloride solution there
was a short interval before the current began to rise. This
interval, they claimed, was probably due to the presence of
a small quantity of some substance capable of reducing
bromine. A blank correction similar to the one employed in
this investigation was used to correct for the small gquantity
of the reducing agent.

The amount of reducing agent present in the blank cells
in this investigation was less than 10—6 eguivalent. At-
tempts to determine what it might‘be were unsuccessful, but
experiments demonstrated that no reducing substance capable
of reducing chlorine was present in either the perchlﬁric
acid or the sodium chloride solutions that were used.

A blank correction of approximately three seconds was
found when sodium cyanide was added to the other blank solu-

tion constituents. The use of this blank correction, although
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its cause was not clear, was adequate for the accurate deter-
mination of iodide in this study.

The constant current observed after the initial decrease
in current could be due to disproportionation of the chlorine;

that is, the reaction
012 + HCN = CICN + C1~ (8)

might proceed to the right. Qualitative experiments were
made that showed that chloride formed when chlorine was
placed in a solution 0.06 M in hydrogen cyanide and 1‘M in
perchloric acid. In a solution 1 M in perchloric acid and
containing no cyanide, chloride was not formed. Similar
tests indicated that bromide disproportionates in the same
way. Lucas (20) reports that chlorine reacts with hydrogen

cyanide according to reaction 8 and then that the reaction
C1CN + H,0 = HOCN + H' + C1~ (9)

occurs. Both reactions 8 and 9 could be used to explain
the constant current that was observed. In experiments in
which chlorine was generated in a blank sblution, it was
found that the current did remainkconstant‘with increased
time of generation over the potential range from 25 to 400
mv. The indicator current initially rose after the genera-
tion of chlorine, then fell to a constant value, from 1 to 2
mu a, within sixty seconds.

A blank correction was made by plotting the indicator

current against the time of generation, and extfapolating
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the current line to the point of initial constant current.
In this way, a pre-titration for any impurities in the cell
was made. In general this correction ranged from one to
five seconds.

If such a blank correction is undesirable, a titration
of a known iodide could be used for the determination of a
blank time correction. In such cases the blank correction
would be the difference between the calculated and the ob-

served end points.

Titrations. Titration solutions were prepared in

4O x 80 em. weighing bottles. A sample of the iodide solu-
tion was pipetted into the weighing bottle and acid, chloride,
cyanide, and water added to give 50 ml. of a solution 0.02
to 1.8 VF in perchloric acid, 0.01 to 0.40 VF in sodium cya-
nide, and 0.10 VF in sodium chloride,

The initial indicator current was first noted and re-
corded; then the indicator circuit was opened and generation
of chlorine started. When the approximate iodide content
was known, the indicator circuit was closed about 15 seconds
before the calculated end point and readings taken at three
second intervals. The determination of the end point was
again made by graphing the indicator current against the
generation time and extrapolating to the point of 1nitial

constant current.
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Discussion

Potential Difference between Indicator Electrodes, In

order to choose an applied potential such that the effects
due to changes in the internal and external resistance of
the indicator circuit would be minimized, a plot of the
indicator current vs. the potential was made. The indicator
current at various applied potentials was determined in both
blank and titration solutions after chlorine was generated.
These curves were flat in the range below 275 mv, An indi-

cator potential of 250 mv. was chosen for most of this study.

Indicator Current Behavior. The indicator current at

applied potentials of 140 to 400 mv. was determined for cells
contalning various concentraticns of iodide, chloride, cya-
nide, and perchloric acid at timed intervals during the
coulometric titration. In these cells an initial indicator
current of three to ten mu a was observed. This current was
slightly larger than that observed in the blank solutions.
Wooster, Farrington, and Swift (1S) reported that an
initial current was found in all the titration solutions
used in their investigation of the coulometric determination
of lodide by oxidation to iodine monochloride. They attri-
buted thils current to the air oxidation of the ilodide.
Relatively small indicator currents, (1 to 3 mu a), were
reported when iodide solutions 0.005 to 0.01 VF in sodium
carbonate were used, and when these solutions were not added

to the acid titration solution until immediately before the
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titration. Thelr procedure was adopted for this investiga-
tion. In éome cases the titration was not performed immedi-
ately’after the lodide was added, and the initial current was
as high as 15 mu a. In these cases the results were lower
than the calculated value by 1 to 5%. If the initial current
was greater than that of the blank by more than 3 mu a, the
determinatibn was discarded.

An iodine minimum in the amperometric current, such as
that shown in Figure 2, was found when a cell containing
50 ml. of a solution 2,0 VF in perchloric acid, 0.005 VF in
sodium cyanide, 0.10 VF sodium chloride, and 3.671 x 10'5 VF
in lodide was titrated with chlorine at applied potent?als of
250, and 300, and 400 mv. The minimum decreased with in-
creased potential., This agrees with the results reported
by Rowley (21) in a study of the behavior of the ampero-
metric current during the oxidation of iodide to iodine
monochloride. At 300 mv., no minimum occurred when the iodide
concentration was increased to 9.178 x 107° VF, while the
other concentrations were kept constant; as is shown in
Figure 3.

In Figure 2 a qualitative picture of the stepwise
oxidation of iodide with chlorine in acid cyanide solutions
is given. Initially, the current was dependent upon ﬁhe
diffusion of iodine to the indicator anode and the current
increased with the generation time. A maximum was attained
when the iodine and iodide concentrations were electrolyti-

cally equivalent; then the current decreased to an "iodine
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minimum" as the ilodide that diffused to the indicator cathode
became current limiting. The current minimum would have

been zero if only iodine was present; however, due to dis-
proportionation of iodine the minimum was greater.

Upon further oxidation, iodine monocyanide was formed
and the current increased to a maximum where the iodine and
the iodine monocyanide concentrations were eguivalent. With
further oxidation the lodine concentration again was current
limiting, and the current decreased to the constant value
characteristic of the chlorine-chloride couple in acid
cyanide solutions. The point of initial constant current

was taken as the end point in all of these iodide titrations,

Elimination of Blank Correction. In an attempt to eli-

minate the necessity of a blank time correction, prelimi-
nary titrations of known amounts of iodide ilon were made,
and an additional quantity of iodide then added to the same
cell. In those cases in which the additional i1odide was
added after the initial end point had been reached, no ade-
guate generation time correction could be made. Evidently
the reaction which caused the background current was not
completely reversible. When the unknown was added before
the initial end point, a blank correction was agaln neces-

sary, and the procedure had no advantages.

Titrations. Oesper (1) reported that the ratio of hydro-

gen cyanide to hydrochloric acid must be controlled in the

macro determination of iodide by oxidation to lodine mono-
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cyanide, This ratio probably is not as critical, however, as
is the need to have sufflcient hydrogen lon to prevent
hydrolysis and to have cyanide present to form iodine mono-
cyanide., If these conditions are met, iodide should be
quantitatively oxidized to the unipositive state. The adjust-
ment of the conditions in order to obtain satisfactory con-
ditions for the coulometric determination are discussed below

under separate headings.

Effect of Hydrogen Ion and Hydrogen Cyanide. The results

of a series of analyses in which the hydrogen ion concentra-

0 45 1.8 VF, and the cyanide

tion was varied from 2.8 x 10~
concentration from 0.01 to 0.40 VF are given in Tsble III.
The accuracy and precision of these titrations were at a
maximum when the cyanide concentration was greater than

0.05 VF; and the hydrogen ion concentration was in the range
0.02 to 0.40 VF. At relatively high acid concentrations,
0.9 to 1.8 VF in perchloric acid, the results of the deter-

minations were about 2% lower than calculated; this could be

due to air oxidation of the iodide.

Titration of Iodide Ion in the Presence of Sodlum

Bromide. The results of the titrations in which known amounts
of iodide were determined in bromide concentraticns [rom

L

1.8 x 107" to 0.2 VF are shown in Table IV. The accuracy and
precision of the results were the same as those determinations

made with similar amounts of iodide in which no bromide was
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Table III

Effect of Hydrogen Ion and Hydrocyanic Acid
Concentratlons Upon the Determination

of Todide as Todine lMonocyanide

Iodide ion present, Ll.16l ng.

Todide
No. of + o Found Ave. Ave.
Series Expts. [H J{VM) HON(VH) (mg.) Error (%) Dev. (%)
1 2 1.8 0.01 1,158  -0.47 0.125
2 12 0.9 0.01 1.167 0.25 0,38
3 3 0.9 0.0L  2.945% 0.36 0042
L 28 0.65 0.25 1.16L  0.02 0.11
5 3 0.80 0.10 1.167 0.22 0.1l
6 6 0.125 0.10 1.16L4  0.00 0.02
7 5 0.35 0.10 2.960%  0.87 0.17
8 L 0.10 0.05 1.16L 0,00 0.00
9 7 0.02 0.05  1.155 -0.80 0.08
10 6 1.1 x 1077 0,035  1.161 -0.28 0.16
11 L 2.8 x 120740 0,035 1.153 -0.92 0.61
12 8 0.20 0.20 1.172 0.65 1.140
13 L, 0.30 0.30 1.157  =0.5¢ 0.06
1l L 0.40 0.40 1.165  0.05 0.17

%2.935 mg. iodide present.



Table IV

Titration of Todlde Ion in FPresence

of Bromide Ion

Todide present, Ll.lb6l mg.

D

h

ek

B

Wo. of )
Titra- ) % Standard
Series tions HT(VM) HCH(VM) Br~(vi) CL™(VM) Error Dev,

ly 0.0L 0,10 0.00018 0.2 0.03 0,05
I 0.0l 0,10 0.2 0.2 0,00 0.00
3 0.80 0,10 0.2 0.2 0,00 0.00
I .9 0.0l 0.2 0.2 2.5 1.3
),,}. 0.9 Oo()l 002 0.0 —107 002

N W N

L 0.09 0.05 0.2 0.0 -0.01 0.02
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present. As can be predicted from the half-cell potentials,
it was found that bromine can be used as a substitute for
chlorine as the intermediate in the determination of iodide
by oxidation to lodine monocyanide., The titration curves
obtained by this substitution were similar to those obtained
with electrolytically generated chlorine. Titrations in
which only trace amounts of bromide were present were un-
changed. Therefore, iodide could be determined in the

presence of bromide with no additlonal difficulty.

Confirmatory Titrations. The results of the confirma-

tory analyses are given in Table V. In these determinations
the hydrogen ion concentration was varied from 0.100 to

0.65 VM, and the cyanide concentration was varied from 0.05
to 0.25 VM. These analyses demonstrate that samples which
contain milligram quantities of lodide can be determined
with an accuracy greater than 0.2%. A wider range was not
attempted because of the nature of the determination. Al-
though the accuracy of the analyses tested was high, the
sensitivity of the indicator system was quite low. The
changes in the indicator current could be read more con-
venlently on a more sensitive meter. However, the confirma-
tory analyses do demonstrate that accurate, precise titra-
tlons are feasible with the egquipment that was used in this

investigation.



._35_

Table V
Confirmatory Titrations

Titration Soluticns: 50 ml. of solution;

A is 0.65 VM in H*, 0.25 VM in HCIN(;

et

3 is 0,125 Vil in HT, 0,10 VM in HCN;

(@]

is 0.10 vi{ in HY, 0.05 VM in HCH.

Iodide present, 1l.16L0 mg.

No. of Todide % Standard
Series Titrations Found, ng. BError Dev.
A 1 5 1.1636 -0.0l 0,13
2 f 1.1653 0.11 0.05
3 5 1.1659 0.16 0.12
in 10 1.1638 ~-0.02 0.01
B 6 1,160 0.00 0.03

C i 1.1640 0.00 0,00



Recommended Procedure. In view of the results of this

study, the following procedure is recommended for the titra-
tion of l1odide to lcdine monocyanide by means of electroly-
tically generated chlorine,.

Blank titrations should be made at an applied potential
of 250 mv. in cells which contain 50 ml, of a solution 0,06 VF
in perchloric acid, 0.05 VI in sodium cyanide, and 0.20 VF
in sodium chloride. An alternate blank solution would be
the above plus a small known guantity of iodide. Blank ti-
tration times should agree within 0.2 second before analyses
of unknown iodide solutions are made.

