Jan. 20, 1958

termined. The discrepancy, which exceeds the ex-
perimental error, may be significant but will re-
quire additional study before it can be explained.
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The Decomposition of Xanthate in Acid Solution
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RECEIVED AUGUST 12, 1957

A Kkinetic study of the decomposition of xanthate in apidiﬁe_d aqueous solutions using spectrophotometric measurements
has shown that xanthate and xanthic acid are virtually in equilibrium and that the dissociation constant is 0.020 == 0.001.
The instability of xanthate solutions in the acid range is due to the monomolecular decomposition of xanthic acid with a rate

constant of 4.3 = 0.21 minute™1,

The alkali metal xanthates, an important group
of collectors for sulfide minerals, are known to be
quite unstable in acidified aqueous solution. This
presents a problem both in research and in plant
operation with regard to the actual concentration
of xanthate present in pulp solution.

The acid decomposition of xanthates has been
studied by several investigators, all of whom as-
sumed the reaction to be an ionic combination of
xanthate and hydrogen ion to form xanthic acid
with subsequent decomposition of the last-named
compound into alcohol and carbon disulfide. Von
Halban and his associates’? studied the rate of de-
composition by mixing xanthate solutions with
hydrochloric acid, stopping the reaction at suitable
time intervals by the addition of sodium carbonate
and then analyzing the solutions by iodimetric titra-
tion. King and his associates’—® measured the
rate from the increase in vapor pressure, primarily
due to the formation of carbon disulfide. Cook
and Nixon® attempted to follow the decomposition
by measuring pH at different time intervals with a
pH meter.

All of these investigators have assumed that xan-
thate and xanthic acid were in equilibrium. Using
this assumption, they were able to calculate the dis-
sociation constant for xanthic acid from the decom-
position rate data. However, no experimental
proof for this assumption has been given.

In the present paper it will be shown that the ap-
plication of an ultraviolet spectrophotometer,
particularly in the low pH range where the decom-
position is extremely rapid, leads to an important
implication as to the mechanism of the decomposi-
tion reaction.

Experimental

It has been reported by Hagihara? and by Bushell and
Malnarich® that potassium ethyl xanthate in aqueous solu-
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(1954).

(8) C. H. G. Bushell and M, Malnarich, Trans. AIME, 208, 734
(1956).

tion has a light absorption peak at a wave length of 301 mg,
this serving as a convenient basis for the colorimetric analy
sis of the substance,

The experimental procedure for the measurement of the
decomposition rate consisted of mixing xanthate solutions
with a known quantity of either hydrochloric or acetic acid,
transferring the mixture to an absorption cell and measuring
the optical density of the solution at suitable time intervals.
Potassium ethyl xanthate used in this experiment was pre-
pared in the usual manner® and a Beckman DU Quartz
Spectrophotometer with a 1 cm. path-length quartz cuvette
was used for the optical density measurements. All the
experiments were made at room temperature, 23.5°,

It is possible that decomposition of xanthate may also be
brought about by oxidation or by the action of alkali, and
Taylor and Knoll® have listed the most probable reactions as

Oxidation:
4X - 4 2H;0 4 Oy —>» 2X, 4 40H-
Action of alkali:
NaX + NaOH —> CSONaSNa + C.H;0I

NaX + 2NaOH — CS(ONa); 4 NaSH + C,H;OH
NaX + NaSH —> CS(SNa); + C:;H,OH

Prior to the study of the decomposition of xanthate by acid,
the extent of the effects of oxidation and of the addition of
alkali were examined briefly.

Effect of Oxygen.—The decomposition of xanthate with
atmospheric oxygen was tested by simultaneously agitating
and aerating 2500 ml. of 7.5 X 10~% mole per liter (12 mg.
per liter) potassium ethyl xanthate solution in a Fagergren
laboratory-type flotation machine.

Samples taken at approximately 10 minute intervals up
to a total of 45 minutes of aeration showed no change in the
optical density readings. This indicates that the decom-
position of xanthate by oxidation is extremely slow and hence
negligible in the following work.

Effect of Alkali.—The effect of alkali on the absorption
spectrum of potassium ethyl xanthate solution was tested at
pH values of approximately 6, 11 and 12; no change in the
spectrum was noted. It was also shown that the addition
of alkali to a xanthate solution stabilizes the compound to
a large extent. In one experiment a solution containing
approximately 3.1 X 10~% mole per liter (5 mg. per liter) of
potassium ethyl xanthate solution was left in volumetric
flasks at pH 6.5 and 10.8 for a period of 8 days. The former
solution at pH 6.5 showd 75% decomposition, that at pH 10.8
only 25%,.

