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In the course of his researches Marshall? found that aqueous solutions
of peroxysuliuric acid?® (HaS5,0s) bave very strong oxidizing actions, but that
in most cases the reactions were slow at ordinary temperatures. He also
found that silver acted as a catalyst in the slow reactions, and presented
the results of several qualitative experiments and a rough guantitative
one to show this fact. Qualitatively, he found that trivalent chromium
is oxidized much mare rapidly in the presence of silver ion than in its
absence; in fact, unless the silver ion was present, no appreciable oxidation
took place at 50° even after 20 hours. Quantitatively, he found that
ammania is axidized to nitrogen only when silver inn is present, and firther
that the rate scemed to be proportional to the concentration of peroxy-
sulfate iom, S»0=.  Dittrich and Bollenbach® found that chloride, bromide,
and . iodide jons could he oxidized to chlorate, bromate and iodate by
peroxysulfuric acid when the reaction was catalyzed by silver salt, and
that iodide ion may be oxidized to iodate ion in acid solution, without
intervention of a catalvst, although the reaetion is quite slow. Walters?
used the catalyzed reaction in an analytic method for the determination
of  chromium.

In this paper the results of an investigation of the eatalysis of the
chromium reaction by silver ion, and of the nature of the intermediate
compound are presented. The ammonia reaction will form the subject
of a further research on this interesting catalyst.

1 am deeply indebted to Professor A. A. Noyes for his assistance and
advice. Financial aid was received from a grant made to him by the
Caruegic Iustitution of Washington.

! Du Pont Feilow in Chemistry.

* Marshall, Froc. Rov. Soc. Edinburgh, 23, 163-168 (190071, See also 24, 838 (1902),
where experiments on the catalytic decompasition of ammoninm persulfate are described

3 The term “peroxy-’’ acid is here adopted, in accordance with a suggestion made
hy Professor W. C. Bray, for such acids as contain the peroxide grouping. This is
done to distinguish them from ordinary compounds of higher valence, such as per-
chlorates, permanganates, perrulhenates, etc., which do not contain the peroxide group.
A more precise nomenclature would be to call Ho8:O04 peroxydisulfuric acid, to distin-
yuizh it from H.80: ‘Cary's acid). whe h would then be called. peroxymonosulfuric acid.
The <horter name peroxvsulfuric acid is, however here used for the mare stable acid.

 Dittrich and Bollenbach, Ber., 38, 747 (1905).

¢ Walters, Tais Journar, 27, 1550 (1905)
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General Discussion

The results of Marshall, as well as those of Walters, indicate that the
reaction between peroxysulfuric acid and chromic ion goes to completion.
It is also a known fact that dichromate does not convert sulfuric acid to
peroxysulfuric acid. Hence it may be concluded that the main reaction

38,04~ 4 2Cr+++ + THO = 6804~ + CrO~ 4 14H~ (1)
is not reversible under ordinary circumstances. Moreover, the peroxy
acids are essentially complexes, their distinguishing feature being that
they contain:two, or some multiple of two, oxygen atoms in the form of
peroxide oxygen; while the normal oxygen acids contain one or more
oxygen atoms in the form of oxide oxygen. Thus peroxyvanadic acid,
HVO,, differs from vanadic acid, HVO;, by having two peroxide oxygens
in place of an oxide oxygen, not in that the vanadium atom itself has a
higher valence. Now, it is fairly well established that peroxide oxygen
is formed in ordinary chemical reactions by the reduction of O: and not
by the oxidation of oxide oxygen.® Hence, one may reasonably conclude
that, if a reaction involving peroxy acids as oxidizing agents goes at all,
it will go to completion in a thermodynamic sense.

It must be pointed out that, while peroxysulfuric acid is one of the strong-
est oxidizing agents known in aqueous solution, it may act as a reducing
agent under some circumstances, oxygen being evolved during the reaction.
This behavior may be explained by a consideration of the fact that its
ion, 5;05~, hydrolyzes according to the equation’

8.05~ + 2H,0 = 280~ + H.0, + 2H* (2)

The hydrogen peroxide then may act as a reducing agent. Reaction 2
takes place only in strongly acid solutions. Cain and Hostetter? reduced
vanadic acid to vanadyl snifate with peroxysnlfuric acid in hot, strongly
acid solutions as a step in an analytical procedure for the determination
of vanadium. It seems probable that an oxidation-reduction reaction
will be discovered wherein the net result will be the decomposition of
peroxysulfuric acid, just as in the reaction between hydrogen peroxide
and hydrogen bromide, the net result is the decomposition of hydrogen
peroxide.?

That silver ion catalyzes Reaction 1 through formation of an intermediate
compound was suspected by Marshall when he observed that a black pre-
cipitate slowly formed when solutions of silver ion and persulfate ion were
mixed. ‘This important fact suggested that the reaction takes place in
two- stages.

¢ Traube, Ber., 26, 1471 (1893).

? There is an intermediate stage in this hydrolysis, H;80; (Caro’s acid) being formed,
which finally comes to equilibrium with respect to H,0,; H.80; + H.0 = H,;80; +
H.0O..

8 Cain and Hostetter, 'THiS JOURNAL, 34, 274 (1912).

? Bray and Livingston, ibid., 45, 1251 (1923).
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S:05™ 4+ Agt = 280~ + intermediate compound (3)

Intermediate compound + 2Cr+++ = Cr,0;" + Ag* (4)
The net resntt of (3) and (4) is given by Reaction 1. ‘The first step is a
slow reaction, and the second and presumably final step is rapid or mod-
erately rapid. That silver jon, Ag™, is not permanently removed from
the scene of the reaction in (3), but is regenerated in (4), is a conclusion
drawn from the fact that no precipitate appears when chromic ion, Cr+++,
is prescut; a precipitate docs appear, however, after the chromic ion is
used up if peroxysulfate ion is still present.

It was evident that much might be learned about the mechanism of the
catalyzed Reaction 1 by measuring its rate and noting the effect of the
concentrations of the substances upon it.  Also, since the intermediate
compound can be isolated, much may be learned by an investigation of
its properties.

Analytical Method

To measure the rates, an accurate analytical method was neccssary;
and it was desirable that: this method should be a volumetric one. The
results of preliminary experiments showed that the catalyzed reaction
could be effectively stopped by the addition of sufficient chloride ion to
remove all the silver as chloride, and this made it unnecessary to place
a time limit on the duration of the analysis. If a reducing agent could
be:found which would reduce. either the peroxysulfate or the dichromate
(Cry05=) don without affecting the other, and in addition would be one
whose excess could be accurately determined, then the analytic problem
would be solved; if no such reducing agent could be found, then one of
the constituents might be removed by a suitable precipitant and the
resulting precipitate analyzed. The results of many experiments showed
that neither ferrous iron, potassium iodide nor oxalic acid could be used
as the reducing agent, because the first two reacted too rapidly with both
peroxysuliate and dichromate jons to be of any value, and the last reacted
too slowly with these ions.  An analytic method based on the precipita-
tion of barium or lead chromate and subsequent analysis of the precipi-
tate, while accurate (though tedious) when chromate alone was present,
was found to be guite inaccurate when peroxysulfate ion was present,
due to-incomplete precipitation of barium chromate and lead chromate.
It was finally found that under the proper conditions vanadyl sulfate,
VOSSO, would quantitatively reduce dichromate to chromic (Cr+++) ion
without reducing the peroxysulfate to sulfate jon. It was also found possi-
ble to titrate the excess of vanadyl salt with standard permanganate solu-
tion in the presence of peroxysulfate and chromic ions.

The experiments on the vanadyl sulfate method indicated that three
conditions must be maintained if it is to yield accurate results: (1) suffi-
cient time must be allowed for the reaction to go to completion; (2) the
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concentration of vanadyl sulfate must not be allowed to become too low;
(3)- the concentration of chromic fon must be low enough so that the green
color does not obscure the end-point. Five minutes was found to be
sufficient: time if the concentration of vanadyl sulfate was not much less
than 0.02 N. A correction, which depends on the concentration of chromic
. ion, must be made for the end-point; this correction, which is constant for
a given concentration of chromic ion, varies from 0.00 to 0.10 cc. of 0.1
N potassinm permanganate solution when the concentration of: chromic
jon varies from 0.0 M to 0.03 M. This method obviously restricts the
concentration of chromium that may be used in the rate experiments.
The following procedure was found to be the most satisfactory.