Determinations of the unknown should be made in cells
which contain the same constituents as the blank solution in
the same concentrations and a known volume of the ilodide
gsample. The initial indicator current should be noted, and
the indicator current recorded at intervals during the titra-
tion., It 1s recommended that the first determination be
gualitative in order to determine the approximate end point.
In subsequent determinations, indicator readings would be
taken so as to bracket this end point. An analysis accurate

to 0.2% is feasible by this method.
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Part IT B

The Generation and Determination of Lead(IV) and the

Coulometric Titration of Glycols with Lead(IV)
Introduction

Lead tetraacetate 1s often used as an oxidizing agent
for preparative organic synthesis (22). Its oxidizing
properties are applicable for reactions involving dehydro-
genation; substitutions of acetate for hydrogen in organic
molecules; addition of two acetylated hydroxyl groups to a
double bond; and for the cleavage of glycols.,

Glycol cleavage by electrolytically generated lead(IV)
was attempted in this investigation. It was hoped that the
reactlion would proceed quantitatively and rapidly and that
an amperometric end point could be developed for the deter-
mination of glycols., It was hoped that such determinations
would be simpler and faster than the methods now in use,.
Furthermore, 1t was believed that such an application would
lead to a more widespread interest in and use of coulometric

techniques 1in preparative and guantitative organic chemistry.
Experimental

Reagents. Reagent grade chemicals were used throughout
this study.
A 0.4 VF (volume formal; formula weights per liter)

ferric nitrate solution was prepared by weight.
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Ferric acetate solutlon was made by dissolving ferric
sulfate in 250 ml. of glacial acetic acid which was 1.0 VF
in sodium acetate. A calculated excess of barium acetate
was added, and the resulting barium sulfate removed by
centrifugation. Tests showed that no sulfate remained in
solution. The solution was then diluted to 500 ml. with
water, thus making the final solution 1 VF in ferric acetate,
0.50 VF in sodium acetate, and 50% acetic acid,

Both 0.5 VF lead dlacetate and 0.5 VF sodium acetate
in glacial acetic acid were prepared by welght.

Standard ethylene glycol solutions were prepared by

dilution. A standard propylene glycol solution was prepared

I._|'

n the same way.

Erythritol anhydride was prepared by refluxing erythri-
tol with 50% sulfuric acid according to the method described
by Henninger (23). The distillate was not checked for
purity because the solution was used to determine only the
general behavior of the product. This solution was approxl-

mately 0.001 VF in erythritol anhydride.

Apparatus. The coulometric apparatus that was bullt
and described by G. M. Arcand (24), was used in this investi-

7

gatlion. The generation rate was 1.0045 x 107 ' equivalents
per second,
The external generator shield was filled with 0.5 VF

sodium acetate in glacial acetic acid solution in order to

prevent diffusion from tThe titration into the electrode



compartment during titrations.

Blank Titrations. Blank solutiong were prepared in

4o x 80 cm. weighing bottles by mixing appropriate quanti-
ties of lead dilacetate, sodium acetate, and ferric acetate,
or nitrate, solutions and then diluting the mixture to 50 ml.
A1l these solutions had been checked and found free of oxi-
dizing or reducing agents.

In one type of blank correction ferrous ion was gener-
ated for timed intervals and the indicator current was noted
and recorded. In subsequent titrations 1t was found that
if both this current and the current in the titration solu-
tion, as functions of the time of generatlion, were extrapoclated
to zero, or 1f the indicator current in the titrated solution
were extrapolated to the initial current of the blank solu-
tion, eqguivalent corrections were made,

In the other type of correction, lead(IV) was generated
for the period that 1t would be in the subsequent glycol
titration, and then back-titrated with ferrous ion. In this
type the indicator current was‘extrapolated to zeroc, and the
blank time correction was the difference between this time
and the total time of lead(IV) generation.

These blank corrections were equivalent for the subse-
quent titrations. However, since the last type was by a
procedure similar to that used for the glycol titrations,
it was adopted for most of the experimental glycol determi-

nations.
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Pre-titration of Solution. Attempts were made to pre-

titrate solutions by means of the alternate electrolytic
generation of lead(IV) and iron(II) in the same solution,
that 1s, by use of the dual intermediate system. If
successful, this would have eliminated the need for separate
blank titrations.

Titrations were made in solutions 40 to 80% acetic
acid, 0.04 to 0.10 VF in iron(III), 0.10 VF in lead(II),
and 0.05 VF in sodium acetate. Lead(IV) was generated for
intervals of 50 to 100 sec., then the generation polarity
was reversed and iron(II) generated to beyond the end
point. This procedure was repeated several times in each
cell. In general, the first end point was within 0.2% of
the calculated value; however, subsequent titrations were

not as accurate.

Selection of the Indicator Potential. In a preliminary

experiment ferrous ilon was generated in a blank solution
for timed intervals. The indicator current at selected
applied potentials was plotted as a function of the poten-
tial. The indicator current at any potential from 150 to
400 mv. was satisfactorily constant for an amperometric end
point; therefore{ applied potentials of both 150 and 250 mv.

were used 1n the indicator system for these titrations.
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Data and Discussion

The Dual Intermediate. Preliminary experiments showed

that the lead(II)-lead(IV) couple in acetate solution was
not sufficiently electrode-reactive to give a current satis-
factory for use in an amperometric end point. Furthermore,
qualitative experiments showed that it would be desirable to
have an excess of lead(IV) present in the glycol titrations.
A study was initiated to find a dual intermediate system for
which an amperometric end point would be feasible. It would
then be possible to generate an excess of lead(IV), and to
determine that excess by means of the second intermediate.

The cuprous-cupric, couple, which has been used with
the bromide-bromine couple as a dual intermediate (26), was
unsatisfactory. A halide was necessary to form a stable
cuprous complex, but the halides also formed lead(II) salts
which precipitated. These salts interfered with the opera-
tion of the generator and indicator systems.

The ferrous-ferric couple proved to ke a satisfactory
intermediate. Ferrous ion does not react with dipositive
lead, and it was found that it could be generated with 100%
current efficiency 1f the ferric ion concentration was
approximately 0.05 VF or greater. The indicator current
gensitivity, which varied from 0.25 to 1.0 ua per second
of generation, was low, but adequate for this study.

Lead dioxide plated out on the generator electrode when

the acetic acid concentration was less than 20%. This
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precipitation was prevented by increasing the acetic acid

concentration.

Current Efficiency. In coulometric titrations, it is

essential that the current efficiency be known, and it is
preferable that it be 100% (25). 1In glacial acetic acid
solutionsg, as determined qualitatively from readings of

the generator ammeter, the current passing through the sys-
tem when lead(IV) was generated was only one-third of the
current found when the generator system had been calibrated
in an aqueous system. The addition of sodium acetate to
the solutions increased these readings to the calibrated
value.

Severalrattempts were made to determine the current
efficiency of the system quantitatively. Potassium iodide
and a small excess of a standard solutilon of sodium thio-
sulfate were added to a cell in which tetrapositive lead
had been generated for a known interval, Then iodine was
generated to an amperometric end point. However, a pre-
clpitate of lead dilodide formed which caused erratic indi-
cator currents and prevented the determination of an
accurate end polint.

Another method that was used in an attempt to determine
the current efficiency was the generation of larger amounts
of lead(IV). Potassium iodide was added to the solution
and the lodine was titrated with standard sodium thiosulfate

to an lodine-starch end point., Lead iodide masked the end
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point and may have adsorbed iodine. The results were ap-
proximately ten per cent lower than calculated.

After the ferrous-ferric couple had been adopted as the
secondary intermedlate, the current efficiency was checked
by the generation of tetrapositive lead followed by the
generation of ferrous ion to an amperometric end point.

These titrations indicated a current efficlency of 100 + 0.1%.

Determination of Tetrapositive Lead. Tetrapositive lead

was generated for from 25 to 150 sec. in a cell which con-
tained 50 ml., of a solution 0.05 VF in lead diacetate, 0.10
VF in ferric acetate, and 0.05 VF in sodium acetate. The
polarity of the generator system was reversed and ferrous
ion generated to the end point. The data from these experi-
ments showed that the titration is accurate to 0.15%. The
data are.given in Table VI. The results also indicated that
the lead-iron couples form a satisfactory dual intermediate
system, and that titrations such as these would be satis-
factory for the determination of unknown quantities of

lead (IV).

The Titration of Glycols. Titrations were made with

concentrations of acetic acid of from 20 to 80% in the 50 ml.
solutions, with ferric ion concentrations from 0.04 to 0.3
VF, and with various glycol concentrations, It has been
reported (27,28) that water increases the rate of the reac-
tion of glycols with lead tetraacetate, and that in the

presence of water the reaction results in quantitative
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Table VI
The Determination of Lead(IV) by Ferrous Ion

Titration Solutions: Total volume 50 ml. L0% acetic acid,
0.05 VHF in lead acetate, 0.10 VF in

ferric acetate and 0,10 VF in sodium

acetate.

Lead(1IV) Number of Lead(IV) Average Dev.
Generated (mu g) Determinations Found (mu g) (Parts/1000)
26,01 L 26,22 1.0
52,02 10 52.02 1.4
10k, 0L 2 103.99 0.5

156.06 2 156.48 0.7
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oxidation of glycols to aldehydes; therefore, water was
used in thesé titration solutions. The reactions for the

titrations of glycols are:

2CH,CO,  + Pb(C,H;0,), = PD(CLHL0 )u + 2e” (10)

3 27372 2"3ve

Pb(02H302)4 + (ROH)2 = 2RO + 2H02H302 + Pb(C2H302E (11)

e” + Fe(III) = Fe(II) (12)

2Fe(II) + Pb(cQHgog)LL =2 Fe(III) + Pb(02H302)2

+ 2CH,0,” , (13)

3
where (ROH)2 is a glycol.

In most cases, after the blank correction had been
determined, an excess of tetrapositive lead was generated
in the titration solution, and then five to thirty minutes
was allowed for reactién 11 to take place. The back Titra-

tion with ferrous ion was then made.

Determination of Ethylene Glycol. Ethylene glycol was

studied first. The ethylene glycol solution was standard-
ized by macro determinations in which known volumes of the
ethylene glycol solution were added to a standard solution
of lead tetraacetate. Potassium iodide was added, and the
iodine that was formed was titrated with standard thio-

sulfate to an amperometric end point. In other cases a



-LE-

potentiometric end polnt was used.

The titrations described above were then carried out
with various amounts of ethylene glycol present. In all
cases reaction 11 was slow and did not go to completion.

The amount of ferrous ion required was dependent both upon
the amount of lead (IV) generated and the time allowed for
reaction 11 to fake place. In some cases the cell was heated,
but the results were similar. An equilibrium constant for
reaction 11, baged on the concentrations of the cell cdn-
stituents before the generation of ferrous ion, was calcu-
lated for each titration. The values obtained ranged from
0.25 to 7.0, so that no constant can be reported.v

Experiments that verify these conclusions were made
over a ten-fold change in the ethylene glycol concentration.
The effects of a twelve-fold change in the total guantity
of lead(IV) generated was investigated. In some cases a
large excess of lead(IV) was generated; in others, a large
excess of ethylene glycol was present in the titration
solution. The data from this work, shown in Table VII,

were used to reach the above conclusions.

Determination of Propylene Glycol. It was hoped that

the behavior of ethylene glycol, as the first member of the
serlies, was anomalous to the glycol series. Therefore,
propylene glycol was used for some titrations. In Table VIII
the data from these defterminations are given. The same

type of eguilibrium as was found in the ethylene glycol
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Table VII

The Determination of Ethylene Glycol

Titration Solutions: Total volume 50 ml. of LO% acetic acid
and 0.10 VF in lead acetate, 0.10 VI

in sodium acetate, and 0.08 in ferric

nitrate.
a
Ethylene Glycol Lead(IV) Number Ethylene Glycol K
Present Generated of Found
(sec, ) (zec.) Trials (sec.)
63.8 50,0 1 .7 0.50
75.0 2 21.0 1.7
100.0 3 22.0 0.61
15040 1 3543 2.7
20040 3 3.2 2.3
300.0 2 68.5 -
127.6 100,0 1 22,7 0.25
200.0 i L6.3 O.71
2500 2 6L.5 1.ly
300,.,0 2 68.7 2.4
319.0 , 300.0 1 95.2 0.1
L00.0 3 139.0 1.6
500.0 2 16l.0 2.1
600.0 2 208.2 4.0
638.0 225.0 7 18L.3 7.0
250.,0 I 193.9 6.1
300.0 L 222.0 6.0

. K = (CHZO)E/[Pb(IV)][CQHAOEHQ].
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Table VIII

Titration of Propylene Glycol

Titration Solutions:

0.10 VF in lead acetate, 0.08 VF in
ferric nitrate, total volume 50 ml.
10% acetic acid which contained

10,00 ml. of propylene glycol solution.

Number
Po {IV) Gen. - of Po (IV) Found Glycol Found (Calc.)
(sec.) Trials (sec.) (sec.)
150.0 1 90.6 594
200.0 2 125.3 e 7
250.0 1 161.9 88.1
30040 2 191.2 108.8
1L00.O 2 238.7 161.3
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titrations was observed. Evidently, reactions between lead(IV)

and glycols are slow and not complete at low concentrations.

Determinations of Erythritol Anhydride. Reeves (29)

reported that the direct titration of macro guantities of
cis-glycols with lead tetraacetate 1s feasible. He claimed
that this reaction is sufficiently rapid to be followed
potentiometrically with both lead and platinum electrodes.
He also reported that erythritol anhydride was determined in
the same way. However, as 18 shown by the data tabulated

in Table IX, such titrations of the anhydride were not suc-
cessful at low concentrations of the reactants. Apparently
the same type of equilibrium existed as in the cases cited

previocusly.