Effect of Acid. 1. Between pH 2.68-4.71.—In this pH
range mixing was achieved by manual shaking in a 100-ml.
volumetric flask. One milliliter of acid (0.1 and 0.2 M
hydrochlorie or 1 M acetic) was added to a flask which con-
tained 100 ml. of 6.2 X 10~% mole per liter (10 mg. per liter)
potassium ethyl xanthate solution, and the mixture was

(9) L. 8. Foster, Utah Eng. Exp. St. T. P., 5 (1929).
(10} T. C. Taylor and A. F. Knoll, Trans. AIME, 112, 395 (1934).
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shaken vigorously for 1 minute. The resulting solution was
transferred to a quartz cuvette and the optical density was
recorded at suitable time intervals. The results are
plotted in Fig. 1. As seen in the figure, when the logarithm
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Fig. 1.—Dccomposition of potassium ecthyl xanthate in the
pH range 2.68-4.71.

of optical density was plotted against time, straight lines
were obtained, the slopes of whicl: increased with decreasing
pH. Between pH 3.43 and 4.71, liowever, when hydro-
chloric acid was used to regulate the acidity of the solution,
the pH increased with the reaction and hence the rate de-
creased with time. Thus, wlien the logarithm of optical
density was plotted against time, a straight line relationship
was not obtained. The pH of the solution, therefore, was
kept constant by using buffer solutions containing 0.01 M
acetic acid, with various added amounts of sodium acetate
to give the desired pH values.

An absorption spectrum was taken on one of the above
solutions after the decomposition was complete. No ab-
sorption peak was observed in the wave length rauge of
220-350 mu. Restoration of the pH of this solution to 6.5
by addition of sodiun hydroxide did not bring back the ab-
sorption peak at 301 my, indicating that no reverse reaction
is possible after the decomposition is complete.

It was noticed that tlie decomposition reaction was halted
wlien a sufficient amount of alkali was added to the acidified
potassium ethyl xanthate solution. Two series of tests were
made at pH 3.0 to ascertain the difference between the two
cases—first, following the reaction continuously in the
cuvette and, secondly, stopping the reaction at suitable time
intervals by the addition of alkali. The curve for pH 3.00
(Fig. 1) which gives the results of both tests, indicates that
there is no noticeable difference in the results. This fact
mutually confirms the validity of the experimental tech-
niques used by von Halban aund Hecht? and by the present
authors.

It is rather iuteresting to note here that, if potassium
cthyl xanthate is precipitnated as cupro-xanthate, the yellow
color of the precipitate is not re-dissolved by increase in
acidity, <.e., precipitation as copper salt seems to stabilize
xanthate against the acid pH.

In the previous tests livdrogen ion coucentration was kept
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constant either by using small amounts of xanthate as com-
pared with the hydrogen ion concentration or by using a
buffer solution. To test the effect of the interaction of
xanthate and hydrogen ions on the rate of decomposition,
the following tests were made. In one test approximately
cqual concentrations of hydrogen and xanthate ions (1.42
X 1078 mole of hydrochloric acid and 10~% mole of xanthate
per liter) were mixed, and the decomposition was followed
continuously by noting the change in pH with time, using
a Beckman Model G pH meter. In a second test eight
flasks containing the same initial liydrogen and xanthate ion
concentrations were neutralized with sodium hydroxide at
various indicated timmes, and their xanthate concentrations
were determined from optical density measurements. The
results of both tests are given in Table I. It is apparent
that continuous change occurs both in hydrogen and xan-
thate ion concentrations.

TaBLE I

DECOMPOSITION OF PoTAssiUM ETHYL XANTHATE BY Hy-
DROCHLORIC ACID

‘Titne, min, pH Xanthate concn., mole/l.
0 oL 1.00 X 10~3
2 2.99 5.98 X 10~+
5 3.15 3.38 X 104
10 3.24 1.60 X 10—¢
15 3.29 8.80 X 1073
20 3.31 5.00 X 10—
25 5.32 3.09 X 107%
30 3.33 1.92 X 10~*
35 3.34 1.17 X 105

2. Between pH 0.10-2.70.—The previous experiment
at pH 2.68 (Fig. 1) indicates that further decrease in the
#H results in extremely rapid decomposition. This necessi-
tates a procedure for rapid mixing of the solutions in order
to measure the optical density within a few seconds after
mixing.

An apparatus described by Beers and Sizer! was simpli-
fied for use in the stated pH range. Two 2-ml. syringes,
xanthate solution in one and acid in the other, were fixed in
a parallel position on a lucite stand and were connected
through plastic tubing to a glass T-tube, where the mixing
was effected. The mixed solution was introduced directly
into the cuvette through a glass U-tube, which was painted
black to shield against light leakage into the cell compart-
ment of the spectrophotometer through the tube opening.
A plunger guide enabled the syringe plungers to deliver tlie
solutions at the same rate.