A’ definite volume of the reaction misture was pipetted into 10 or 25 ce. of standard
vanadyl sulfate solution, which contained a few drops of 6 N hydrochloric.acid.  After
five minutes the resulting mixture was diluted to 100 cc.; 5 ce. of 6 N sulfuric acid was
added,; and the excess of vanadyl sulfate was titrated with standard potassium perman-
ganate solution., The vanadyl sulfate solution was about .1 . The permanganate
salution was also about (.1 N and was standardized against sodium oxalate from the
Bureau of Standards.

A scrics of ten experiments was made to determine the accuracy of this method,
using a mixture consisting of 10 ce. of potassium dichromate solution, precipitated
silver chloride, and .arbitrary amounts of 0.1 M potassium peroxysulfate solution.
The potassium chromate solution was standardized jodimetrically against thiosullate
solution by the method of Bray and Miller,¢ the thiosulfate having been previously
standardized iodimetrically against the permanganate.

The method was found to give fairly accurate results; the maximum
deviation from the mean (omitting onc experiment) was 0.39, and the
average deviation of the separate values from the mean was only: 0.29.

Preparation of the Solutions

Stock solutions of the substances required were prepared and standard-
ized as follows,

Potassium Persulfate.-—The pure salt was dissolved in redistilled water. 'The
solution was standardized by determining with permanganate how much ferrous iron
was oxidized by a definite volume.

Chromic Sulfate.—Kahlbaum's potassium chrome alum was dissolved in redistilled
water. A definite volume was treated with sodium peroxide, boiled and the resulting
chromate determined iodimetrically.

Silver Sulfate.—The pure salt was dissolved in redistilled water. A definite volume
of the solution was analyzed for silver by weighing the silver chloride precipitated from
it-with hydrochloric acid.

Silver Perchlorate.—Silver carbonate was first prepared by mising solutions of
silver mitrate and sodium carbonate. The precipitated silver carbonate was washed
by decantation and then dissolved in a small excess of perchloric acid. - The resulting
solution after being filtered was diluted to the desired voluine with redistilled water.
The stock solution was standardized gravimetrically.

. Bray and Miller, Tuis JOURNAL, 46, 2204 (1924),
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Acids.——N sulfuric and perchloric acids were prepared by diluting the con-
centrated acids to the proper volume.  Tlhiese solutions were uot accurately standardized.
Description of the Reaction-Rate Experiments

Preliminary experiments established the fact that the rate of the reac-
tion between peroxysulfate and chromic ion when catalyzed by silver ion
is slow enough at ordinary temperatures to be measured with fair accuracy
if the solutions of peroxysulfate and silver ions are sufficiently dilute.
‘The initial concentrations of peroxysulfate ions used varied from approxi-
mately 0.06 M to 0.015 A, the silver ion concentrations varicd from ap-
proximately 0.02 M to 0.006 M. In order to prevent the precipitation
of the very slightly soluble silver chromate, enough perchloric or sulfuric
acid was added to make the initial hydrogen-ion concentration 0.1to 0.2 N.
All measurements were made at 25°,

The reacting mixtures were prepared by mixing definite volumes of
the stock solutions and water by means of pipets, the silver being added
last, and the time counted from the moment of its addition. The reacting
mixtures; in 500cc. Florence flasks, were placed in a thermostat, the tem-
perature of which was maintained at 25°, The amount of peroxysulfate
ion used up was calculated from the amount of dichromate jon formed
during the reaction, the latter being determined by analysis, The amount
used up was subtracted from the initial concentration to obtain the con-
centration at any given time.

‘The Experimental Data

The results of the experiments are shown in Table I. Ia the first
column is given the time elapsed in minutes, and in the second the corre-
sponding concentration, in moles per liter of solution of the still unde
composed peroxysulfate jon. In the third column are given the values
of a certain constant whose significance will be explained later. The initial
concentrations are given at the head of each table. Espts. A and B were
made at 35°.

Tasry I
ExXpPERIMENTAL DaTa or run Ruacrion-RATE LXPERIMANTS
Exer. 1 Expr. 2
$52Qs= = 0.0642. M; AxiSOQs = 0.01007 N $:0s" = 0,0642 M; AgS0: = 0.01007 A
Cr+¥+ =.0.0218 M; H:50; = 0.1968 v Cr¥rt = (.0109 M, H:S50: = 0.1968
Time, mia. Concn, Constant ‘Time, min. Conecen, Constant
0 0.0642 e 0 0.0642 S
14 L0607 0.398 15 L0608 U.360
43 L0558 324 30 L0579 342
69 L0516 314 o) 0540 .322
109 L0453 L3013 66 .0519 .320
135 L0425 . 303 7 .0486 .318
163 .0390 L34
194 369 297

222 0330 .208
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TasLe I {Coniinued)

Exer. 3 Exer. 4
5203 = 0.0321 M AZS0s = 0.01007 \‘ ST = O 0612 M; AgeSOh = 0.00503 N
Cri++ .= 0.0218 M; H:80s = 0.1968 N Crtt " = ().0218 M: H:50; = 0.1968 N
‘Time, min. Loncn Counstant ‘Time, mip, Coner. Constant
0 0.321 S 0 0.0642 e
22 L0296 .366 25 L0616 0.328
44 L0276 .341 52 L0592 .310
67 .0252 .359 84 L0563 311
97 L0230 341 117 L0335 .310
127 0210 332 175 L0498 289
157 .0192 .325 235 L0449 .302
19 .0175 .316
217 .0166 .305
Exr1. 5 Exer. 6
Sz()a = (,0321 M; Ag:S0s = 0.020i14 N 52057 0 0311 M; AgClOoy = 0.01178 N
= 0.0218 .M, Fi2S50s = 0.1968 & Cetr s U.01 81; HLIU« = U, 10 N
0 0.0321 0 0.0311
18 L0278 0.391 15 .0293 0.337
37 L0248 .347 30 0276 .338
67 0204 .335 : 50.5 .0254 .340
99 L0170 .319 71 0232 .3561
132 L0139 .314 101 0206 346
169 L0112 .309 125 L0188 .342
209 .0084 215
Exer. 7 Exey, 8
'S.’Os‘ = 0.01556 3; AzClOs = 0.00689 N $205™ = 0.01556 M; AgClOy = .01178 N
Crttt = 0.01 M; HCIOs = 0.10 N Cr“’* = (.01 M; HCIO = 0.10 N
0 0.01556 0 0.01556
59 L0141 . 0.284 22 0143 0.326
110 L0127 314 44 .0131 .332
170 L0111 .337 75 L0114 .352
275 .0086 . 366 106 0101 .346
144 .0087 343
193 L0071 345
273 00512 346
Expr. 9 Exer. 10
S:»‘h = lJ 0311 M' AgClOy = 0.01178 & 5200 U 0311 M; AgClO¢ = 0.00589 N
Cr# = 0,02 M:'HCIO0: = 0.1 N Cr’* - = 0.01 3: HCIO: = 0.1 N
8] 0.0311 0 0.0311
14 L0294 0.341 13 03056 0.254
29 0297 .339 27 0296 311
50 L0254 344 42.5 .0286 .336
70 .0234 345 57.5 .0278 .331
100 0208 .342 77.5 .0267 .334
124 0190 .337 Q7 L0258 .341
168 D166 817 124 L0241 .349

216 0201 .346
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Exrr. 11
$:05~ = .0.01556 3; AgClO,
Crt++ —0.01 Af; HCIO; —
T'ime, min. Coacn.
0 0.01556
22 L0146
44 L0133
75 L0118
106 L0105
144 L0092
193 L0076
279 .00568
Exrr. A (a1 35°)
Sz(‘)s" = U OL11D My Axli
Crite.= (.01 M; HCIO, =
0 0.01115
18 L0103
35 096
59 L0084
81 L0076
111 L0056
155 L0054
202 L0044
248 .0036

DON M. YOST

TaBLe 1. (Concluded)

Vol. 48

C (}ﬂitaﬂt
0.296
.316
.315
.322
312

U.01178

0.657
746
799
.800
791
762
740

Expr. 12
= (}.01I98 N bz()a = 0.0311 M; Agt = 0. 01118 N
g.2 N Cr ’*-—00 M; 1150 — Q.1
Constant ‘T'ime, min. Conen.
. 0 0.0311
0.246 23 L0287
.303 43 L0265
313 62 L0247
.315 83 .0227
.310 112 .0206
.315
300
Exrr. B .(arT 35°)
= . 0Uo8Y ¥ Shlls™ 01115 M; AgClOy =
0.10N Cr Frd, = 0.01 M; HU(M =0.1N
.. 0 0.01115
0.748 18 L0097
L7200 35 L0082
815 59 .0064
.804 81 0052
.802 110 L0040
.794 156 .0028
782 203 L0019
774 248 L0014

Interpretation of the Mechanism of the Reaction

710

The effect of the concentration of chromic ion on the rate is easily

settled. In Expts. 6 and 9 the initial concentrations of peruxysulfate
b
B
e
P 061 ™
= e
é ““f‘\\‘\
e T
e .
s [ e
8 g
=.02¢ e C\o—
N
= I
g e e e
5 : : . \
0 50 100 160 200
Tinte in minutes.
Fig, 1

and silver ions were the same, while the concentration of chromic ion in

Esxpt. 9 was double that in 6.