Conclusions. The investigation wasg discontinued at

this point. Although successful titrations of glycols have
not been made, a method for the preparation of standard
lead(IV) and a coulometric method of standardization have
been developed. A glycol determination might be made by
adding a known quantity of standard lead(IV) solution to a
glycol in glacial acetic acid, and after sufficient time
has been allowed for the reaction to occur, titrating the
excess lead(IV) coulometrically with ferrous ion. Such a
technique should be comparable to those now in use (2).
The lead(II)-lead(IV) couple, with the ferrous-ferric
intermediate, should be useful in other redox systems. It

would probably be necessary to investigate the possibilities
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Table IX

Titration of Erythritol Anhydride

Titration Solutions: 0,10 VP in lead acetate, 0,20 VF in

Total time

Lead(1IV)

Generated
(sec.)

200,0

250.0

300.0

500.0

ferric acetate,

which 1s [j0% ace

total volume 50 ml.

tic acid and contained

10,00 mli. of erythritol anhydride

solution.

Brythritol Anhydride
Found
(sec.)

75.3
71.5
71.8
68.14
69.8
88.4
91.7
26. 7
111.8
103.2
10b.ly
106.1
106.2
187.2
175.7

Time Walted
for Eguilibrium
(min.)

15
30
210
21,0
30

N

30
30

30
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of this dual intermediate more closely. Particularly in

the pre-titration of lead(IV) with iron(II), the effect of
the exclusion of alr should be checked, Although this was
not of primary importance in the investigation above, since
the results were low, the use of accurate pre-titration could
well be an asset in other systems, The lead-iron system
should be of value in cases where an excess of oxidant is
required because of the slowness of the main reaction. It

is hoped an application for the system will be found.
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Part III

The Mechanism of the Precipitation of Metal Sulfides

by Thiocacetamide in Acid Solutlons
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Part III A

The Precipitation of Cadmium Sulfide from Acid

*
Solutions by Thiocacetamide

Introduction

Swift and Butler (30) have studied the precipitation
of lead sulfide from solutions similar to those used in
this investigation. They found that at pH values less than
approximately three the rate of precipitation was hydroly-
s1ls controlled and was first order with respect to both the
thiocacetamide and the hydrogen ion concentrations. The
precipitation of lead sulfide at higher pH values was
governed by a direct reaction which was dependent upon the
lead ion and on the thiocacetamlde concentrations to the
first order, and on the hydrogen ion to the inverse half
order. In a subsequent investigation of the precipita-
tion of tripositive arsenic (31) no evidence was found for
other than the hydrolysis controlled reaction. Studies of
the rates of precipitation of other metal sulfides are
being made in the hope of obtalning a better understanding
of the general principles governing these reactions and a
rational basis for the analytical use of thiocacetamide as

a homogeneous phase precipitant for metal sulfides. Studies

*
Submitted to Anal. Chem.
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of the coprecipitation effects resulting from such use of

thiocacetamide have been initiated.
Experimental

Reagents. Thiocacetamlde solutions, 1.00 VF (volume
formal, formula weights per 1iter) were prepared from
Baker's Lot No. 9260 Reagent Grade thiocacetamide. This
particular material gave clear, colorless solutions. These
solutions were never kept more than two weeks.

Reagent grade chemicals were used throughoﬁt.

Standard 0,05 VF potassium iodate solution was prepared
by welght. Sodium thiosulfate solutions, 0.05 VF, were
standardized agalnst this solution.

4 0.10 VF cadmium nitrate solution was used. Since
the initilal cadmium ion concentration was determined in each
experiment, no standardization was made.

The 6 VF hydrochloric acid solution was prepared from
a concentrated acid solution which was shown to be free from
oxidizing agents.

The sodium formate-formic acid buffer solutions con-
taining a constant sodium formate concentration were pre-
pared from sodium hydroxide solutions and S0% formic acid.
Solutions of various concentrations of formic acid were pre-
pared and added to equal volumes of the sodium hydroxide
solutions and then diluted to the same final volume. These
buffers were used in the investigation of the rate of the

direct reaction.
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Apparatus. The apparatus used for the experiments at
90°C. was essentially that described by Swift and Butler (30).
Nitrogen was not bubbled through the reaction solutions.

In the experiments at 25OC. the reaction solutions were

placed in ground-glass sStoppered flasks.

Procedure. The reaction solutions were prepared by
the following method. Measured volumes of stock solutions
of thioacetamide, cadmium nitrate, and acid or buffer were
mixed and diluted to 100 ml. in the reaction vessel. The
initial ionic strength was constant for each series of ex-
periments. The reactlon solution was then placed in a
constant temperature bath.

At timed intervals approximately 12 ml. of the reaction
solution were removed from the vessel, immediately cooled
in an ice bath, and centrifuged to remove any cadmium sul-
fide. Duplicate 5.00 ml., portions of each sample were
taken from the clear centrifugate and transferred to
15 x 125 mm. test tubes.

An excess of ammonium hydroxide was added to each test
tube and the solution was placed in a bath of hot water in
order to coagulate the cadmium sulfide‘precipitate. Then
the mixture was cooled, the Sample centrifuged, and the
centrifugate carefully drawn off. The precipitate was
washed with 2 ml. portions of 3 VF ammonium sulfate solution
until the wash solution was sulfide free.

The precipitate was washed into a 100-ml. conical flask;
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then water, potassium iodide, standard potassium iodate
solution, and hydrochloric acid were added, and the solution
titrated with standard sodium thiosulfate. This method was
checked by the analysis of cadmium nitrate solutions with
guantities of cadmium similar to those involved in the in-
vestigation. The average deviation in the results was less

than one part per hundred.
Data and Discussion

Qualitative experiments indicated that the rate of pre-
cipitation of cadmium sulfide from acid solutions by thio-
acetamlide reached a minimum at a pH of approximately 3. This
indicated that as with lead(II) (30), two types of reactions
were involved in the precipitation. Hereafter these two

types will be designated as the hydrolysis controlled and

the direct reaction precipitations.

Quantitative rate measurements were then made. The reac-
. . o) . . .
tions were carried out at 90°C. in order to obtain an easily

measurable rate of precipitation.

The Hydrolysis Controlled Precipitation. The rate of

precipitation of cadmium sulfide from solutions of pH 1 and 2
was found to be independent of the cadmium ion concentration
and was first order with respect to both the hydrogen ion

and the thiocacetamide concentrations. This indicates that the
precipitation is controlled by the hydrolysis of the thio-

acetamide; also that there is rapid precipitation of the
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cadmium by the hydrogen sulfide thus formed. If this is
true, the rate expression for the hydrolysis of thiocacetamide

d[CHBCSNHQ]

- _{—
- - = k[CH,CSNH, [H ) (14)

-1 a4t 90%. (30)

where k has the value 0.21 liter mole Tmin.
should also be the rate expression for the precipitation of
cadmium(II).

Table X shows a comparison of the measured cadmium(II)
concentrations at various times wilth those calculated from
expression 14; the assumption is made that all the hydrogen
sulfide from the hydrolysis reacted rapidly with cadmium(II).
The agreement between the experimental and the calculated
values is well within that of the experimental errors. As
in the case of lead(II) (30) no evidence was found of any
catalysis or inhibition of the reaction by cadmium ion or by
the cadmium sulfide precipitate.

Experiments at pH 1 and pH 5.7 with solutions contain-
ing the sodium formate-formic acid buffer constituents, were
carried out at 9OOC. These experiments were made to deter-
mine whether the presence of the buffer constituents would
cause a change in the reaction mechanisms. No such change
was observed; the rates of the precipitations conformed to
the hydrolysis controlled mechanism at pH 1 and the direct
reaction mechanism at pH 5.7 and with no change in the

veloclty constants for these reactions,
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Table X

The Hydrolysis Controlled Precipitation

of Cadmium 3Sulfide

Comparison of measured cadmium(II) concentration with that

afcd(II)]
dt

calculated from the expression - = kLH+][CH3CSNH2],

where k = 0,21 liter mole'l min'l.

Initial CHBCSWHz, 0.10 VF; temperature, 90°C.

Initial perchloric acid, 0.10 Vi.

Cadmium(II), Moles/Liter

Time, Min. Found Calculated
0.0 0.0062 -
0.75 0.00L5 0.0046
1.75 0.0024 0.002L
2.42 0.0011 0.0010

Initial perchloric acid, 0,010 V&,

0.0 0.0088 ——-
5.00 0.0071 0.0073
7+50 0.006L 0.0065
10.00 0.0058 0.0059
12.50 0.00L9 0.0049

15,00 0.0038 0.00308
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The Precipilitation by the Direct Reaction. Formlc acid-

sodium formate buffers were used in experiments carried out
in the pH range 6.3 to 3.3. These were designed to study
any direct reaction similar to that found with lead(II) and
to show the effect of the hydrogen ion concentration, the
cadmium ion concentration, and the thioacetamide concentra-

tion upon such a reaction.

Effect of Cadmium Ion Concentration., The plots of the

logarithm of the cadmium(II) concentration against the time
for the various hydrogen ion concentrations were linear as
shown in Figure 4; from this it was concluded that the reac-
tion is first order with respect to the cadmium ion concen-

tration.

Effect of Hydrogen Ion Concentration. The study of

the effect of hydrogen ion was made with solutions in which
the total ionic strength, the thiocacetamide, and the cad-
mium lon concentrations were all initially constant while
the hydrogen ion concentration was varied. The range of
hydrogen ion concentrations investigated was from 5.0 x 1O—LL
to Hh X 10"7 VF. Rate constants calculated from the data ob-
talned are shown in Table XI, and show that in this concen-
tration range the rate of precipitation is dependent upon
the inverse half power of the hydrogen ion concentration.

This dependence is the same as that found previously for

lead(II) (30).
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Table XI

Effect of Hydrogen Ion Concentration upon the Rate of

Precipitation of Cadmium Sulfide

Initial cadmium(II), 0.010 VF; thioacetamide, 0.10 VF

5] _afea(rn)) , _ [H'] _afea(1n)] "1/
at [Ca(I1)] at TCa(II)]T
25°C. 90°C. 25°C. 90°C.
1.8 x 107" 35 x 07° 18 x 1077 1.6 x 107/ 8.1 x 1077
1.2 x 1o'h wx 100 9.1 x1077 1.3 x 1077 8.4 x 1077
2.8 x 107 6.1 x 1079 u.3x 1077 1.2 x 107 8.1 x 1077
2.0 x 107 1.6 x107% 1.1 x 1077 1.1 x 1077 7.8 x 1072
5.0 x 107/ - 0.6 x 1077 - 8.2 x 1077

Average (1.3 + 0.2)x 107/ (8.1 + 0.2)x 1077
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Effect of Thiocacetamide Concentration. The effect of

the thioacetamide concentration upon the rate of the reac-
tion was investigated over a range of thioacetamide con-

centrations of 0.05 to 0,30 VF. Rate constants calcﬁlated
from the data obtained from these experiments are given in
Table XII. The rate of precipitation is dependent upon the

thioacetamide concentration to the first power,

Effect of Chloride Ion. It was found that chloride ion

decreased the rate of the reaction. With the formal con-
centration of chloride five times that of the cadmium the
rate found was only fifty per cent of that calculated. A

guantitative investigation of this effect is now in progress.

Temperature Effect on the Direct Reaction. Experi-

ments to determine the dependence of the rate upon the hydro-
gen lon and cadmium ion concentrations at 2500. over the pH
range from 5.7 to 3.3 were made. The results, which indi-
cate first order dependence upon the cadmium ion concen-
tration, and inverse half order dependence upon the hydrogen
ion concentration are shown in Table XI. The rate of pre-
cipitation was so slow that the change in the cadmium ion
concentration could not be measured with an accuracy greater
than approximately ten per cent. Consequently, the calcu-
lated constants vary more than those for the experiments

at 9OOC. However, the data obtained clearly indicates that
the mechanism of the reaction is similar to that at 9OOC.

in the same hydrogen ion concentration range. The calcu-
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Table XII

Effect of Thioacetamide Concentration Upon the Rate of

Precipitation of Cadmium Sulfide at 90°C.

Initial cadmium(II), 0.010 VF; hydrogen ion, 0.00012 M.

[CH CoNH, ] alca(rn)] (B2 Calca(n)] (1?2
Moles/1iter at tca(zz)] dt [Cd(II)][CH3CSNH2J

0.050 3.65 x 1077 8.2 x 107%

0.10 8.3 x 1077 8.4 x 10'LF

0.15 10.9 x 1077 7.3 x 107

0.20 16.5 x 107 8.4 x 107

0.25 20.2 x 1077 8.0 x 10'4

0.30 23.9 x 1077 8.0 x 107¥

Average (8.07 + 0.3) x lO—h
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lated velocity constant is 1.3 + 0.2 x 10—6 liter®mole

1
2
minute .