In the pH range from 1.40 to 2.70, potassium ethyl xau-
thate solution (1.25 X 10~% mole per liter or 20 imng. per liter)
was used in one syringe and hydrochloric acid solutions in
the other. Tests were repeated three times at eaclhh pH.
The results are plotted in Fig. 2. For solutions of lower pH,
the optical density at zero time became so low that it was
necessary to use a stronger xanthate solution (6.25 X 10~¢
mole per liter, or 100 mg. per liter) in order to obtain a
sufficient number of points along each line. The results
are given in Fig. 3. As shown in both Figs. 2 and 3, tle
reproducibility of the results, using this apparatus, seems
to be quite satisfactorv. Furthermore a linear relationship
was also obtained between the logarithm of optical density
and time for each pIi.

Discussion

In the present discussion the deconiposition of potassiuin
ethyl xanthate in an acidified aqueous solution is assumecd
to take place according to

k: k
H+ 4+ X~ »;*T—)* HX —> ROH + CS; (1)
2

Then in general the rate equations for xantliate, xanthic
acid and carbon disulfide may be expressed by tlie relations
dxX7) _

a7 —k(HH(X") - kHX) (2)

(I1) R F. Beers, Ir.,

and 1. W, Sizer, Awg). Chem., 26, 1157 (1933},



Jan. 20, 1958

1.0 — T T T T T j

. 2,
2| G
% \ N\ N
a O'It— \ ] \x\o“ 2 —
-<j b § \: °\v’o \é\ i
=) &
E L L e AY ]
- =< -
°© L i o% \ B
4 S C\
L 5% e 7
2z 5
r 3 —o— first run a
A\ —x— duplicate_run
—e—triplicate run d
TIME, MINUTES,
J [ t I\ { -
0035 10 15 20 25 30

Fig. 2.—Decomposition of potassium ethyl xanthate in the
pH range of 1.40-2.70.

d(HX)

5 = AHEDED) = kAHX) - &HX) ()

d(C8) _
arTaie ky(HX) (4)

The above equations, however, may be greatly simplified if
the assumption is made that xanthate ion and xanthic acid
are in equilibrium during the decomposition and that the
rate-determining step in equation 1 is the monomolecular
decomposition of xanthic acid. This assumption is prob-
ably quite reasonable, since reactions involving ionic com-
bination are known to be extreinely rapid.!? The validity
of the assumption is established with the following discus-
sion.

Since the optical density at the wave length of 301 mgu
measures the total concentration of xanthate and xanthic
acid, equations 2 and 3 are combined to give another ex-
pression
dX7) | dHX) _dX~ + HX) _

a T ds BHX) (5
By using the dissociation constant of xanthic acid, equation
5 can be rewritten in terms of the total concentration, C, as
follows:

ac _ . S
&= RO = TTRMED ©
or
dln C _ k3
TTa TixE/@EY T ©

where () is the concentration of xanthic acid. Upon in-
tegration of equation 6
(C)1 _ (Optical density); K
log 2} = : : = —~
8 (C): ~ (Optical density)s 2.303 (= t) (D)

Therefore, «/2.303 may be identified as the slopes of the
various linear plots which are presented in Figs. 1, 2 and 3.

(12) M. Eigen, Disc. Faraday Soc., 1T, 194 (1954).
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Fig. 3.—Decomposition of potassium ethyl xanthate in the
pH range of 0.10-1.11.

The following approximation leads to an important relation

~ ks

(A) When (HH <K K k2

(HY
or log k = logﬁ — pH (8)
K

(B) When (H¥) >K « 2k (9

This indicates that, when log « is plotted against pH, under
conditions (A), a straight line with a slope of —1 should re-
Sl.fllt. If condition (B) pertains, log « would be independent
of pH.

The values of x have been calculated from Figs. 1, 2 and
3, and in Fig. 4 the logarithm of « is plotted against the
corresponding pH. As will be seen from this figure, con-
dition (A) is satisfied at pH values above 2.7. The slope of
the line in this region was calculated from the seven points
obtained from Fig. 1. It is —0.986 with a standard de-
viation of 40.005, from which log 43/K was calculated to
be2.33 £ 0.019, or &3/K = 216 &= 1.8, Condition (B) may
be applied to the pH range below 0.74 and, since « = %;, the
average values of x at pH 0.74, 0.42 and 0.10 may be used to
calculate the monomolecular decomposition rate constant,
ks. Thus the value of &; becomes 4.3 == 0.21 minutes~!.
The dissociation constant for xanthic acid, X, would then be
calculated from the constants, k3/K and &;, and this value
of K was found to be 0.020 =& 0.001. Graphically, the
intersection of the two lines (A) and (B) also corresponds to
—log K, which is 1.70 on the pH scale. The results pre-
sented in Fig. 4 have therefore demonstrated that our in-
itial assumption of the mechanism of the decomposition
reaction, which was assumed to take place according to
equation 1, is essentially correct.