Howcver, when the results were plotted,

the points for both experiments were found to lie on the same curve, as
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may be seen by referring to Curve I, Fig. 1. Curve V represents the re-
sults for two other similar experiments, Nos. L and 2. From this it follows
that the rate of the reaction (see Equation 1, above) when catalyzed by
sitver ion is independent of the concentration of chromic ion.

By varying only the initial concentration of peroxysulfate ion the
manner in which it affects the reaction rate was determined. ‘The initial
concentration of peroxysulfate ion in Expt. 6 was double that in §, while
the time elapsed after a certain fraction had been used up was found to
be nearly the same for both. Thus after one-third of the initial amount
of peroxysulfate jon had been used up in both cases, the time elapsed was
100 minutes in Expt. 6 and 100 minutes in Expt. 8.. Similar calculations
established  this relationship as general, It is, therefore, concluded that
the reaction rate when. catalyzed: by silver ion is of the first order with
respect. to peroxysulfate ion.

Finally, by varying only the initial silver ion concentrations it was found
that the reaction rate is directly proportional to the concentration of silver
jon.  In Curves I and II are plotted the results of Expts. 9 and 10. Ini-
tially, these experiments differed only in the concentrations of silver ion,
whicli were in the ratio of 1:2. By drawing lines parallel to the time
axis and comparing for any one line the times corresponding to the inter-
scctions with the curves, it may be readily established that the ratio of
these times is very mnearly 1:2. Similar calculations for other similar
experiments established this relation as heing general.

Expts. 8 and 11 differed only in the initial hydrogen-ion concentration;
that in 11 being double that in 8. The effect of hydrogen ion was small,
as may be seen by consulting Curves I11 and IV. The only effect seems
to be that of changing the activity coefficients of the peroxysulfate and
silver ions.

In view of the above facts, the differential equation representing the
change in concentration of peroxysulfate ion with time when the reaction

38,05 + 2Cr**+ 4 TH,O =680~ + Cr,0;~ 4+ 14HT (1)
is catalyzed by silver ion and allowed to take place at 25°, may be written as
—d (S04~ N .
50D b (805 (8g7) (5)

The values calculated for k are given in Col. 3 of the tables. The average
of thc valucs obtained in 0.1 N pcrchloric acid solution was found to be
k = 0.333 at 25°. ‘The average value at 35° was found to be & = 0.765.
From these two values the temperature coefficient was found to he 2.30.
The unit of time is thc minute and the concentrations are expressed in
moles per liter of solution.

This differential equation indicates that a possible mechanism of the
reaction whose rate it represents is

$,05 4+ Agt = AgtTt 4 2804~ (6)
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This would be:a slow reaction—the one whose rate is actually measured,
and would be immediately succeeded by the following rapid reaction.

FAgtHr 4 et £ THO = Cr05™ + 34g* 4+ 14H* (7)
Evidently, the assumption is here made that the trivalent silver: iom,
Agt++, is the intermediate compound on whose formation the reaction
depends. ‘That the oxide of trivalent silver is formed hy the electrolytic
oxidation of solutions of silver salts bas: been fairly well established by
TLuther and Pokorny.'* It has not been hcretofore supposed, however,
that: trivalent silver was formed during the reaction between solutions of
peroxysulfates and silver salts.’? The further evidence that supports
the conclusion. that trivalent silver is formed during this reaction will
now be presented.

The Chemical Properties of the Intermediate Compound Separated as
a Black Precipitate

When solutions of peroxysuliuric acid and a silver salt are mixed, no
reducing agent being present, there results, as is already known, a black
precipitate. This is presumably closely related to the intermediate con-
pound involved in the catalysis of the oxidation reactions. A number
of qualitative experiments on the freshly prepared black precipitate
established the following facts,

@. During its precipitation the resulting solution increases in acidity.

b. The precipitate is fairly soluble in 18 N sulfuric acid, 16 N nitric
acid and 9 N perchloric acid, giving a deep brown color. The solubility
increases rapidly with the concentration of acid; thus about 0.5 g. dissolves
in 100 ce. of 6 N nitric acid and about 10 g. dissolves in 100 cc. of 16 N
nitric acid, these quantities being rough estimates.  Neither dil. nor concd,
hydrofluoric or orthophosphoric acid has an appreciable solvent action on
the substance. When a solution of it in concentrated nitrie, sulfuric or
perchloric acid is diluted with water, the substance is reprecipitated.

¢. 'The acid solutions of the substance give no test for hydrogen peroxide
with titaninm sulfate solution.

d. ‘The substance suspended in a dilite acid sohition rapidly oxidizes
iodide, chloride and bromide ions to iodine, chlorine and bromine, and
iodide ion is further oxidized readily to iodate. It also rapidly oxidizes
chromic to dichromate jon and ammonia to nitrogen.. Manganous ion is
oxidized to both manganese dioxide and permanganate ion. Ferrous iron
is immediately oxidized to ferric iron in acid solution. In all these reac-
tions the silver compound is reduced to silver ion, and no evolution of

it Luther and Pokorny, Z. anorg. Chemi., 57, 290 (1908).

1 In a recent paper hy . Jirsa, Chem. Listy, 19, 3-9 (1925}, the oxide Ag,0; is
deseribed. as resulting from the energetic oxidation of metallic silver or of silver salts.
Only the abstract, C. 4., 19, 2460 (1925) is available, and it appeared since the present
paper was written.
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oxygen was noted in any case. It reacts rapidly with hydrogen peroxide
with the evolution of oxygen.

e. ‘The solid:substance is decomposed into silver ion and oxygen when
heated or allowed to stand in contact with acid solutions, the decomposition
being apparently accelerated as the strength of the acid increases.

Experiments on the black precipitate after it had been dried for some
time over caleium chloride in-a desiccator yielded the following results.

f. Chromic, ferrous and chloride ions in acid solution are oxidized to
dichromate and ferric ions and chlorine with the simultaneous evolution
of oxygen. -The reactions were not:so rapid as with the freshly prepared
material.

g. Experiments on solutions of silver sulfate showed that in acid
solution silver ion does not give a precipitate with hydrogen peroxide,
nor with H,;S0; (prepared by hvdrolysis of potassium peroxysulfuric acid
with coned. sulfuric acid),

If the black precipitate is the final state of the intermediate compound
when no reducing agernt is present, then the experimental results just given
show thatitis a strong and rapid enough oxidizing agent to fulfil the con-
ditions imposed uponit by Equation 4. The fact that no test for hydrogen
peroxide is obtained, even after treatment with strong acids, shows con-
clusively that the substance is not a peroxide nor the salt of a peroxy acid.
‘This conclusion combined with the fact that the substance is soluble in
strong acids but not in weak acids indicates that it is an oxide or hydroxide
of a weakly basic character. Iu its properties it resembles auric, thallic
and cohaltic oxides.

Analysis of the Black Precipitate

A complete and accurate analysis of the black precipitate was made by
Austin'® who, making certain assumptions, concluded that it was a mixture
of silver peroxysulfate and silver peroxide, Ag:0s. A study of Austin’s
results showed that they could be interpreted in other ways, and so it
scemed desirable to repeat the analysis with some of the material which
had been prepared in a different manncr than that used by him. ‘The
method of preparation consisted in reprecipitating the freshly prepared
black precipitate thrice from coned. nitric acid (see Expt. b) with thorough
washing after cacl precipitation,  The end product after being dried over
caleium chloride in a desiceator showed on analysis 77.659, of silver,
11.69 of oxygen, 8.509 of sulfate and 2.99, of water. ‘These analytical
results correspond to the empirical formula AgO01.w(S0:)e12(Hz0)0.22. In
spite of the striking equality of the numbers of silver and oxygen atoms,
the formula does not show that the substance is essentially. Agq0,, since
012 or 0.24 atom of silver mwust be cowbined with the sulfate il the im-
purity is silver peroxysulfate or sulfate.

' B Austin, AL Chent. Soc. Prans., 99,2992 11911).
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Austin’s attempts to determine the oxidizing power of .the dried ma-
terial by jedimetry did not lead to uniform results. The results of the
experiment: ¢ described above furnish an explanation for this behavior,
since it shows that oxygen is evolved during the oxidation of iodide ion
to iodine. This: difficulty is not encountered when the freshly prepared
material is used in determining its oxidizing power, as shown by the follow-
ing experiments.