The energy of activation for the direct reaction was

© 90°. A plot of

calculated from data obtained at 250, 70
log k versus 1/T was a straight line, thus showing a tem-
perature dependence conforming to the Arrhenium eqguation.
The activation energy was calculated to be 20.8 + 1.2 kcal.
per mole, This datum shows the analytical potentialities

inherent in controlling the rate of formation of a cadmium

sulfide precipitate by temperature control.

Analytical Considerations. Figure 5 shows the calcu-

lated rates of precipitation of cadmium sulfide by the
hydrolysis controlled and by the direct reaction in solu-
tions which are 0.10 VF in thioacetamide and 0.010 VF in
cadmium(II) at 90°C. and which have the ranges of pH
values shown. The direct reaction is dependent upon the
cadmlium ion concentration; therefore the direct reaction
curve will be changed vertically by changes in the cadmium
ion concentration,

For solutions having the concentrations specified above
the following calculations can be made:

Ry = Ry at pH 2.95, where Ry 1s the rate of precipi-
tation by the direct reaction, and Rh i8 the rate by the
hydrolysis controlled reaction.

R

4 = R,/800 at pH 1.

R

a 1250 Rh at pH 5.
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In solutions of pH 2 and lower precipltation of cadmium
sulfide is primarily through hydrolysis. As the pH is
raised the direct reaction becomes increasingly important
until under the above specified conditions it is predomi-
nant at pH values of 4 and greater.

These observations are similar to those made by Swift
and Butler (30) in the investigation of the precipitation
of lead sulfide by thiocacetamide. The two cations exhibit
much the same behavior in their precipitation from acid
solutions,.

If it is assumed that the precipitation of cadmium as
the sulfide by thioacetamide in the pH range below 2 is pre-
ceded by hydrolysis to hydrogen sulfide, as this investiga-
tlon indicates, then the data obtained may be used to cal-
culate the conditions which would be necessary for controlled
homogeneous phase precipitations.

In a solution 0.1 VF in hydrochloric acid, 0.10 VF
in thiocacetamide, and initially 0.01 VF in cadmium salt, the
time required for the hydrolysis to furnish hydrogen sulfide
equivalent to the cadmium present would be five minutes at
9OOC. At lower temperatures the time reguired would be
correspondingly longer.

This type of precipitation, however, does not fulfill
the conditions used for sulfide precipitations made by means
of gaseous hydrogen sulfide since it is general practice to
saturate the solution with the gas at atmospheric pressure;

this provides an aqueous hydrogen sulfide concentration of
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approximately 0.1 VF. Complete hydrolysis of the thio-
acetamide undér the above conditions would not saturate
the solution; furthermore, at 9OOC. the time required for
half the thioacetamide to hydrolyze is calculated to be
thirty-three minutes. This indicates that care should be
exercised in replacing gaseous hydrogen sulfide with thio-
acetamide without careful investigation; especially is this
true where only a '"slight excess" of thioacetamide is added.
Barber and Taylor (32) have stated that "the hydrolysis
is more rapid in an alkaline solution than in an acid solu-
tion of the same strength." It is interesting to note
that in a solution having a pH of 6, and in which the ini-
tial cadmium ion concentration is 0.010 VF and the thio-
acetamide 0.10 VF, the time required for half of the cadmium
to precipitate by the direct reaction 1s less than nine
minutes at 9OOC. In this time and under these conditions
the cadmium sulfide precipitated by the hydrolysis controlled
reaction would be less than 10™° moles. This indicates
that the more rapid precipitation that has been observed
at higher pH values could be caused by the direct reaction
mechanism rather ﬁhan an increase in the rate of hydrolysis.
An investigation of the hydrolysis of thioacetamide in alka-
line solutions 1s now in progress in this laboratory.
The velocity constant for the precipitation of lead
sulfide by thiocacetamide in the pH range 5.1 to 3.5 was
found by Swift and Butler (30) to be 1.15 x 1073 liter?®

1 -
mole 2 minute 1, which is 42% higher than the constant for
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the precipitation of cadmium sulfide in the same pH range.
The concentrdtion of cadmium(II) in a saturated solution

at a given sulfide concentration should be 52% greater than
that of lead(II) in a similar solution (33). There may be
some correlation between this increase in solubility and the
decrease in the veloclity constant. Any such relationship

can only be postulated until further investigations in which
the velocity constants for the rate of precipitation of other

basic cations are determined.
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Part III B

The Effect of Chloride on the Precipitation of Cadmium

Sulfide from Acid Solutions by Thiocacetamide
Introduction

In the experiments discussed in the preceding section
of this thesis, 1t was found that chloride decreased the
rate of the reaction of cadmium(II) with thioacetamide to
form cadmium sulfide in the pH range 3 to 6. This inhibi-
tion could be caused by elther no reaction or by a slower
rate of reaction between the chloride complex and thio-
acetamide. ©Since the inhibition was observed only in the
range in which the direct reaction is predominant, it was
hoped that this study would provide a more satisfactory

explanation of the mechanism of that reaction.
Experimental

Reagents. Thioacetamide solutions, 1.00 VF (volume
formal, formula weights per liter), were prepared from
Bakers Lot No. 1311 Reagent Grade thioacetamide. It was
necessary to filter these solutions in order to remove a
small amount of insoluble material. Because of possible
decomposition, these solutions were not kept for more than
two weeks.

Standard 0.05 VF potassium iodate solution was prepared

by weight. Sodium thiosulfate solutions, 0.05 VF, were
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standardized against this solution.

A 0.10 VF cadmium nitrate solution was used; the initial
cadmiﬁm concentration was determined in each experiment.

The 6 VF hydrochloric acid solution was prepared from
a concentrated acid solution which had been found free of
oxidizing agents.

A Sodium chloride Soluﬁion, 0.50 VF, was prepared from
the Reagent Grade salt by weight; this solution was diluted
as required.

Constant lonic strength was maintained by the addition
of appropriate quantities of a 1.00 VF sodium perchlorate |
sélution which had been prepared by weight from the salt.

The stock sodlum formate-formic acid buffer solutions
were prepared by mixing aliguots of a sodium hydroxide solu-
tion with known volumes of 90% formic acid, and then diluting
the solution to such a volume that the total sodium formate
concentration would be 0.15 VF in each experiment. The
hydrogen ion concentration in these buffers was controlled

by the amount of excess formic acid which was added.

Apparatus. The apparatus used for the experiments at
90°C. was similar to that described by Swift and Butler(30).
Nitrogen was not bubbled through these reaction mixtures.

In the experiments carried out at 2500., the reaction
solutions were placed in ground glass stoppered flasks, then

sealed, and placed 1n a constant temperature bath at

5% + 1

C‘
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Procedure. One hundred milliliters of the reaction
solution were prepared by mixing water and measured quan-
titles of the stock solutions of cadmium nitrate, thio-
acetamide, buffer, sodium chloride and sodium perchlorate.
All these solutions were initially 0.10 VF in thioacetamide,
0.010 VF in cadmium nitrate, and 0.0000S-0.0SO VEF in sodium
chloride. The reaction solution was then placed in a con-
stant temperature bath and samples were removed at timed
intervals. In the experiments at 2500., duplicate 5-ml,
samples were taken at intervals of forty-eight hours.

The method of analysis was that described in the pre-

ceding section of this thesis.
Data and Discussion

Preliminary experiments at 9OOC. indicated that in
solutions having a five-fold formal excess of chloride over
the initial cadmium(II), the rate of formation of cadmium
sulfide was decreased by almost one-half in the hydrogen
lon concentration range in which the direct reaction is
predominant. It was also found that a two-fold formal ex-
cess of chloride over cadmium(II) in the hydrolysis con-
trolled reaction range, pH 1 to 2, did not alter the rate
of precipitation of the sulfide. Since the rate of hydroly-
sis is independent of the cadmium(II) concentration, this
result was as expected.

Quantitative rate measurements were made at hydrogen ion
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concentrations at which the direct reaction is predominant.
The chloride ion concentration was kept lower than 0.05 VR
becauée only the first cadmium chloride complex is formed
in this concentration range at 25°C. (34), and it was
assumed that this is also true at 9000. Most of this study
was done at 9OOC. so that the precipitation would occur at
an easily méasured rate. The results from the preceding
study at this temperature and at 25°C. on the direct reac-
tion of cadmium ion with thiocacetamide were applicable, so
that no additional experiments were needed to determine the
general rate expression for the reaction.

Experiments were made at 2500. to recheck the effect
of the chloride complex on the rate of precipitation. The
equilibrium constants for the cadmium chloride complexes
at 25OC. have been reported (35) so that the composition of
the solution could be calculated. Howevér, the rate of pre-
cipitation of cadmium sulfide was extremely slow and, hence,
difficult to measure accurately. For this reason, the
results obtained at 2500. were used only to confirm those

obtained at the higher temperature.

Discussion. An experimental velocity constant for

each chloride concentration was calculated from the expres-

sion

i
2

~alca(1I))/dt = k3[Cd(II)][CHBCSNHQ]/[H+] (15)
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The value of k3 was calculated from the results of a series
of at least four measurements at each chloride concentration.
It was assumed that k3 is the summation of two velocity
constants; the first is the constant for the reaction of
cadmium ion with thioacetamide, the second is the constant
for the reaction of the cadmium monochloride ion with thio-

acetamide. This can be expressed as
kylCa(11)] = kl[0d++] + xplcacl®l . (16)

The measurements of k3 were made at selected time intervals
such that the ratio of the two cations had not shifted sig-
nificantly; so that k3 would not change.

The calculations at 90°C. will be discussed first. It
was assumed that cadmium monochloride reacted very slowly;
if at all, with thioacetamide to form cadmium sulfide so
that kl is much greater than ke. In the experiments discussed
in the preceding section of this thesis, kl at 9OOC. was

1

- L -+ -
found to be 8.1 x 10 4 liter®mole “min 1, so that, if this

assumption is true, equation 16 may now be written as

4

)

k3[Cd(II)] = 8.1 x 107 '[Cd (17)

The assumption was checked by using the values of k3 fpund at
each chloride concentration to calculate the cadmium ion
concentration, and from this value to calculate an equili-
brium constant for the reaction

cacit = catt + c1” , (18)
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that is, to find K for the equation

(ca™)(c17) _
(cac1™) Lo (1)

K has been calculated in this way at each chloride concen-
tration. The results, shown under the heading Ka in

Table XIII, varied over fifty fold, and the assumption that
the monochloride complex reacts insignificantly appears to
be false,

When k2 is assumed to be significant, it can be calcu-
lated from equations 16 and 19, as is shown in the following
specimen calculations:

Let x be the cadmium monochloride concentration in a
solution which was made 0.0250 VF in chloride, and let y be
the cadmium monochloride coﬁcentration in another solution
which was made 0.050 VF in chloride. Then, 0.010 -x and
0.010-y are the molal cadmium ion concentrations, and
0.0250-x and 0.050-y are the molal chloride concentrations
in the two solutions respectively. From equation 19, the
equality

(0.01-x)(0.025-x) _ (0.01-y)(0.05-y) (20)
X y

is derived; and from the data in Table II plus equation 17,

two more equalities can be formulated;

4) = 8.1 x 10“4(

0.01(4.7 x 10~ 0.01-y) + k, ¥, (21)
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Table XIII

Calculated Equilibrium Constant for the Reaction

cacit = ca™ + c1”

at 90°C. at Various Chloride Concentrations

a b c
cl1™, VF ky x 104 K, Ky,
0.00005 8.0 -— 0.00190
0.00050 7.8 0.00303 0.00183
0.0100 5.8 0.183 0.00205
0.0200 5.1 0.0L99 0.00203
0.0250 5.0 0,0617 0.00199
0.0500 Lo 7 0.0499 - 0.00191

Ave. 0.00196

Initial cadmium(II), 0.01 VF; thioacetamide, 0,10 VF; pH L.O.

Calculated from the expression
_ alea(1)] [Ca(11))[CH;CSNH, ]

Calculated by assuming that kg/kl = [Cd++]/[Cd++]O

Calculated by assuming that k,[CA(II)] = k.[ca*t]+k,[cac1t],
3 1 2

il

where k. is 8.1 x 107", and k, is .6 x 1074

1 2

1 - -1
liter=mole 2Emin .
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0.01(5.0 x 10-4) = 8.1 x 107%(0.01-x) + k, x . (22)

The simultaneous solution of equations 20, 21, and 22 gave
values of x to be 0.0089; y to be 0.00955; and k, to be
4.6 x 107,

Values for the concentrations of cadmium ion and cadmium
monochloride ion were then calculated at each chloride con-

centration by use of equation 16 and the calculated values

for the constants ky and k,, that is

h

kglea(II)] = 8.1 x 10 [catt] + 4.6 x 107 *{cac1t] . (23)

From these.values for K, the equilibrium constant for reac-
tion 18, were obtained at each chloride concentration. The
values obtained are shown under the heading Kb in Table XIITI.
The value for this constant, calculated thusly, varied less
than five per cent over a thousand-fold change in the férmal
chloride concentration.