With regard to the dissociation constant of xanthic acid,
von Halban and Hecht? report a value of 0.030, Hantzsch
and Bucirius,!3 0.028 from conductivity measurement, King
and Dublon,® 0.031, and Cook and Nixon,® 0.007. The
present value, 0.020, although slightly lower than the first
three, checks well with the previously reported values. It

(13) A. Hantzsch and W. Bucirius, Ber., §9, 793 (1926).
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is our feeling, howevgr, that the present method has an ad-
vantage over others in that a spectrophotometer measures
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xanthate and xanthic acid concentrations directly. The
methods used by von Halban and Hecht? and Hantzsch
and Bucirius!? could be subject to some error due to the
presence of H3S and HS- as pointed out by Cook and
Nixon.* The carbon disulfide evolution method of King
and Dublon® may receive some contribution to the total
pressure from the resulting alcohol and xanthic acid. It
should be noted, however, that the present investigation is
in good agreement with the work of Chatenever and King,*
their value for log & being 2.38 at 25° as compared with our
value of log k3/K = 2.33 at 23.5°, In view of equation 4,
which may be rewritten as

d (C8y)

& (10)

= B(HX) = & (19X ")

Equation 10 is equivalent to equation 1 as given by King
and Dublon® on p. 2178 of their article, which apparently
indicates that their £ may be identified as k3/K according
to our interpretation.
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The Kinetics of the Decomposition of Sodium p-Toluenesulfonylacetate in Water—
Ethylene Glycol and Water-Dioxane Mixtures

By DoNALD J. O’CoNNOR AND FRANK H. VERHOEK
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. The reaction of sodium p-toluenesulfonylacetate to form methyl p-tolyl sulfone and sodium bicarbonate has been studied
in water-ethyleue glycol mixtures at 75, 85 and 95° and in water-dioxane mixtures at 75 and 85°. The reaction is first
order in all cases, increasing in rate with increase in organic component of the solvent, with small changes in activation energy

and frequency factor.

The reaction has been shown to be a decarboxylation of the anion by studies on the acid in water at

95°; the decomposition of this substance is of the one-half order, corresponding to an incomplete dissociation of the acid

with a kinetically determined ionization constant of 1.6 X 10~

boxylations in the same solvents.

The decarboxylation of alkali metal salts of a-
aryl sulfonyl acetic acids, forming methyl «a-aryl
sulfones, on heating in alkaline solution was re-
ported by Otto.! The present paper reports a
kinetic study of the decomposition of p-toluene-
sulfonylacetic acid and its sodium salt in water and
ethylene glycol, and in mixtures of water and
ethylene glycol and water and dioxane. The re-
sults show that the decomposition is first order in
the anion of the acid, and so is similar to the de-
carboxylation of trichloroacetic,? trifiuoroacetic® and
trinitrobenzoic* acids.

(1) R. Otto, Ber., 18, 154 (1885).

(2) F. H. Verhoek, THIs JoURNAL, 86, 571 (1934); 67, 1062 (1945);
G. A. Hall and F. H. Verhoek, ibid., 69, 613 (1947).

(3) I. Auerbach, F, H, Verhoek and A, L. Henne, sbid., 72, 299
(1950).

(4) F. H. Verhoek, ibid., 61, 186 (1939,;
Verhoek, ibid., 66, 1919 (1943),

D, Trivich and K. H.

The results are compared with other first-order decar-

Experimental

For the preparation of p-toluenesulfonylacetic acid, so-
dium p-toluenemercaptoacetate was first prepared from
thiocresol and monochloroacetic acid in alkaline solution,
following Auwers and Thies.? Free p-toluenemercaptoacetic
acid was formed by the addition of hydrochloric acid, and
recrystallized from water and twice from benzene. The
melting point was 93-94°; the yield 90%. The purified p-
toluenemercaptoacetic acid, dissolved in glacial acetic acid,
was oxidized by the slow addition of 309, hydrogen peroxide,
as in the procedure of Siebert and Fromm.* Most of the
glacial acetic acid was distilled off #n vacuo, and the residue
poured into water and recrystallized rapidly. Two further
recrystallizations from benzene gave white crystals of p-
toluenesulfonylacetic acid. The melting point was 117.0-
117.5°; the neutral equivalent 214.1 (theoretical 214.2);
the yield 80%. Sodium p-toluenesulfonylacetate was pre-
pared by mixing equivalent quantities of the acid and so-
dium hydroxide in alcohol solution. The salt precipitated

(58) K. Auwers and W. Thies, Ber., 63, 2285 (1920).
(6) E. Sicbert and E. Fromm, 58, sbid., 1014 (1922).