A mixture of 10 ce. of 0.1 M potassium peroxysulfate solution and
10 ce. of silver sulfate solution (vielding 0.07579 g. of silver chloride) was
allowed to stand for 20 to 35 minutes, the resulting mixture was filtered
through asbestos in a perforated crucible, and the black precipitate was
washed -thoroughly and rapidly with water. The flask containing the
filtrate was then replaced by an empty one, and 25 ce. of standard ferrous
sulfate solution was poured through the filter followed by 50 cc. of water.
T'his second filtrate was titrated with (.1008 N potassium permanganate
solution, and the first filtrate containing the excess of potassium peroxysul-
fate and silver sulfate was analyzed for silver. No silver was found on the
filter after the treatment with ferrous sulfate; 25 cc. of the ferrous sulfate
solution required 17.20 ce. of the potassium permanganate solution. Two
experiments were made with the following results.

. Expt. 1 Expt. 2
KMnO; required for FeSO, in second filtrate, ce....... 15.03 14.80
AgCl yielded by first filtrate, g......... ... ... .. ... 0.0601 0.0572
Silver.in black precipitate, milliequivalents........... .109 L1130
FeSO, used up, milllequivalents. ............ ... ..... 219 242
Ratio of FeSOy oxidized to Ag in precipitate.......... 2.01 1.86

These results show that there are two oxidizing equivalents for each equiva-
lent of silver in. the black precipitate.

Experiments were also made on the number of oxidizing equivalents
lost by the potassium peroxysulfate solutions for each equivalent of silver
precipitated. Ten cc. of potassium peroxysulfate solution and 10 ce. of
silver. sulfate solution (yielding 0.7579 g. of silver chloride) were mixed
and the mixture was allowed to stand for 20 to 35 minutes, then filtered
through asbestos into a flask containing 25 cc. of standard ferrous sulfate
solution, and the precipitate washed with 50 cc. of water, the washings
alsa going into the ferrous sulfate solution; the filirate was heated to 70°
and titrated with 0.1008 N permanganate. The titrated mixture was
analyzed for silver gravimetrically; 25 cc. of the ferrous sulfate solution

LExpt. 3 Expt. 4 Expt. &
KMnO; used for filtrate, ce................ 1.12 1.92 2.35
K8,0; used, milliequivalents. .. ........... 0.188 0.268 ¢.312
AgCl yielded by titrated mixture, g......... L0626 .05689 L0537
Silver precipitated, williequivalents, ........ .0918 L1832 L1654

Ratio of 804 reduced to silver precipitated. 2.95 2.03 2.02
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required 18.85 cc. of the potassium permanganate solution; 10 cc. of the
potassinm peroxysulfate solution required 14.60 cc. of potassinm perman-
ganate solution. Three experiments were made with the preceding results.

It is evident from these results that for every equivalent of silver that
is precipitated as the black substance, two oxidation equivalents of potas-
sium peroxysulfate are used up.

‘These two series of oxidation experiments clearly show that the sub-
stance is an oxide or basic sulfate of trivalent silver, that is, AexOs or
Ags0;.24:(50)s.  The small proportion of sulfate found in the prepara-
tion purified by precipitation from nitric acid upon dilution indicates that
the sulfate, though firmly retained, is not an essential constituent of the
substance.

Finally, since the precipitated compound is an oxide of trivalent silver,
and since the rate of the reaction between peroxysulfate and chromic ions
when catalyzed by silver ion was found to be proportional to the first
power of the concentration of the latter as well as to that of the peroxy-
sulfate ion, we are justified in concluding that its mechanism is that pre-
viously suggested, which was expressed by Equations 6 and 7, above,

Summary

The rate of the reaction between peroxysulfuric acid and chromic sulfate
when catalyzed by silver salts has been measured at 25° and 35° and found
to be proportional to the first power of the concentration of peroxysulfate
ion and of silverion, but to be independent of the concentration of chromic
ion and not greatly affected by that of hydrogen jon. These facts indicate
that silver ion acts as a carrier catalyst through the formation of a tri-
valent silver salt as the intermediate compound, and that the reaction
takes place in the two stages expressed by the equations

$:05™ + Agt = 280,74 Ag*r

SAgttY £ 2Cr vt 4 THO = CnO,” + 3Ag7F + HMH™
The first of these must occur slowly and dctermine the rate of the reaction
as-a whole, while the second must take place very rapidly.

This conclusion was confirmed by an extended study of the black pre-
cipitate formed when potassium peroxysulfate and a silver salt are mixed;
for this substance is presumably an hydrolysis product of the intermediate
compound which in acid solution catalyzes the peroxysulfate reaction.
Determinations of the ratio of its oxidiziug power to the silver contained
in it, and of the ratio of the equivalents of peroxysulfate destroyed per
equivalent of silver precipitated as the black compound, showed that it
was an oxide of trivalent silver (Ag,0;) containing basic sulfate {pre-
sumably also of trivalent silver),

Of especial interest is the proof that trivalent silver is capable of exist-
ence in the form of this solid oxide and in the formn of a salt in strongly
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acid solutions. The properties of the mixtures resulting from suspending
(or dissolving) the black precipitate in water, concentrated sulfuric, nitric
or perchloric acid were studied in a qualitative way. ‘The solution was
found to be one of the most active and powerful oxidizing agents known.
Thus it rapidly oxidizes chlorides with liberation of chlorine; chromic
salt to chromate; manganous salt to permanganate and manganese dioxide,
and ammonia to nitrogen. The substance is not a peroxide of the hydrogen
peroxide type, since the solution gives no color with titanium salt; it re-
sembles rather the oxides of trivalent cobalt, thallium and gold.

Representative values of the rate constants are 0.333 at 25° and 0.765
at 35°, the unit of time being the minute and concentrations being ex-
pressed in moles per liter of solution. From these values the temperature
coefficient: of the reaction is found fo be 2.30.

Pagaprna, CanmporNIA
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Introduction

In a former paper? there were presented the results of an investigation
on the rate of the oxidation of chromic salts by peroxysulfuric acid (HyS:0s),
under the influence of silver ion acting as catalyst. The results showed
that the rate of the catalyzed reaction is directly proportional to the con-
centrations hoth of peroxysulfate ion and silver ion, but independent of
the concentration of chromic and hydrogen ions. These facts clearly

! Dra Pont Fellow in Chemistry.
Y Vast, Tius Journal, 48, 152 (1925).
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indicated that the slow measurable reaction is that between peroxysulfate
ion and silver ion, giving rise to an active intermediate compound. It
was also shown that the intermediate compound is a salt of trivalent silver.
It seems probable that essentially the same mechanism applies to all
oxidation reactions involving peroxysulfates which require silver salts to

catalyze them. Marshall® found that peroxysulfates oxidize ammonia to ..

nitrogen in the presence of silver salts. He made only one rough quanti-
tative experiment on the rate of the reaction, the results of which indicated
that it was directly proportional to the concentration of peroxysulfate.

In the present paper the results of an investigation of the ammonia re-
action are presented together with a comparison of them with those ob-
tained with the chromium reaction.

" The main reaction under consideration is

3505~ + 2NH; = 6504 + N: + 6H™* 1y

There is no tendency for the reverse reaction to take place, namely, for
the nitrogen to react with sulfuric acid to give peroxysulfates and ammonia.
The reaction as written no doubt takes place with a large decrease in free
energy. Notwithstanding this, the reaction is a very slow one unless some
catalyst is present. Such cases are by no means rare, the example of
hydrogen and oxygen at ordinary temperatures having become classical
for reactions involving the same conditions.