The value of this constant was checked through extrapo-
lation of the data that has been reported for the complex
at lower temperatures (34,35,36). Extrapolation of data
at 25° and 47.5°C. (34) gave a value of 2.5 x 1073 mole
1iter'1; a value at 0°C. by King (34), plus those reported
by Erikkson (35) and Leden (36) were used to obtain values
of 1.8 x 1073 and 2.2 x 1073 mole liter—l, respectively, at
9OOC. Considering the large temperature changes involved
in this extrapolation, these agree quite well with the value

of 2.0 x 1073 mole liter ' found in this investigation,
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As an additional confirmation that the rate of reac-
tion can be expressed as the summation of the velocity
constants of the two species, cadmium lon, and cadmium mono-
chloride ion, experiments were carried out at 25°C. The
chloride concentrations were varied so that 10, 30, 50,
and 70% of the cadmium(II) would be complexed, according
to the data of Erikkson (35). The value for k, at 05°¢,
calculated from the data discussed in the preceding section
of this thesis, that is, 1.15 x 10—6 1iter% mole'%min_l and

6 1 1

a value of 0.21 x 10°° liter®mole 2min~t for k,, and a value

of 2.86 x 10‘2 1iter"l

for K (35), were used to calculate
values for the experimental velocity constant, k3, at each
chloride concentration. In Table XIV these calculated
values are compared with those obtained experimentally. The
agreement is surprisingly good.

The rate of the reaction of the cadmium ion with thio-
acetamide is apparently faster than that of the uniposi-
tively charged complex. Qualitative tests have indicated
that the higher chloride complexes of cadmium(II) do not
react with thioacetamide to form precipitates immediately.
This would indicate that the uncharged and negative metallic
complexes react even more slowly, if at all, with thio-
acetamide to form the sulfides. Butler and Swift (31),
indeed, noted that no reaction other than hydrolysis occurred

with arsenic(III), which would be present in an anionic form

in solutions where the direct reactions of lead(II) (30), and
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Table XIV

Calculated vs. Experimental Rate of the Precipitation
of Cadmium as Sulfide from Acid Solutions

by Thioacetamide at 25°C.

c1i=, vr k3 X lO6
: a b
Calculated Experimental

0.000 1.15 1.15
0.00417 1.10 1.10
0.0152 1.00 090
0.0336 0.68 0.68
0.0737 0.53 0.53

Initial cadmium, 0,01 VF; thiocacetamide, 0.10 VF; pH [.56.

a
Calculated from the expression
kylca(11)] = i, [ca*™1 + wylcaca™]
1
where ky is 1.15 x 10"6, and k, is 0.21 x 10'6 liter®
-3 . -1 ++ + -2
mole °min. ~, and [Cd "]/[cdC1l’] is 2.86 x 10™° mole
liter T (35).
b

Calculated from the expression

) d[cgéll)] -k, [Cd(IIE]E?E3CSNH2] .
H 2
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cadmium(II) have been observed.

Precipitations of cadmium as the sulfide are not of
primary analytical importance in the pH range in which
chloride slows the rate of the direct reaction with thio-
acetamide. However, the results of this study should be
useful in the evaluation and prediction of the effects of
anions present in the precipitation of other sulfides by
thiocacetamide in the hydrogen lon concentration range in
which the direét reaction predominates. Quantitative studies
of these effects on the rate, and perhaps the use of them
in separations should be of interest in future investiga-

tions.
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Part III C

The Precipitation of Nickel(II) as Sulfide from
Acid Solution and the Separation of Cadmium(II)

and Lead(II) from Nickel(II) by Thioacetamide
Introduction

The work reported in this paper is part of the general
investigation of the use of thiocacetamide as a precipitant
for metal sulfides and as a means for effecting the precip-
itation of sulfides from homogeneous solutions. This
process makes it possible to obtain dense precipitates which
are easlly separated from the solutions.

The mechanisms of the reactions of lead(II),
arsenic(III) and (V), and cadmium(II) with thioacetamlde
and its products of hydrolysis have been the subjects of
previous investigations in this laboratory (30, 31).
Arsenic(III) and (V) were precipitated only in the tripositive
form and by a hydrolysis reaction; that is, the rate of pre-
cipitation was dependent upon the thiocacetamide and hydrogen
ion concentrations each to the first power, and independent
of the cation concentration. Both cadmium(II) and lead(II)
are precipitated at hydrogen ion concentrations greater than
lO"3 M by this hydrolysis reaction. This reaction has been
proposed to consist of the attack of a hydrogen ion upon the
thiocacetamide molecule with the subsequent formation of

hydrogen sulfide as the rate determining step, and then a
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fast reaction of the cation with the hydrogen sulfide to form
the sulfide precipitate. At lower hydrogen ion concentrations
this hydrolysis is replaced by a direct reaction, the rate of
which is first order with respect to both the cation and the
thiocacetamide concentrations, and is inversely half order
with respect to the hydrogen ion concentration.

This investigation of the rate of precipitation of nickel
sulfide by thiocacetamide, in conjunction with the evaluvation
of the separation of cadmium and lead from nickel by the use
of thiocacetamide, should be useful in the evaluation of the
substitution of homogenecus phase precipitation of the sul-
fides by thioacetamide for the conventional hydrogen sulfide

methods.
Experimental

Reagents. Reagent grade chemicals were used throughout
this study. . |

Thioacetamide solutions, 1.00 VF (volume formal, formula
weilghts per liter), were prepared from Arapahoe Lot No. 1402
material. These solubtlons were clear and colorless; however,
they were not kept for more than two weeks.

Solutions of cadmium nitrate, lead nitrate and nickel(II)
nitrate, each 0.100 VF, were prepared by weight.

The perchloric acid and the carbonate-free sodium hydrox-
ide solutlons which were used in this investigation were pre-
pared by conventional methods. The 0.03 VF sodium hydroxide

solution was standardized against potassium hydrogen phthalate.
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Methyl red indicator, 0.0007 VF, was prepared by
dissolving one gm.,of the solid in 500 ml. of ethanol.

A 0.1 VF solution of dimetheylglyoxime was prepared by
dissolving the solid in ethanol. The pH of this solution
was six, and hence satisfactory for its later use.

The hydrogen phthalate-phthalate buffer solutions were
made from equal volumes of a sodium hydroxide solution so
that the concentration of phthalate ion would be constant.
The pH of the buffer was controlled by the amount of potas-
sium hydrogen phthalate that was added. These buffer solu-
tions were then diluted to a given volume in order to form
the stock buffer solutions. It was found that the buffer
concentration did not affect the rate of reaction.

A solution of 0.10 VF sodium nitrate was prepared by
weight and used in order to maintain an initial constant
lonic strength in the reaction solutions in which a buffer

solution was present.

Apparatus. The apparatus used for the quantitative
study of the rate of precilpitation of nickel sulfide was
similar to that described by Swift and Butler (30). Most
of these rate measurements were made at S0 + lOC.

The study of the effectiveness of the separation of
cadmium and lead from nickel was carried out in 15 x 125 mm,
test tubes. These were placed in a one liter water bath

maintained at 90 + 1°C.
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Procedure. Two different procedures were used in this
investigation. For guantitative studies in the pH range
5-7, the solutions were prepared by mixing measured amounts
of the stock solutions of thiocacetamide, nickel nitrate,
buffer, and sodium nitrate in a reaction tube and diluting
the solution to 100 ml. The sodium nitrate was added in
order to attain an initial ionic strength of 0.40. The
reaction tube was then placed in the constant temperature
bath and approximately 12 ml. samples were removed at timed
intervals. These samples were cooled in order to guench the
reaction, and then centrifuged. Duplicate 5.00 ml. portions
of the clear centrifugate were transferred to 15 x 125 mm,
test tubes.

An excess of 6 VF ammonium hydroxide was added to each
sample, and the sample tubes were then placed in a hot water
bath in order to precipitate the nickel as sulfide. A
coarse, easily separated precipitate was formed. The mixture
was cooled and centrifuged. The centrifugate was drawn off
and discarded.

In the qualitative study of the rate of nickel precipi-
tation and its separation from cadmium and lead at low pH
values, 10 ml. of reaction solution were prepared by mixing
measured quantities of thioacetamide, nickel nitrate,
perchloric acid, and, in the separation studies, cadmium. or
lead nitrate, solutions in each test tube. These tubes were
then placed in a constant temperature bath, adjusted to

9OOC. and removed at timed intervals. The reaction was
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guenched by cooling the reaction tube, and the precipitate
gseparated by'centrifuging the mixture. The clear centrifu-
gate was discarded.

In all cases the precipitate was dissolved by the
addition of 1 ml. of ¢ VF perchloric acid and five drops of
6 VF nitric acid and heating the mixture in a hot water bath
until no mofe precipitate dissolved. The mixture was then
heated to fuming over an open flame until all the precipitate
had dissolved. The oxides of nitrogen, which would interfere
with the ensuing determination, were also expelled in this
step. The resulting solution was cooled and then diluted
to 2 ml. with water. Five drops of 0.007 VF methyl red
indicator was added, and the solution adjusted to the methyl
red transition color by the addition of 6 and 0.1 VF sodium
hydroxide and 0.1 VF perchloric acid solutions. Comparison
solutions were used in order to obtain this color more
exactly. An excess of 0.1 VF dimethylglyoxime solution was
added, and the mixture was centrifuged. The flocculent red
precipitate that had formed was settled in this way.

If over two milligrams of nickel was calculated to be
present in this preclpitate, a titration with 0.030 VF sodium
hydroxide solution was made to the methyl red transition
color. The red precipitate interfered with fthe deteétion
of this color, particularly near the end point unless the
mixture was centrifuged at intervals during the titration.
This method of analysis was checked with known guantities of

nickel(II) similar to those which were present in this
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investigation, and the average deviation in the results was
less than one’per cent when comparison solutions were used.
in those cases where less than two mg. of nickel was
calculated to be present, comparison solutions which con-
tained known amounts of nickel(II) as the nickel dimethyl-
glyoxime precipitate were used to make gqualitative estima-
tions of the amount of nickel in the samples. In determi-
nations that were made with known amounts of nickel(II), and
also quantities of lead(II) and cadmium(II) present‘similar
to those in the studies, this estimation was superior in
reproducibility and accuracy to the base titration if less
than two mg. of nickel was present. These estimations with
known gquantities were well within ten per cent of the known

value.
Data and Discussion

Rate of Nickel Sulfide Formation. In preliminary

gualitative measurements, no formation of nickel sulfide was
observed at QOOC. in solutions 0.01 VF in nickel(II) and

0.10 VF in thioacetamide in the hydrogen ion concentration
range 0.3-0.01 VF. If the hydrolysis reaction caused pre-
cipitation at pH 1, calculations indicate that all thernickel
present would have precipitated within ten minutes under the

above conditions.
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Quantitative Studies of the Rate of Precipitation.

Quantitative measurements of the rate of precipitation were
made in the pH range 5.0-7.1 at S0°C. At these hydrogen ion
concentrations the precipitation took place at a conveniently
measurable rate, and the results of this investigation could
be conveniently compared with those found for the elements
that have been previously studied.

The effects of the nickel(II), the thioacetamide, and
the hydrogen ion concentrations upon the rate of precipita-
tion were evaluated in order to determine the rate expres-

sion and to calculate a velocity constant.

Effect of the Nickel(II) Concentration. As is shown

in Figure 6, the plots of the logarithm of the nickel(II)
concenfration versus the reaction time at various hydrogen
ion concentrations were linear; thus 1t appears that the
precipitation reaction is first order with respect to the

nickel(II) concentration at 20°C.

Effect of the Thiocacetamide Concentration. Table XV

is a tabulation of the data from a series of experiments
which were made to determine the effect of thiocacetamide
upon the reaction rate. In the range of eoncentrations
studied, 0.050 to C.30 VF in thiocacetamide, the rate of

reaction was first order with respect to the thiocacetamide.