This oxidation in the presence of silver ion, like that of trivalent chrom-
jum, doubtless takes place in two stages, the univalent silver being first
oxidized to trivalent silver by the peroxysulfate, and the trivalent silver
being then reduced to univalent silver by the ammonia. This mechanism
might be indicated by the equations,

' $:05~ + Agt = 280+ + Agt+T @
3Agt++ 4 2NH; = 3Ag* 4 Nz + 6H* ‘ 3)
The situation is, however, complicated by the fact that the silver ion exists
almost wholly in the form of ammonia complexes. 'Thus it is well estab-
lished* that the principal ion present in an ammoniacal solution of a silver
salt is Ag(NH;),™, or a hydrated form of it. The fact that Ag(NH;):Cl
exists as a solid phase’ indicates the probable presence also of Ag(NH.).™,
at any rate in small amounts. Other ions of a still more complex nature
may also be present, though probably in very small proportion. Now
the nature of the groups attached to the silver may well have a marked
effect on the rate with which the ion reacts with peroxysulfate ion. The
results of the present work, compared with those obtained in the previous
résearch, make possible a study of these unique effects. ’

I wish to acknowledge my appreciation of the advice and criticisms

3 Marshall, Proc. Roy. Soc. Edinburgh, 23, 163 (1900).
4 Bodldnder and Fittig, Z. physik. Chenr., 39, 597 (1902).
& Tsambert, Compt. rend., 66, 1259 (1868).
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given by Professor A. A. Noyes. Financial assistance was received from
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Method of Analysis

A simple and accurate volumetric method of analysis was adopted.
The reaction mixture consisted of peroxysulfate ion, ammonia, silver
" ammonia ion and potassium hydroxide. When this mixture is acidified,
the silver ammonia complex is destroyed and the resulting silver ion may
be precipitated by the addition of chloride ion, the reaction being effec-
tively stopped by this procedure. The remaining peroxysuliate may then
be quantitatively reduced to sulfate by ferrous iron. These facts were
made the basis of the analytical method adopted, which was as follows.
A 25cc. sample of the reaction mixture was withdrawn with a pipet and
run into 10 cc. of standard ferrous sulfate solution which contained a few
drops of 6 N hydrochloric acid and was 1 NV in sulfuric acid. The re-
sulting mixture was heated to 60°, and after the addition of 50 cc. of water
the excess of ferrous iron was titrated with standard permanganate solu-
tion.. The permanganate was about 0.1 IV and was standardized against
sodium oxalate from the Bureau of Standards.
This method is known to give accurate and uniform results. It is
evident that it makes possible the calculation of the concentration of
peroxysulfate in any solution.

Preparation of the Solutions

Potassium Peroxysulfate and Ammonium Peroxysulfate.—The c. p. salts were
dissolved in redistilled water and made up to a strength of about 0.1 M. The solutions
were standardized by means of ferrous-iron and permanganate. -

Silver Perchlorate.—Freshly precipitated silver carbonate was thoroughly washed
with water and dissolved in a slight excess of 1 N perchloric acid. After filtration, the
resulting solution was diluted with redistilled water. The solution was standardized
gravimetrically. )

Ammonia.—The concentrated solutions were diluted with redistilled water. The
stock solutions were standardized by adding a definite volume to a kmown excess of
standard hydrochloric acid and titrating the excess with sodium hydroxide, using
methyl red as an indicator. .

Potassium Hydroxide.—The c¢. p. sticks were dissolved in redistilled water, and
the resulting solution was filtered and diluted to the desired strength.

Description of the Rate Measurements

A few preliminary experiments established the fact that the catalyzed
ammonia reaction was more rapid than the chromium reaction. For
this reason it was necessary to use lower concentrations of peroxysulfate
ion than for the latter reaction. With the concentrations, used, the re-
action was practically complete after a period of two hours.

All the measurements were made at 25°, )

The stock solutions and water were mixed by means of pipets. The
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silver perchlorate solution was added last, and the time was counted from
the moment of its addition. The peroxysulfate, ammonia and potassium
hydroxide solutions were first mixed in a 500cc. Florence flask, and this
was then placed in the thermostat. After allowing sufficient time for the
mixture to come to the temperature, the silver solution was added from
the stock solution, which was kept in the thermostat.

Results of the Reaction Rate Measurements

In Table I are given the detailed results of two experiments in which am-
monium peroxysulfate was used. In the first column is given the time
elapsed in minutes; in the second, the corresponding concentration of
peroxysulfate, expressed in millimoles per liter of solution and in the third,
the values of the reaction-rate constant calculated (with the concentrations
expressed in molalities, not millimolalities) under the assumption that the
rate is proportional to the concentrations of peroxysulfate and of total
silver present, the significance of which will be discussed later.

TaBLE I
RATE EXPERIMENTS WITH AMMONIUM PEROXYSULFATE

Initial millimolal concentrations
(NH,):8:0s, 13.8; NH;, 68.7; AgClOy, 5.9.  (NHy):5:0s, 13.8; NH;, 112.3; AgClO4, 5.9

Time $:05" concn. Rate const. Time 5203~ concn. Rate const.
0 13.8 .. 0 13.8 ..
5.5 11.3 6.12 5. 10.8 8.31

15.5 8.1 5.81 17 6.4 7.66

26 5.6 5.92 26 4.2 7.75

40 -3.7 5.58 39.5 2.4 7.49

57 2.2 5.46 57.5 1.2 7.20

91 0.9 5.08 91 0.4 6.59

125 0.4 4.80 125 0.2 5.73

In Table II are given the detailed results of two typical experiments
wlhicl were made using potassium peroxysulfate with potassium hydroxide
added.

TasLe 1T
‘I'YPICAL REACTION-RATE EXPERIMENTS WITH POTASSIUM PEROXYSULFATE
Initial millimolal concentrations

Kz».,zOg, 90, NHg, 67.8; KgSzOg, 90, NHg, 33‘9;

AgClO,, 5.0; KOH, 30.0 AgClO,, 5.0; KOH, 30.0
Time 52035~ conen.  Rate const. Time 8205™ conen.  Rate const.

0 9.0 - . 0 9.0 .

11 6.7 5.36 11 7.2 4.05
18 5.6 5.26 18 6.1 4.31
30 4.1 5.24 30 4.8 4.19
49 2.5 .5.22 49 3.1 4.34
73 1.3 5.29 73 1.9 4.26
98 0.7 5.20 98 1.1 4,28

Mean 5.26 Mean 4.24
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In Table ITI are given the mean values of the rate constants for a number
of experiments in which the initial concentrations of the separate sub-
stauces were systematically varied.

Tasre III

MEAN VALUES OF TH:E RaTE CONSTA.NTS FOR EXPERIMENTS WITH VARIED INTTIAL
CUNCENTRATIUNS OF THY REacrinG SUBSTANCES

Initial millimolal concentrations————— Rate
K2S8:03 AgClO4 : NH: KOH constant
9.0 5.0 32.6 30.0 4.18
9.0 5.0 33.9 30.0 4.24
9.0 5.0 58.6 30.0 4.86
9.0 5.0 65.2- 30.0 5.01
9.0 5.0 67.8 30.0 5.268
9.0 5.0 117.4 30.0 6.34
9.0 5.0 130.4 30.0 6.45
9.0 5.0 234.8 30.0 8.89
8.6 5.0 38.3 90.4 3.41
8.1 5.0 76.6 90.4 4.30
8.1 5.0 153.1 90.4 5.84
9.0 5.0 58.6 8U0.0 4.86
9.0 10.0 58.6 30.0 4.47

8.6 5.0 38.3 17.0 5.0
8.6 5.0 38.8 34.0 4.45
8.6 5.0 38.3 51.9 4.01
8.6 5.0 38.3 90.4 3.41

The Primary Reaclivn Delermining the Reaction Rate

- In Table I are given the results of two experiments which differed only
in the initial concentration of ammonia. It is evident from the results
that the rate of the catalyzed reaction is not independent of the concen-
tration of ammonia, but increases with it. Since its concentration during
any one experiment will decrease not only by oxidation, but also by neu-
tralization, owing to the acid formed by the reaction, this may well account
for the steady decrease in the rate constants.

The effect of neutralization was obviated in the other experiments by
adding to the solutions a moderate or large excess of potassium hydroxide.
When this is done, the advantages of using potassium peroxysulfate in-
stead of the ammonium salt are obvious. Therefore, of the experiments
recorded in the tables only those in Table I were made with ammonium
peroxysulfate.

By plotting the results of the experiments. given in Table II and by
taking tangents at corresponding points on the curves it was found that
the rate of the second experiment was only about 209, greater than that.
of the first, although the initial concentration of ammonia was doubled.
It is evident from this that the rate of the catalyzed reaction increased
much less rapidly than proportional to the concentration of ammonia.
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Since the effect of ammonia is not great, it was found possible to de-
termine the effect of peroxysuliate ion and silver diammonia ion on the rate
by the:methods described in the former paper. The rate of the catalyzed
reaction was thus found to be directly proportional to the concentration
of peroxysulfate ion and to that of silver ammonia ion.

Potassium hydroxide was also found to have a definite effect on the rate.
The rate was found to decrease as the hydroxide ion concentration in-
creased, but not inversely proportional to it. Thus it was found that a
two-fold increase in hydroxide ion decreased the rate about 159%,. Since
both hydroxide ion and ammonia are used up during the reaction, and since
their effects are in opposite directions and approximately equal in magni-
tude, the following differential equation may be expected to express the
rate in any one reaction mixture.

—d(8:057)/dt = E(S:05™)(Ag(NH;):™) @
The values of the rate-constants given in Table IIT were calculated from
the integrated form of this equation, regarding the total peroxysulfate
present as equivalent to (S,0s~), and the total silver present as equivalent
to (Ag(NHs)s) ++. The constants show no marked trend, nor do they vary
greatly from the average value.

The Effect of Ammonia on the Reaction Rate

The first two groups of experiments given in Table IIT were all made
with the same initial concentration (0.030 or 0.090 ) of potassium hy-
droxide, but with different initial concentrations of ammonia. From
the results it will be seen that an eight-fold increase in ammonia results
in only a two-fold change in the value of the rate constant. By plotting
the values of all the rate constants against the initial ammonia concen-
tration minus twice the silver concentration, the two curves shown in
Fig. 1 were obtained. The resulting graphs are seen to be straight lines.

Let us now take into consideration the effect that might result from the
presence of the ion Ag(NH;)s+. Considering that its rate of reaction with
peroxysulfate ion may be different from that of silver diammonia ion, we
may write the rate equation in the form

—d(8:057)/dt = (S04 (Ag(NHz)2 ) + B(S:057) (Ag(NH;); ™) -(8) .
Since the reaction Ag(NH,),* + NH; = Ag(NH,);* is doubtless prac-
tically an instantaneous one, we may assume that its equilibrium is estab-
lished corresponding to . the mass-action expression,
(Ag(NHs)s ") /(Ag(NH;) H)(NH,) = K (6)
- Combining (6) with (5) and simplifying, we have as the rate equation for
reaction mixtures in which the initial concentration of hydroxide ion is
the same, _
—d(8:0¢=) /dt = (8:06™) (Ag(NH,). ) [y 4+ BK(NH,)} 7)
Since the concentration of ammonia in the experiments was high compared
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with that of peroxysulfate, the effect of the term %K (NH;) must be prac-
tically constant for any one experiment, and the straight lines of Fig. 1
are in fact the graphs that would be obtained from the equation & = &, +
kK (NH;), where £ is the total rate constant which appears in Equation 4.

7.50

5.00

T'otal rate constant &.

b

e

S
1

| ! ! 1

50 . 100 150 200 250
Concentration of ammonia in millimoles per liter.
Fig. 1.

From a series of experiments, like those of Table III, there may be ob- .
tained a series of values of £ and (NH;). ‘The values of %, and kK might
then be found by solving the corresponding simultaneous equations; but
it was considered simpler and more accurate to find the value of %, by
extrapolating the graph to zero ammonia concentration and then to cal-
culate the value of &K from that of k for each experiment. The values of
koK so found are given in Table IV for the first group of experiments (with
the potassium hydroxide 0.03 M) recorded in Table III. The agreement
of the kK values is satisfactory.

TasLg IV
VaLums oF Ty Partiar, ReacrioN-Rare CoNsrants

k= 3.70

Initial NHz (ZNH; — 2TAg) )3 BK
32.6 - 22.6 4.18 21.7 -

33.9 23.9 ‘ 4.24 22.6
58.6 38.6 . 4.47 20.0
65.2 . 55.2 5.01 23.7
67.8 57.8 5.26 26.0
. 117.4 : 107.4 6.34 24.6
130.4 120.4 6.45 - 22.8
234.8 224.8 8.89 23.0

48.6 48.6 : 4,86 23.9
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These results indicate that the first slow step in the catalyzed ammonia
oxidation may cousist in the two simultaneous reactions: S,0s™ - Ag-
(NH;):+ = 2580,~ + Agt++ 4 2NH;; S0~ + Ag(NH3)3+ = 280, +
Agtt+ 4 3NHs; and that these are followed by the rapid reaction
3Ag++t 4 9NH; = 3Ag(NHg),+ + No + 6H™. Since K is small and
%K large, it follows that the rate constant k. of the second reaction is
much larger than the rate constant kb of the first reaction.

Others have previously considered that the total rate of oxidation may
be the sum of two or more partial rates that refer to different compounds
containing the oxidized or rcduced clement in different forms. Thus
Mitchell® found that the results of his experiments on the rate of the re-
action between phosphorous acid andiodine can be explained by assuming
two isomeric forms of orthophosphorous acid, one of which reacts with I
and the other with I3, each reaction having a different rate; and it has
been found by Spitalsky” that chromate ion and dichromate ion have
different effects on the rate of decomposition of hydrogen peroxide, though
the effect in mixtures is not very clear-cut. The simple example offered
by the present research seems representative of this phienomenon.

At this point-may bec mentioned the reasouns for rejecting certain other

"mechanisms that might at first sight seem possible. Such mechanisms
might involve (1) a slow reaction between trivalent silver and ammonia,
or (2) formation of a moderately stable complex of the type Ag(NH;) . +++,
which slowly decomposes with evolution of nitrogen and production of
silver ion and hydrogen ion. These two possibilities are disposed of in
turn by the following cxperimental facts, (1) Though: trivalent silver
oxide (Agy0;) is only very slightly soluble in neutral or alkaline solutions,
yet no precipitate of it appears during the reaction. (2) When the freshly
prepared oxide is-mixed with solutions of ammonia, it decomposes with
evolution of nitrogen, but seems to dissolve only to the extent to which it
has decomposed. Evidently, if the reaction between Ag*++ and ammonia
were slow, Ag+++ would accumulate and a precipitate of silver sesquioxide
would form, since a complex Ag(NHj),,*++ does not form, as shown by the
second of these facts.

The Effect of Hydroxide Ion on the Reaction Rate

The initial concentrations of ammonia were the same in the third group
of experiments recorded jn Table III, but that of potassium hydroxide
was varied. The effect of the potassium hydroxide, while not great, is
still much too great to be ascribed to the decreases in activity coefficients
caused by it. When the rate constants are plotted against the initial
concentration of potassium hydroxide, the resulting graph is not a straight

¢ Mitchell, J. Ckem. Soc., 123, 2241 (1923).
Spitalsky, Z. anorg. Chem., 53, 184 (1907).
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line, as may be seen from the curve in Fig. 2. The effect may be due to
the fact that hydroxide ion unites with Ag(NHy),* to form the un-ionized
base Ag(NH;):OH, and that its rate of reaction with peroxysulfate ion is
lower than that of Ag(NH;).+ or Ag(NHs)s*. This simple explanation
cannot be regarded as complete, however, since rate FEquation 5, when
modified by the addition of a negative term —%2:K(OH~)(Ag(NH;)s*)-
(8:0s7), does not. fit the experimental facts. It is possible, nevertheless,
that this is because a decrease in the activity coefficient of peroxysulfate
ion is superposed upon the effect of producing a less reactive substance.
There is, however, no independent experimental evidence as to the degree
of ionization of the silver ammonia hydroxide.
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Concentration of KOH in millimoles per liter.
' Fig, 2.

Comparison of the Rates of the Oxidation of Chromium and of Ammonia

It has been shown that the slow step in the silver salt catalysis of the
chromium and ammonia oxidations consists in the oxidation of the uni-
valent silver ion to trivalent silver. Since there seems to be no essential '
difference between a hvdrated ion and an amminated one, it is natural
to inquire whether the group present in the silver complex has an appre-
ciable effect on the rate of oxidation of the silver which is the essential
constituent of the ion from the oxidation viewpoint. The results de-
scribed in this paper and the former one lead to the conclusion that the
effect is a marked one. In the case of the simple hydrated silver ion,
such as is present in the acid solution used for the chromium reaction, the
rate constant was found to be 0.333, while in the case of the silver ammonia
complex, the constant is more than ten times as large. Moreover, the in-
crease in rate with the number of ammonias present in the complex, and
its decrease on the addition of an hydroxide ion are further evidences that
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the rate of reaction of complex ioms containing a common oxidizable
element depends considerably on the nature of the groups present.

Summary

The rate of the reaction between peroxysulfate ion and ammonia, when
catalyzed by silver salts, has been measured and found to be directly pro-
portional to the concentrations of peroxysulfate ion and silver ammonia
jon. ‘The rate was also found to increase with the concentration of am-
monia, and decrease with that of hydroxide ion, but not to be directly
proportional to the former, nor inversely proportional to the latter. To
explain the effect of ammonia it was concluded that, inasmuch as silver
triammonia chloride Ag(NH;);Cl exists as a solid phase, the ion Ag(NH;)s*
probably exists in solution' (though in small amounts) and that peroxy-
sulfate ion S;0g reacts with it at a rate different from that with Ag(NH;),*.
The experimental results were found to be in accord with this conclusion.
It was also shown that the effect of ammonia could not be explained as
due to a slow reaction between the trivalent silver ion and ammonia,
since freshly prepared silver sesquioxide reacts rapidly with ammonia.
" Tt is suggested that the effect of hydroxide ion may be due in part to the
formation of the un-ionized compound Ag(NH;),OH, and that this reacts
more slowly with peroxysulfate ion than does Ag(NHs):*, and in part
to the decrease in the activation of peroxysulfate ion caused by it. Ac-
cording to these explanations the slow steps of the catalyzed reaction con-
sist of three simultaneous reactions involving the oxidation by peroxy-
sulfate ion of Ag(NHs).+, of Ag(NHs)s*, and of Ag(NH;),0H, to trivalent
silver ion, Ag*+*+; and the rapid and final step is the reaction between
trivalent silver and ammonia to produce nitrogen, silver ion and aeid.