Effect of the Hydrogen Ion Concentration. The effect

of the hydrogen ion concentration was studied guantitatively
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Table XV

Effect of Thiocacetamide on the

Precipitation of Nickel

(CH,OSNH,), Vi Ky : Kk, x 104 °
(liter%mole'%min.'l)
0.050 00,0177 2.25
0.100 0.0342 2.21
0.150 0.0553 2.31
04200 0.0733 2431
0.250¢ 0.077L 2.19
0.300 0.1068 2,26

Average (2.25+0.05) x 10'4

Initially 0.010 Vi in nickel(II); pH 6.l4; 90°C.

a
Calculated from the expression

24D oy fwa(11)]

dt

o Calculated from the expression
o u(End [Ni(II)][CH3CSNH2]
at 2 : [H+]—2—

c
Measurements at pH 6.3.
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over the range from 1 x ZLO_5 to 10-7 VF. Haring and
Westfall (37) reported that quantitative precipitation of
nickél as sulfide 1s possible in this pH range with hydro-
gen sulfide. Nitrogen was bubbled through the reaction
solution in some experiments in order to eliminate this
type of precipitation. The rate of precipitation was un-
changed and there was no evidence of precipitation through
hydrolysis of thioacetamide. The data from this study are
given in Table XVI and showed that the reaction has an in-
verse half order dependency upon the hydrogen ion concentra-
tion.

This investigation demonstrated that the precipitation
under the conditions that were guantitatively studied is by
a direct reaction similar to those reported for lead (30)
and cadmium at pH values greater than 3. This direct reac-
tion 1s first order with respect to both the cation,
nickel(II), and thioacetamide concentrations, and is in-
versely half order with respect to the hydrogen ion concen-

tration; that is

1
2

~a[Ni(II)]/dt =k [Ni(II)][CH3CSNH2]/[H+] , (24)

where the velocity conmstant, k, is 2.2 x 107 at 90°C.

The Energy of Activation. The velocity constant for this

direct reaction was determined at 700 and 8OOC. in order to

calculate the energy of activation. The constants were
- i 21 -
8.95 x lO"5 and 1.45 x 10 4 liter®mole °min. l, respectively.



-90-

Table XVI

Effect of Hydrogen Ion on the Precipitation

of Nickel by Thiocacetamide

a o b
pH kl k2 x 10~
Tel 0,078 2.21
6.5 0.039 2.23
6.4 0.03L 2.21
6.2 0.029 2.30
5.0 0.006 2.1

Average (2.22+0.05) x 1072

Initially 0.01 VF in nickel(II); 0.10 VF in thiocacetamide;

90°c¢,

a
Calculated from the expression

i} Qlﬂééllll =k [Ni(II)] .

b Calculated from the exXxpression

a[Ni(1I)] _ [Ni(II)]
_alman) _, n)

()2



-Q1-

-

From these values and that determined at 9OOC., the energy
of activatioh was calculated to be 20.8 + 0.8 kecal. per
mole. This 1s approximately the same as the value calcu-
lated for cadmium, and indicates that the two reactlons are

gquite similar.

Qualitative Measurements of the Precipitation. The

direct reaction has not been observed at pH 1 and 2 in pre-
vious investigations with thioacetamide because any such
reaction would be masked by the predominant hydrolysis.reac—
tion. However, since the hydrolysis reaction did not cause
precipitation of nickel(II), a check for the direct reac-
tion was made at-these hydrogen ion concentrations,

It was found that no precipitate was formed when a
solution 0.040 VF in nickel(II) at pH 1 or 2 was saturated
with hydrogen sulfide and maintained at 9OOC. for one hour.
When solutions 0.040 VF in nickel(II) and 0.40 VF in thio-
acetamide at the same pH values were maintained at QOOC.,
nickel sulfide was slowly formed, In other cases when
hydrogen sulfide was added to the above solutions, no change
was observed in the rate of precipitation. Comparisons of
the amount of nickel(II) found in the precipitates and that
calculated by expression 24 are given in Table XVII. The
“agreement is well within the limits of the accuracy of the
estimation. Experiments in which cadmium or lead sulfide
was present showed that these did not alter the rate of

nickel sulfide precipitation. It was concluded that the
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Table XVII

Experimental vs. Calculated Weight of Nickel
Sulfide Formed by Direct Reaction at pH 1

and 2 at 90°C.

Time (Min.) Mg. Nickel Precipitated as NiS
Found Calculated
pH 1
5 0.0L 0.0l
12 0,15 0.09
pH 2
12 0.16 0.24
o, | 0.46 0.48
28 0.58 0.56
60 1.35 1.2
120 2.15 2el

Initially 0.04 VF Ni(N03)2; 0.40 vF CHBCSNHa.

a
Calculated from the expression

_alNi(In)] _ 5 5 4 10t [ Ni(II)]ECH3CSNH2]
o THE
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direct reaction occurred at these hydrogen ilon concentra-
tions,

Nickel sulfide, according to Haring and Westfall (37),
does not precipitate from solutions saturated with hydrogen
gulfide at pH 1, 1In general, nickel sulfide does not dis-
solve readily in solutions 1 N in cold hydrochloric acid (38).
This phenomenon is usually attributed to the existence of
several allotropic forms of nickel sulfide. Ringhom (39)
reports three such forms, «, 5, and &, with solubility pro-

2h  ana 2 x 10776

ducts of 3 x 10“19, 1 x 107 , respectively.
The more soluble forms evidently precipitate from hydrogen
sulfide solutions and then change into the less soluble
type. Swift (38) reports that this transformation seems to
be favored by heat and by acid.

It is also possible that the phenomenon may be explained
by a slow rate of solution. Such an explanation would mean
that if sufficient time were allowed, the sulfide would re-
dissolve. It was necessary in this study to use both an
acid and an oxidizing agent to dissolve the nickel sulfide
that had precilpitated.

It was believed that the alfbrm of nickel sulfide was
fformed by the direct reaction. This would explain the pre-
cipitation at pH 1 and 2 that has not been observed with
hydrogen sulfide.

Qualitative observations were also made in 50 ml, of a

solution 0.4 VF in nickel(II), 0.40 VF in thioacetamide, and

0.3 VF in perchloric acid. At this hydrogen ion concentra-
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tion the thioacetamide concentration is reduced very rapidly
by hydrolysis; in fact, 1t is reduced to one-half the ini-
tial concentration within ten minutes. The calculated rate
of the direct reaction is approximately half that at pH 1
under the same initial conditions, so that no guantitative
measurements were made. The estimated quantity of nickel
precipitated under these conditions in twenty minutes was
7 mg., which is close to the calculated value of 5 mg.

Further experiments showed that chloride ion, in con-
centrations up to 0.6 VF, had no effect upon the rate of the
direct reaction. This indicates that nickel(II) does not
form a stable chloride complex in agueous solution, since
chloride inhibited the direct reaction of cadmium.

An empirical correlation between the velocity constants
for the direct reactions and the soclubility products for
the sulfides of lead(II), cadmium(II), and nickel(II) has
been found. Many conflicting values for the solubility
products have been reported, so that only one source,
Ringhom (3¢), was used for this comparison. Ringhom has
listed the various values that he found in the literature
and reported the probable value fof the solubility product
of each sulfide from considerations of L;FO for formation
of the metal sulfide, hydrogen sulfide, and the metallic
cation.

The correlation can be shown by the emplrical relation

Kx 1093 = 1.0k + 24.2 x 107" (25)
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where K is the solubility product constant at 2500., and k

18 the direct reaction constant at 9OOC. The reported values
of K, and the values calculated in this way are compared in
Table XVIII, Perhaps a more understandable type of correla-
tion is that obtained by the ratio of the change in the
direct reaction to the change in the solubility constant.
This ratio averages -0.55 x 10-23, which would indicate that
the solubility product decreases at approximately twice the
rate that the rate of the direct reaction increases. Any
such relationship can only be postulated until more data are

available.

The Separation of Cadmium(II) and Lead(II) from Nickel(II).

In most conventional schemes of analysls lead and cadmium are
separéted as members of the Hydrogen Sulfide Group from the
other common elements, such as nickel, by precipitation from
solutions which are saturated with hydrogen sulfide and in
which the hydrogen ion concentration is usually about 0.1 to
0.3 molal. For quantitative purposes this separation can be
made with the hydrogen lon concentration as low as 10_2 molal
in the absence of zinc.

The effectiveness of the separation of cadmium(II) and
lead(II) from nickel(II) by the precipitation of the sulfides
of the first two cations from thiocacetamide solutions was
checked by varying the concentratiqns of the constituents
in the separations. The studies of the formation of lead and

cadmium sulfides (30) have shown that the rate of sulfide
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Table XVIII

Correlation of Velocity Constant for the Direct Reaction

Catilon

From Ringbom,

b

and the Solubility Constant

k x 104 K x 1027

a k)
Reported Calculated’

11.5 2.5 2.2
8.1 8 8.8
2.2 20 20

The Solubilities of the Sulfides (39).

Calculated by the equation

K x 1023 = 1.9k + 2L.2 x 1074
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formation in thioacetamide solutions at hydrogen ion concen-
trations of 0.010 and 0.100 VF is primarily governed by the
hydrolysis, and 1s independent of the oation‘concentration.
The rate of the formation of these sulfides at 9OOC. and at
these hydrogen ion concentrations can be calculated from the

expression

d[M(I1)] o1 [gT
- dMD] _ooo1 (mt)cngosmm,) (26)

where M(II) is the concentration of the cation,

Nickel(II), as has been shown above, does not precipi-
tate at a rate controlled by this reaction. The expected
rate of its sulfide precipitation can be calculated from
expression 24, if it is assumed that no coprecipitation
occurs.

In this investigation the thiocacetamilide concentration was
varied from 0.10 to 0.40 VF. At the latter concentration pre-
cipitation of all the cations was faster and the rapid for-
mation of hydrogen sulfide by hydrolysis could be utilized
in order to simulate the conditions of a hydrogen sulfide
type of separation.

The lead(II), cadmium(II), and nickel(II) concentrations
were alsc varied in order to find the effect of each ubon the
separation.

The initial experiments were carried out at pH 2 so that
the direct reaction of nickel would be faster, and hence

more convenlently measured than at the lower pH values. At
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pH 2 the rate of precipitation of nickel should be three
times as fast as at pH 1 under the same conditilons.

Data tabulated in Table XIX show that the amount of
nickel sulfide formed is not a function of the type of
cation present. The agreement between the amounts of nickel
sulfide formed, and the quantities calculated by expression 24
is good.

In Table XX it 1s shown that the quantity of nickel
sulfide formed is independent of the concentration of the
other cation, and, in conjunction with the data in Table XIX,
i1t is shown that the formation of nickel sulfide is first
order with respect to the nickel(II) concentration. In order
to verify these results, reaction tubes containing nickel
and cadmium, or lead, were treated simultaneously in order
to insure that both the reactions and the analytical deter-
minations were done under the same conditions. The data,
which is tabulated in Table XXI, showed that the reaction
at this pH to form nickel sulfide corresponds to the direct
reaction of expression 24, and that the foreign cation did
not affect the rate of this reaction,

Data were also taken at pH 1, which is a more practi-
cal hydrogen ion concentration than pH 2 to use in analytical
separations of this type because the rate of the precipita-
tion of cadmium and lead as sulfides is faster by a factor
of ten, and the rate of the direct reaction to form the
nickel sulfide precipitate 1is slower. 1In Table XXII the

data from a series of these experiments at pH 1 are given.
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Table XIX

Precipitation of Nickel Sulfide in the Separation

of Lead and Cadmium from Nickel at pH 2

Time (Min.,) Ni(II) precipitated as NiS (mg.)
A.B B.b c.°
L 0.09 0.09 0.08
8 0.14 0.16 0.16
12 0.21 0.25 0.2l
16 0.29 0.31 0.32
20 0,140 0.38 0.140
2l 0.7 0417 0.48
28 0.54 0.60 0.56
60 1.3 1.1 1.2
90 1.5 1.5 1.6
120 2.2 2.0 2.1

Initially 0.40 VF thiocacetamide; 20 mg. nickel(II), 90°C.

a
Initially 11 mg. C4(IT).

b
Initially 21 mg. Pb(II).

c
Calculated from the expression
[Ni(1I)][cH

. 3
_alNi(II)] _ 0.0 x 10~

dt [H+]~2—

CSNH2]
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Table XX

Precivpitation of Nickel Sulfide at pH 2

Time (Min.) Ni(II) precipitated as NiS (mg.)
a b d e c
A B D E C
N 0.0l 0.0l 0.06 0406 0,04
8 0.06 0.07 0,10 0,08 0.08
12 0.12 0,10 0.12 0.10 0.12
16 0.15 0.13 0.18 0.16 0.16
20 0.19 0.16 0.23 0.21 0,20
2l 0.23 0.19 0.26 0.25 0.24
28 -—— 0.2l 0,30 0.30 0.28

Initially 0.40 VF thioacetamide; 10 mg. nickel(II), 90°C.
a
Initially 11 mg. CA{II).

b.
Initially 22 mg. Cd(II).

d
Initially 21 mg. Pb(V).

e
Initially L2 mg. Pb(II).

c
‘Calculated from the expression

_alNi(In)] |y, 107k [Ni(II)][?HBCSNHQJ
e | THE
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Table XXI

Precipitation of Nickel Sulfide at pH 2 in the
Separation of Nickel from Lead and Cadmium

Under Similar Conditions

Time (Min.) Nickel precipitated as nickel sulfide (mg.)
a b c
A. B. C.
5 0.08 0.09 0.10
10 0.18 0.18 0.20
15 0.30 0.30 0.30
20 0.45 0.40 0.440

Initially 0.0 VF thioacetamide; 20 mg. nickel(II); 90°C.
a
Initially 11 mg. CA(II).

b
Initially 21 mg. Pb(II).