A comparison of the rates of the catalyzed chromium and ammonia
reactions showed that silver when present in the form of silver ammonia
reacts more than ten times as fast with peroxysulfate ion as it does when
present as hydrated silver ion. This fact shows that the rates of reactions
involving various compounds of a reacting element may depend to a large
extent on the nature of the groups attached to the element.

PasAaDENA, CALIFORNIA )
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Introduction

The oxidation-reduction reactions involving iodine admit of the follow-
ing rough but useful classification: (1) those in which jodide ion is oxidized
to iodine by an oxygen acid; (2) those in which iodide ion is oxidized to
iodine by an oxidizing agent mot containing oxygen; (3) those in which
icdine is reduced by a reducing agent which takes up oxygen; (4) those
in which iodine is reduced by a reducing agent which loses an electron
but does not add oxygen to form an oxygen acid.

‘The reactions of Class 1 were studied by Bray,! who showed that their
mechanism consists in the ‘slow formation of hypo-iodous acid which
then reacts with iodide ion to give iodine; for example, HBrO; + HI =
HIO + HBrO;, followed by HIO + HI = I + HxO. ,
 ‘The reactions of Class 2 do not conform to this mechanism, but in their
case the slow step consists in direct oxidation (or, according to the ideas of
Bronsted,? it consists in the formation of an addition product whose charge
is the algebraic sum of the two reacting ions); the reaction Fet++ 4 I~ =
Fet+ 4 1T, is the best example of this class.

The various reactions of Class 3 differ from one another in their mechan-
isms. Thus the rate of the reaction, I, + H3AsO; + H,O = 2HI +
H;AsO,, has been shown by Roebuck?® to depend on the concentration of
hypo-iodous acid which arises from the hydrolysis of iodine.* On the other
hand the reactlon between phosphorous acid and iodine does not admit of

1 Bray, Z. physik. Chem., 54, 463 (1906).
# Bronsted, 7bid., 102, 169 (1922).

3 Roebuck, J. Phys. Chem., 6, 365 (1902).
4 Noyes, Z. physik. Chem., 47, 121 (1904).
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a hypo-iodite mechanism but has been shown by Mitchell® to depend upon
the presence of two forms of phosphorous acid. '

The reactions of Class 4 are the reverse of those of Class 2 and, like it,
may well include reactions in which the rate is determined by the simple
interaction of the oxidizing and reducing substances. It may, however,
include cases involving the hypo-iodite mechanism. The reaction, 2Fet++
4+ I, = 2Fe*++ 4- 21~ is the best example of this class, but it was not
studied® with the object of determining its mechanism.

In the present paper are described the results of a research made on the
rate and mechanism of another reaction of Class 4—the oxidation of tri-
valent titanium to the quadrivalent state by iodine which, without re-
~ spect to the different states in which the ions exist, may be expressed by the
equation

2Tit++ +' I, + 2H.0 = 2Ti0++ + 21~ + 4H+ (1)

We are indebted to Professors A. A. Noyes and W. C. Bray for helpful
advice and criticisms, and to the Carnegie Institution of Washington for
financial assistance furnished through Professor A. A. Noyes.

Method of Analysis

All of the efforts made to devise a method for stoppmg the reaction at
any time during its course were unsuccessful. That is to say, no reagent
was found which would oxidize the titanium without affecting the iodide
or iodine, or which would change the state of the iodide or iodine without
affecting the titanium. Some substances which affected. only one constit-
dent when present alone were found to affect more than one when present
together. ’T'hus hydroxylamine oxidizes trivalent titanium, but does not
affect iodide in acid solution; but when a mixture of iodide and trivalent
titanium is treated with hydroxylamme, both quadrivalent titanium and
iodine are formed.

It was finally found necessary to determine the iodine dlrectly in the
reacting mixture with standard ‘thiosulfate solution. Since, as mentioned
above, both acid and iodide ion do influence the rate of reaction in question,
and since an increase in the concentration of either of them decreases the
rate, it was found possible, by adjusting their concentrations, to obtain a
mixture which could be titrated with thiosulfate without much error. It
was found that by diluting a sample of the reacting mixture with a solution
of hydrochloric acid and potassium iodide of such a strength that the final
concentrations of iodide and acid were 0.07 N and 0.4 IV, respectively, the
iodine could be determined with an error not greater than 0.6%. The
analytical method used was as follows: 25 cc. of the reaction mixture was
pipetted into 65 cc. of a solution containing 1 g. of potassiim iodide, 6.5

§ Mitchell, J, Cheir. Soc., 117, 1322 (1020); 123, 2241 (19283).
¢ Banerji and Dhar, Z. anorg. allgem. Chen., 134, 178 (1924).
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cc. of 6 N hydrochloric acid, and 1 cc. of starch solution; and a small
excess of thiosulfate was run into the mixture from a buret. The excess:
of thiosulfate was then titrated back with 0.03 N iodine solution. The
total time required for the whole procedure was about one minute.

Preparation of the Solutions

The commercial 209, solution of t1tanous chloride was diluted, and the
solution, which was about 0.3 NV, was kept under carbon dioxide. It was
standardized daily by running a known volume into a ferric chloride sohs-
tion and titrating the ferrous iron formed with dichromate solution. The
acid concentration was determined by adding an excess of sodium hydroxide
to a known volume, filtering off the precipitated titanous hydroxide and
titrating the excess of alkali in the filtrate with standard acid, allowance
being made for the alkali required for the known amount of titanium
present.

Stock . solutions of potassium iodide, potassunn triiodide, potassium
chloride and hydrochloric acid were made up with boiled water and kept
under an atmosphere of earbon dioxide. This last step is necessary, since
trivalent titanium is readily oxidized by oxygen. In fact, when its solu-
tions are vigorously stirred in the presencé of oxygen, all of the titanium
is oxidized in a few minutes with the formation of the guadrivalent salt
and hydrogen peroxide, the presence of the latter being shown by the orange
color of the final mixture. -

The volumetric solutions were standardized agai‘nst potassium permari-
ganate which was standardized by means of sodium oxalate {rom the
Bureau of Standards. '

Procedure for the Reaction—Rate Measurements

Definite volumes of the stock solutions and water were mixed in a flask
which had been previously swept free from air by carbon dioxide. The
titanium solution, which was kept in the thermostat, was added after
the contents of the flask had reached its temperature, aud the time was
counted from the addition; 25cc. samples were withdrawn from time to
time and analyzed for iodine as described above. E

Since the initial concentrations of the substances in the reaction mixture
were known, it is evident that the results of the analyscs furnish sufficicnt
data for determining all other concentrations except that of acid and iodide
ion. The latter, however, may be calculated from the known equilibrinm
constant for the reaction, I~ -} I» = I3—. The former is uncertain, how-
ever, because of our lack of knowledge concerning the extent to which
Ti+*++ and TiO++ hydrolyzes. Various reasonable estimates of these
quantities were used in the final calculations. Il was found that the
forin of the rate equation was not seriously affected by them, since the
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amount of acid added was always considcrably greater than that formed
by hydrolysis.
Formulation of the Reaction Rate

Preliminary experiments established the fact that the rate of the reaction
between trivalent titanium and iodine was increased by increasing the
concentrations of titanous salts and iodine (or triiodide ion) and was de-
creased by increasing the concentrations of acid and iodide ion. More-
over, the effects were found to be such that the rate equation could be
written in the form

=@ (L") _ o (TiT)™ ()P @)
dt H*) @)
Here 1, n, p and q should be positive integers if the ions obey the laws of
ideal solutions.

‘The values of , #, p and g were determined by noting the effect of
changes in the initial concentrations of the various substances upon the
rate of the reaction. The accurale evaluation of £ was accomplished by
taking tangents from the experimental concentration-time curve and
substituting in Equation 2.