C .
Calculated from the expression

_alMi(ID] _ 5 4 10°d [N1(II)][CH,CSNH,]
a R GE
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Table XXIT

Precipifation of Nickel Sulfide at pH 1 in the

Separation of Cadmium and Lead from Nickel

Time {(Min.) Nickel precipitated as nickel sulfide (mg.)
a b c
A B. C.

2 0.02 0.02 0.01
L 0.03 0.05 0.03
6 0.05 0.08 0.0k
8 0.07 0.11 0.05
10 0.08 0.13 0.07
12 0.1k 0.15 0.09

Initially 0.40 VF thioacetamide; 20 mg. nickel(II); 90°C.

a
Initially 11 mg. CdA(II).

b
Initially 21 mg. Pb(II).

c
Calculated from the expression

_ali(ID] |5 5 107% [Ni(II)][CH3CSNH2]
dt .
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It should be noted that some precipitation occurred during
the heating of the solutions to 9OOC.; since no correction
has been made for this in the data, the change in the weight
of the nickel in the precipitate 1s more indicative that the
rate of formation of nickel sulfide is controlled by the
direct reaction than the untreated data. The results of
subsequent experiments, shown in Table XXIII, in which the
two separations were performed simultaneously as was done
previously at pH 2, agree excellently with those values cal-
culated by expression 24,

It should be noted that the precipitation of nickel
sulfide observed in this study is not coprecipitation, but

is due strictly to chemical precipitation.

Analytical Application., This investigation has shown

that the hydrogen ion concentration is of primary importance
in the separation of cadmium(II) and lead(II) from nickel(II)
by sulfide precipitations from thiloacetamide solutions. In
order to illustrate how effective such a separation can be
made, the following conditions have been assumed.

In 250 ml, of solution initially 0.1 VF in thioacetamide
and 0,10 VF in hydrogen ion, and containing 250 mg. each of
cadmium(II) and nickel(II), at 90°C., it is calculated that
the cadmium(II) would be precipitated quantitatively within
ten minutes. In this time less than 0.25 mg. of nickel sul-

fide would be precipitated, according to the calculations

made on the basis of the direct reaction. A similar set of
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Table XXITT

Precipitation of Nickel Sulfide at pH 1 in the
Separation of Nickel from Lead and Cadmium

Under Identical Conditions

Time (Min.) Nickel precipitated as nickel sulfide {(mg.)
a b c
A, B. C.
5 0.0l 0,0l 0.03
10 0.07 0,07 0.06
15 0.11 0.11 0.10
20 0.15 0.15 0.13

Initially 0.L0 VF thioacetamide; 20 mg. nickel{II); 90°C.

a
Initially 11 mg. CdA(II).

b
Initially 21 mg. Pb(II).

c
Calculated from the expression

CANL(IT)] | 5 10°H [Ni(II)][?H3CSNH2]
dt [H+]§
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conditions is adeguate for considering the effectiveness of
the separation of lead from nickel. These have been checked
with solutions containing 10 mg. of either lead or cadmium
and 10 mg. of nickel in ten ml. of solution. The results,
shown in Table XXIV, are in close agreement with the calcu-
lated values.

Decreasing the concentration of cadmium(II) or lead(II)
would, of course, decrease the amount of time required for
quantitative precipitation, and thus the amount of nickel
sulfide contaminant. A decrease in the amount of nickel(II)
wlll decrease the rate of the direct reaction, and therefore,
the amount of contamination proportionately.

At pH 2 the above solution would reguire almost one
hundred minutes for gquantitative precipitation of the cad-
mium(II). In this time over 6 mg. of nickel(II) will pre-
cipitate. Therefore the separation should be carried out at
the lower pH, in consideration for the time involved and
of the effectiveness of the separation.

This investigation has demonstrated the need for caution
in the substitution of thiocacetamide for hydrogen sulfide
in analytical separations. It is‘hoped that further investi-

gations will be made into other similar procedures.
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Table XXIV

Effectiveness of the Separation of Cadmium(II)

and Lead(Il) from Nickel(II) at pH 1

Time (Min.) - WNickel precipitated as nickel sulfide
a b c
A, B, C.
5 0.01 0.01 0400l
d

10 0.02 0.02 0.01

15 0.0k 0.0l 0.015

20 0.08 0.05 0.02

Initially 0.10 VF thioacetamide; 10 mg. Wi(II); 10 ml; 90°C.

a
Tnitially 10 mg. CA(II).

b
Initially 10 mg. Pb(II).

c
Calculated from the expression

_alNi(ID)) _ 5 5 4 107k [Ni(II)][CH3CSNH2]
at e

d
Precipitation of cadmium and lead complete.
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Part III D

Precipitation of Zinec Sulfide from Acid Solutions

by Thiloacetamide
Introduction

This investigation is an extension of the general study
of the precipitation of metal sulfides by thioacetamide to
include zinc(II). 1In previous investigations the mechanisms
of the reactions of lead(II) (30), arsenic(III) and (V) (31),
cadmium(II), and nickel(II) have been studied in this labora-
tery. The separation of cadmium(II) and lead(II) from
nickel(II) by means of homogeneous phase precipitation in
acid solutions of thiocacetamide was discussed in the preced—‘
ing section of this thesis.

The precipitation of zine(II) by thioacetamide is of
particular interest because of the results of the previous
investigations. In solutions having pH values less than
three, it has been found that lead(II) (30) and cadmium(II)
sulfides precipitate at 90°C. through the hydrolysis of
thioacetamide; that is, the rate of precipitation quanti-
tatively follows the rate of hydrolysis of thioacetamide,
which 1s first order with respect to both the thioacetamide
and hydrogen lon concentrations. Lead(II) and cadmium(II)
sulfides precipitate primarily by a direct reaction at 9OOC.
in solutions having pH values from 3 to 7; that is, the pre-

cipitation 1is first order with respect to both the thio-



~108-

acetamilde gnd metallic cation concentrations and inversely
half order with respect to the hydrogen lon concentration.
Nickél sulfide does not precipitate in solutions saturated
with hydrogen sulfide at pH 1 or 2 (37), and no hydrolysis
precipitation was observed at 9OOC. with nickel(II) in
thioacetamide solutions. The direct reaction of nickel(II)

7

was observed in solutions 0.3 to 10" ' M in hydrogen ion.

The transition between the hydrolysis and direct mechan-
isms of sﬁlfide precipitation has been at approximately pH 3
in solutions 0.01 VF in lead(II) or cadmium(II) and 0.10 VF
in thiocacetamide at QOOC. This is about at the pH range
(2-3) reported by Fales and Ware (40) as most favorable for
gquantitative precipitationof zinc sulfide from soluﬁions
which contain hydrogen sulfide. It 1s, therefore, of con-
siderable interest to determine the mechanisms of zinc

sulfide precipitation from solutions which contain thio-

acetamide in this pH range.
Experimental

Reagents. Reagent grade chemicals were used throughout
this investigation.

Arapahoe thiocacetamide, Lot No. 1402, was used to pre-
pare 1.00 VF stock solutions by weight. These freshly
prepared solutlons were clear, colorless, and approximately
the pH of the distilled water that was used in thelr prepara-
tion.

Stock solutions of 0,10 VF zinc nltrate, which was
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later standardized, of 0.10 VF lead nitrate, and of 3.0 VF
ammonium chlbride'were;prepared by weight.

Hydrochloric acld solutions, 3.0 and 6 VF, prepared
from the concentrated acid, were found free from oxidizing
agents. Both 1.0 and 0.10 VF perchloric acid solutions
were prepared from the commercial acid.

Standafd 0.05 VF potassium iocdate solution was pre-
pared by weight. Sodium thiosulfate solutions, approximately
0.05 VF, Were standardized against the potassium iodate solu-
tion.

The following solutions were prepared for use 1in the
colorimetric determination of zinc(II):

A 0.001% (weight/volume) dithizone solution was pre-
pared in carbon tetrachloride.

An acetate buffer solution, pH 4.8, was made by mixing
equal volumes of 2 VF sodium acetate and 2 VF acetic acid.

A sodium thiosulfate solution was prepared by dis-
solving 25 g. of the hydrated salt in 100 ml. of water.

Standard zinc(II) solutions were prepared by dilution
of the stock 0.10 VF zinc nitrate solution that had been
previously standardized. |

For the study of the rate of precipitation of zinc(II)
in the pH range 3 to 7, sodium formate-formic acid buffer
solutions were prepared from sodium hydroxide and 90% formlc
acid solutions. These buffer solutions, which contained
a constant sodium formate concentration, were prepared by

mixing various quantities of formic acid with egual volumes
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of a 6 VF sodium hydroxide solution and then diluting each

solution to the same final volume.

Apparatus. The apparatus used for the study of the
mechanisms of the precipitation of zinc sulfilde was essen-
tially that described by Swift and Butler (30). In the
study of the separation of lead(II) from zinc(II) solutions

15 x 25 mm. test tubes which contained the reaction solutions

were immersed in a constant temperature bath.

Procedures. In the rate studies, measured volumes of

the stoék zine nitrate and hydrochloric, or perchloric

acld, or the sodium formate-formic acid buffer solutions
were mixed and diluted to iOO mi. in the reaction tube. The
reaction tube was then placed in the constant temperature
bath.

At timed intervals approximately 12 ml. of solution
were removed from the reaction tube, immediately cooled to
guench the reaction, and centrifuged to coagulate any zinc
sulfide. Duplicate 5.00 ml. portions of each sample were
pipetted from the clear centrifugate into 15 x 125 mm. test
tubes.

An excess of ammonium hydroxide was added to each test
tube, and the solutions were placed in a bath of hot water
in order to speed precipitation. The mixtures were cooled,
centrifuged, and the centrifugate drawn off and discarded.

The precipitate was washed with 2 ml. portions of pH 5.4
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sodium formate-formic acid buffer until the wash solution
was free of zinc(II). The precipitate was washed into a
100 ﬁl. conical flask; then potassium iodide, standard
potassium iodate solution, and 6 VF hydrochloric acid were
added in the order listed. The solution was titrated with
standard sodium thiosulfate.

In confirmatory analyses of the zine nitrate solution
by the procedure outlined above, the average deviation was
less thah one part per hundred. The procedure was adopted
for the measurement of the rate of precipitation in the pH
range 2 to 7.

A colorimetric method was used to determine the‘quanti—
ties of zine that precipitated with the lead sulfide in
the study of the separation of lead(II) from zinc(II) when
either thioacetamide or hydrogen sulfide were used as a
precipitant. Reactlon solutions were prepared by mixing
measured guantities of zine(II), lead(II), hydrochloric
acid, and ammonium chloride solutions in 15 x 125 mm. test
tubes. Water and hydrogen sulfide gas were added to some
solutiong; thicacetamide was added to others. The test
tubes were placed in a bath at <O + lOC. for timed inter-
vals, and then cooled in an ice bath. After centrifugation,
the precipitate was washed with 2 ml. portions of pH 5.4
buffer until the wash solution was free of zinc(II), and
then dissolved in a mixture of perchloric and nitric acids.

The solution was diluted to 100 ml. in a volumetric

flask, and one ml. samples were used for the colorimetric
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determination of zinc(II) by means of dithizone reagent as
described by’Sandell (41). The sample of unknown was diluted
to 10 ml. in a separatory funnel; 5 ml. of acetate buffer
were added to adjust the pH; and 1.00 ml. of the sodium
thiosulfate solution was added in order to complex the
lead(II). This solution was shaken with 5.0 ml. of the di-
thizone solution. The colored carbon tetrachloride phase

was run into a Klett test tube and the transmittancy of the
solution was determined in a Klett-Summerson photoelectric
colorimeter equipped with a green filter.

Solutions which contained known amounts of zinc(II)
and lead(II) were used in order to obtain a standardization
curve for this method. The procedufe was adopted for the
estimation of the quantity of zinc(II) that precipitated

with lead(II) in the sulfide separations.
Data and Discussion

In gqualitative experiments it was found that the initial
rate of formation of zinc sulfide from thioacetamide solu-
tions increased with pH in the pH range 1 to 7. In solu-
tions at pH 1 and 2 the rate of sulfide formation at QOOC.

increased rapidly after from six to eight minutes.

The Precipitation by the Hydrolysis Reaction. @Quanti-

tative measurements of the rate of precipitation were made
at pH 1 and 2 at ¢0°C. in solutions initially 0.10 VF in

thioacetamide and 0.01 VF in zinc(II). The measurements
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indicated‘that the sulfide precipitated by the hydrolysis
mechanism, that is, that the rate of precipitation was inde-
pendént of the zinc(II) concentration and first order with
respect to both the hydrogen ion and the thiocacetamide con-
centrations. The velocity constant for fthe expression

_ QLZg%EEll. - k[H+][CH3CSNH2] (27)

was 0.21 liter mole—1 at 9OOC. This is the same expression
as that found for lead(II) (30) and cadmium(II) at these
hydrocgen ion concentrations. In this case, however, there
was an initial interval in which the zinc(II) did not pre-
cipitate; evidently the hydrogen sulfide concentration was at
a certain level before'précipitation ocecurred.

In solutions 0.3 M in hydrogen ion, 0.6 M in chloride
ion, and 0.04 M in zinc(II), no observable precipitation
occurred within one hour at 9OOC. when either hydrogen sul-

fide or thiocacetamide was present.

The Precipitation by the Direct Reaction. Formic acild-

sodium formate buffer solutions were used toc control the
hydrogen ion concentration in solutions in the pH range
6.3 to 4.5. 1In this range it was possible to study the
effects of the hydrogen ion, zinc ion, and thioacetamide

upon the rate of precipitation.
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Effect of Zinc Ion Concentration. The plots of the

logarithm of the zinc lon concentration against time for
the pH range 6.3 to 4.5 were linear as is shown in Figure 7.
It was concluded that the reaction is first order with re-

spect to the zinc ion concentration.

Effect of the Hydrogen Ion Concentration. The range of

hydrogen ion concentrations considered in the study of the
rate of precipitation was from 3.2 X 1073 to 5 x 1077 vu.

Rate constants calculated from this datm are tabulated in
Table XXV, and show that the rate of precipifation is de-
pendent upon the inverse half power of the hydrogen ion con-
centration. This dependency upon hydrogen ion is the same

as that reported in the previous investigations of cadmium(II)
and lead(II) (30).

Rate measurements were made in solutions 3.2 X 10‘3 VM
in hydrogen ion while nitrogen was bubbled through the solu-
tion to prevent any reaction of zinc(II) with the hydrogen
sulfide formed by hydrolysls of thioacetamide at this pH. The
expression for the rate of preciplitation conformed to that
found in the pH range 6.3 to 4.5. Qualitative experiments
at pH 1, in which nitrogen was bubbled through the reactlon

solution, indicated that precipitation by the same reaction

occurred.

Effect of Thiocacetamide Concentration. The effect of

the thioacetamide concentration was Investigated over the

range of thioacetamlde concentrations from 0.05 to 0.03 VF
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Table XV

Effect of Hydrogen Ion Concentration upon the Rate of

Precipitation of Zinc Sulfide at 90°C.

Initial zine(II), 0.011 VF; thioacetamide, 0.10 VF.

(1% K, x 108 : k, x 10LL °
3.0 x 1072 200 L3
2.8 x 1070 21 4a0
4.0 x 1070 8 I3
2.0 x 1070 6 L.2
5.0 x 10~ 3 .2

Ave. = (4.2 + 0.1) x 1077

a
Calculated from the expression

~d[zn(11)1/dt =k [Z?Ig? ]

b
Calculated from the expression

L
2

-alZn(II)1/dt = ky [20(11)]/[H"]
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at pH 5.7.‘ Rate constants from the data obtained are given
in Table XXVi; these show that the rate of precipitation is
dependent upon the thioacetamide concentration to the first
power.

Therefore, 1t has been shown that the precipitation of
zinc(II) by thioacetamide is by a mechanism similar to that
found for cadmium, lead, and nickel at pH values greater
than 3. Precipitation is by the so-called direct reaction;
that is, a reaction that is first order with respect to
both the thiocacetamide and the zinc(II) concentrations, and
is inversely half order with respect to the hydrogen ilon
concentration. The rate of precipitation corresponds to

the expression

-d[2Zn(I1)]/d t = k[Zn(II)][CHSCSNHE]/[H+]% (28)

I . 1 1

where k is 4.2 x 1077 literZmole 2min "~ at 90°C.

Temperature Effect on the Direct Reactilon. The rates

of the direct reaction in solutions initially 0.01 VF in
zinc nitrate and 0.10 VF in thioacetamide at pH 5.70 were
determined at 700, 800, and 9OOC. The energy of activation,
calculated from the slope of a plet of the logarithm of the
rate vs. 1/T, was 20.1 + 0.8 kcal./mole. This value is
similar to those previously reported in this thesis for the
direct reactions of cadmium(II) and nickel(II), which were
both 20.8 kecal./mole. Evidently the energy of activation is

equivalent for these reactions.
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Table XXVI

Effect of Thiocacetamide Concentration Upon the Rate of

Precipitation of 4Zinc Sulfide at 90%C.

Initial zinc(II)j, 0,011 Vi'; hydrogen ion, 2.0 X 10"6 N

‘ . oa | b
(CH,CSIL ) k, x 10° x, = 10t
Moles/liter

0.0SO 201 L‘:—.Z

0.100 Li.2 .2

0.200 8.1y Li.2

0.300 13.2 Ll

a
Calculated from the expression

3
2

-alZn(I1)1/dt = & [Zn(II)1/[H"] .

b
Calculated from the expression

-alZn(11)]1/dt = kz[zlq(u)][CH3CSNH2]/[H+]%
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Correlation of the Velocity Constants of the Direct

Reactions. ‘In the preceding section of this thesis it was
showﬁ that the solubillity product constants of the sulfides
and the velocity constants for the direct reaction in the
cases of nickel(II), cadmium(II), and lead(II) could be

correlated by the emperical equation

4 (29)

K x 1023 = -1.9 k + 24.2 x 10~

where K is the solubility product constant, and k is the
velocity constant for the direct reaction. If the solubility
product constant for the most 1nsoluble form of zinec sulfide,

-2
o) 24 (39), is used to solve equation 29,

sphalerite, 1.5 x 1
a value of 0.08 is calculated for k. It is obvious that the
correlation can not be extended to include zinc(II).

A correlation between the radii of the cations and

the velocity constants was obtalned by plotting the radlii as

a function of the velocity constants. The empirical equation
r = 600 k + 0.52 , (30)

where r 1s the radius 1n angstroms, and k is the constant
for the direct reaction, fits the-data. The values of r
reported by Pauling (42) are compared with those calculated
by this equation in Table XXVII. The agreement is surpris-
ingly good. It should be obvious that this correlation is
not due to any properties of the direct react; it is only

an interesting side light.
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Table XXVII
Correlation of Cation Size and Velocity Constant

0
Cation Size (4)
a

Cation k x 10u Calculated " Reported (L.2)
Pb t+ 11.5 1.18 1.21
++ )
cd 8.1 1.00 0.97
+ . . -
Zn " L2 0.77 0.7k
Ni*t 2.1 0.6l 0.69

Calculated from the equation
r = 600 k + 0.52,
where r 1is the radius in angstrom, and k is the velocity

constant for the direct reaction at 90°C.
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Separation of Lead(II) from Zinc(II). Using the value

-0 )
1 x iLO“LL for the solubllity product of zinc sulfide, 1t is

calculated that, in order to hold 100 mg. of zinc in 100 ml.
of solution saturated with hydrogen sulfide, the hydrogen
ion concentration must be greater tpan épproximately o4 M
Experimentally more than 250 mg. of zinc were held in 100 ml.
of a solution 0.3 M in hydrogen ion and 0.6 M in chloride
for over one hour at QOOC. when the solution initially con-
tained either thiocacetamlide or hydrogen sulfide.

At a pH of 1.2 precipitation of zinc sulfide has been
reported (40) in hydrogen sulfide solutions, and was found
in this study to occur in thicacetamide solutions by the
hydrolysis mechanism at both pH 1 and 2.

A series of experiments was made to determine whether
thioacetamide can be substituted for hydrogen sulfide in
the separation of lead(II) from zinc(II) without modifica-
tion of procedure. Because zinc sulfide would form at pH 1
in either case, these experiments were made in solufions
0.3 M in hydrogen ion and 0.6 M in chloride., It was found,
as shown by the data in Table XXVIII, that the separation
is as effective with thioacetamide as with hydrogen sulfide.
Therefore, the separation by thiocacetamide differs from
that of the classical hydrogen sulfide Separation only in
that the gas is generated by hydrolysis of thioacetamilde
within the solution,thus eliminating the need for equipment
for gas generation. The precipitation of zinc sulfide by

the direct reaction is not a serious cause of contamination
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Table XXVIITI

Comparison of the Effectiveness of the Separation of
Lead(II) from Zinc(II) by Thiocacetamide and

Hydrogen Sulfide at 90°C.

Solutions: 10 ml., 0.6 M in chloride, 0.3 M in hydrogen
ion, initially 20 mg. lead(II), and saturated
in hydrogen sulfide at 0.0 VF in thiocacetamide.

Samples taken after 20 min. at 90°C.

Initial 4n{II) in precipitate, mg.
Zn(I1), mg. Thioacetamide Hydrogen
Solution Sulfide Solution
120 0.l 0.4
60 0.3 0.3
1 0.02 0.02

7 0.01 0.01
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because the time required for one-half the thiocacetamide
to hydrolyze is nine to ten minutes at this pH and tempera-
ture and thus the rate of the direct reaction is reduced by
a half. At a hydrogen ilon concentration of 0.3 M and a
thioacetamide concentration of 0.50 or less the precipi-

tation by this reaction would be negligible.
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Propositions

In Part III B of this thesis it was shown that the rate
of precipitation of cadmium as sulfide in the pH range
3 to 6 by thioacetamide is slower in the presence of
chloride. it 1s proposed that this is due to an active
S~
~SH
N1h |
state can be used to explain several facets of the

state of thiocacetamide such as CHSC . Such a
mechanisms of the precipitation of metal sulfides by

thioacetamide (1,2,3,4).

The use of either borax or sodium acetate as a replace-
ment for the Zimmerman-Re ilnhardt reagent in the
titration of iron(II) by permanganate has been re-
ported (5). However, the titre values of iron(II)
decreased with increased concentration of these sub-
stances. Any effects of borax could be due to a pH
change; sodium acetate could cause eilther a pH change
or the formation of a ferric acetate complex. The
data are not conclusive particularly because an excess
of acid was present. In order to evaluate the effec-
tiveness of these materials, a systematic study should

be made.

The reactions of malonic acid with bromine and iodine
probably proceed by the same reaction mechanism, al-

though contradictory reports have been published (6,7).
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It is believed that spectrophotometric measurements

would prove that the mechanism of the reaction 1s
0 H LOH a X 0
\Y ’ // / X )
So-b- s e 6=, 758 Pop-ek
HX .

In excess halogen, or at higher temperatures, the

dihalomalonic acid would be formed through a second,

similar reaction.

Stone and Finston (8) reported the successful separa-
tion of bismuth as the sulfide from uranium in 2N nitric

acid by thiocacetamide. Their study would be more con-

vineing if the amount of uranium in the precipitate,

and the bismuth left in solution had been checked.
However, counting techniques similar to the one used
should arfford an excellent method to study the rates
of reaction in studies of precipitation from homo-

geneous solutions.

Quite often it i1s impossible to determine the basis
chemists have used for the rejection of data. Some
standardized procedure, one which is based on statis-
tics, should be adopted by the scientific societies.
Any deviations from this procedure in any report should

be fully Jjustified by the author.
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The rates of reaction of olefins with halogens might
be measured conveniently in a coulometric cell in
which the halogen is electrolytically generated

(9,10,11,12).

It is proposed that a study of the mechanisms of the
precipitation of Sb(V) and Sb(III) as sulfides from
acid solutions by thiloacetamide be initiated. If an
apparently direct reaction of thioacetamide with Sb(V),
similar to that reported for As(V) (1), is observed,
spectrophotometric studies of the rate of the disap-

pearance of thiocacetamide should be made,

Barker and Kahn (13) reported that the rate of exchangef
of radioactive antimony between Sb(III) and Sb(V)

can be calculated from the expression

g _ 19000 g _ 15000
R=1x10" e RT (SbCl5) + 4 x 10" e RT

(Sb013)(3b015)2

Calculations from their data show that the expression

1o . 28900
R =1.1x 10"° e  "RT (SbCl3)(SbCl

5)
1s valid, and a mechanism such as
C/\ *-".CI\ ct »% ¥Ji
spebt SbCl =) JShT Sk, | =S Cl-45kCls
e Ca” U



10.

11.
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might be proposed. The latter is a more defensible
mechanism for the exchange reaction than that proposed

by these authors.

Evidence cited for the existence of stable nickel
chloride complexes in aqueous solution 1s not convincing
(14,15,16) and is contrary to other work. Additional

data should be obtained.

Several items to be included in a more extensive progranm
for the orientation of graduate students in the chemistry

department are proposed.

An efficient air conditioning system, as regards to
both heating and cooling, should be installed in the

chemistry building.
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