The Reaction-Rate Measurements

‘A summary of the experimental results is presented in Tables I and II.
The columns headed by substances give the initial concentrations in each
case in equivalents per liter of solution. The notations (H*)’ and (H*)”
refer to the concentration of hydrogen ion as hydrochlorie acid, calculated
on the assumptions that the hydrolysis of the trivalent titanium is zero and
509, respectively. For Expts. 1-7 (Table I) the total initial concentra-
tions of iodine and iodide were 0.0224 and 0.149 equivalent per liter, re-
spectively, in each case.

The values of (I37) and (I™) were calculated from the total iodide and
total iodine by the use of the equilibrium expression (Ip)(I7)/(I:7) = K.
In the solutions used the constant K was given values between 0.002 and
0.003, according to the jonic strength.” As this correction does not exceed
109%, an accurate value of K is not necessary. In the last two columns
of Table I are given the mean values of b, and k,” as defined by the follow-
ing expressions:

R - )7 (I~ —d (I~ Y7 (T~
k' = ddg > )(',[(‘ﬁ«‘)ﬂ(in-) ‘(3)? ddg = (’E“I;I+2+)(](:I;)—) )
In the last column of Table II are given the mean values of

—d (I;7) (HT) (I7)2

| b= =0 e ®

.7 Washburn and Strachan [Twis Jourwax, 35, 691 (1918)] give 0.0013 for X in

0.15 N HI. Bronsted and Pedersen [Z. physik. Chem., 103, 307 (1922)] give 0.0061 in

1.65 N KCl. The values here used were obtained by assuming that the change in the
constant is proportional to the change in ionic strength.

kl” —
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The constaits &uring the course of any one experiment showed no marked
trend, but varied about the mean value.

TasLg I

ReACTION RATES WITH VArIoUS CONCENTRATIONS OF TTTANTUM AND ACID
Molal concentrations -
Yy

Expt. (Tit+h) (H*H” 100 &* 10% &y”
1 0.0288 0.367 0.410 12.6 14.1
2 0115 147 .167 14.3 16.0
3 0115 275 .282 16.0 16.4
4 L0114 .460 478 12.0 12.5
5 .0284 . 563 .606 10.4 11.2
6 .0113 .147 .164 14.4 16.1
7 L0113 . 460 478 13.5 14.0

TasLg II

" REACTION RATES wIiTH VARIOUS CONCENTRATIONS OF IODINE AND IODIDE
Molal concentrations
=(I7)

Expt. Z(I) (Titt*) =Y’ 108 &* 10% k2
8 0.0224 0.287 0.0113 0.147 16.4 4.1
9 .0045 .0253 .0112 .275 53 1.31
10 .0045 .0564 .0112 .275 26 1.47
11 .0045 .0253 .0112 .275 58 - 1.47
12 .0045 .~ -108 L0112 275 15.6 1.67
13 .0045 .108 .0111 .275 15.0 1.62
‘14 L0111 .0633 L0112 .275 20.2 1.44
15 .0112 .084 L0111 275 17.2 1.47
16 © L0112 271 L0111 .275 14.0 3.7
17 .0112 .0617 .0101 275 16.8 1.06
18* .0112 .263 .0101 .275 14.4 3.8
¢ KCI = 0.600 N.
PKCl = 0.400 N.

No corrections for the change in acid concentration with the time were
made in calculating the values of the rate constants. This procedure is
justified by the facts that the initial concentration of acid is large and that
its relative increase is small.

The Mechanism of the Reaction

The values of the constants k,” and %,” in Expts. 1-7, in which the initial
concentrations of iodide and jodine were the same, show satisfactory agree-
ment, There is no doubt, therefore, that the values of # and # in Equa-
tion 2 are both unity. There is a slight decrease in %’ with an increase in
acid, but this is probably due to variation of the activations of the other
ions present.

Expts. 8-16 show that there is not much choice between %;’ and ks,
so that one cannot decide whether the value of ¢ is one or two. The values
of &,/ increase with a decrease in the concentration of I~, while the effect
on ky is in the opposite direction. The results indicate that, in accordance
with the theory proposed by Briénsted,? the variations in the values of
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k' and &, may be due to lack of proportionality between the activities
of the ions and their concentration.  Ia such cases Bronsted has suggested
that the experiments be carried out in solutions of constant ionic strength.
Expts. 17 and 18 were carried out in this manner, potassium chloride being
added for the purpose. It is evident that the mean values of k;’ resulting
from these two experiments with widely different initial concentrations of
iodide ion agree much more closely than do those of k.. It may, therefore,
be concluded that the reaction-rate equation is

_d@m) (Tt (L) ©

di oEH IO
If now this experimentally determined equation be simplified by means of
the mass-action expression (I,) (I7) = K(I37), it reduces to
d(L,7) _ kS (Tt (L
- fﬁ)=f( (H+))() ™

If, further, the hydrolysis of Tit*+ be assumed to take place in accordance
with the mass-action cquation (Tit++) = Ky (H+)(TiOH*+) and tlis
expression for (Ti++7*) be substituted in (7), there results
_d(LY) _ W Ka
i K

(TiOH**) (I,) @)

If an addition compound were to be assumed, as proposed in such cases by
Bronsted, this equation would represent the rate of the slow bimolecular
reaction, Ti(OH)*+ = I, = Ti(OH)*++I,. This would then be followed
by the rapid reaction, TIOH++.I; + Ti(OH)*++ = 2Ti0O++ 4 9H+ + 21—,

It is also of interest to consider the form of the rate equation that would
be obtained if the mechanism of the reaction involved the presence of
hypo-iodous acid. If we assume that the reactiod determining the rate is
d ()

dt-
= k(Ti*++)(HIO). If now the mass-action expressions for the hydrolysis
of iodine and the formation of I3~ from I, and I~ are substituted in this

d (™) B (Tit++) (I;-)

@Y I
from equation (6), which actually expresses the rate, only in the exponent
of (I7); but it was shown that this is unity when the rate is determined
in solutions of the same ionic strength. Hence, it is evident that this re-
action, which belongs to Class 4. does not involve a hypo-iodous acid
mechanism. ‘

It may be mentioned that Bredig and Michel® found that the rate of the
reaction, 8Ti*+* + CIO,~ + 4H,0 = 8TiO+* + Cl~ + SHH, is directly
proportional to the concentrations of titanium and perchiloric acid, which
they explained by assuming that the first slow step is the formation of

® Bredig and Michel, Z. physik. Cheus., 100, 124 (1922).

Ti+++ | HIO = TiO++ |- 31, 4 II+, the rate equation would be —

equation, it becomes — This equation differs



May, 1926 OXIDATION BY TRIVALENT TITANIUM 1187

TiClO4*+ and that this is followed by a rapid reaction between the
addition compound and trivalent titanium. It may be noted that the
results of the present research, as well as those of Bredig and Michel,
could be interpreted by assuming the slow production of quinquivalent
-titanium to be the first stage in the reaction. There is no independent
experimental evidence either for the addition compounds referred to above
or for the existence of quinquivalent titanium. The fact, however, that
ionic reactions of metathesis and of addition are usually rapid makes it
more probable that the slow step in ionic reactions is comnmonly due to
valence changes.

Summary

The rate of the reaction between iodine and trivalent titanium has been
measured and found to be directly proportional to the concentrations of
trivalent titanium and trilodide ion and inversely proportional to the
concentrations of hydrogen ion and iodide ion. Taking into account the
trijodide-iodine equilibrium and the probable hydrolysis of trivalent ti-
tanium salts, this is shown to correspond to a slow reaction between
iodine and TiOH**. This fact is not in agreement with the formation of
hypo-iodous acid as an intermediate compound. The results could be ex-
plained by assuming the slow formation from Ti(OH)*++ and iodine of an
addition product which in turn reacts rapidly with more Ti(OH)™** to
give the final products of the reaction. A mechanism is also suggested
which involves the existence of quinquevalent titanium.

PasapENA, CALIFORNIA
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Examination of Somc
Methods for the De-
termination of Sul-
“fites and of
Herrous
Iron’

By Walter D. Bonner and Don M. Yost

UriveErsiTy ofF Utal, Sarr Lazw Crry, Uram

v, URING the progress of some work in this laboratory
it became necessary to determine accurately sulfurous
acid in the presence of ferric and ferrous iron. This
problem has proved a stubborn one, and has not yet reached
a solution. However, it led to a careful consideration of the
various volumetric methods available for determining sul-
fites and iron, with the discovery that, although the analysis
of sulfites has received considerable attention, there is no-
where available a critical comparison of the various methods.
Moreover, it was not possible, from the published data, to
make such a comparison. The writers have therefore made
the following examination of volumetric sulfite determina-
tions, and have added to it a short discussion of two unusual
reagents for ferrous iron.

Sulfite Determinations
Since solutions of sulfites or of sulfurous acid are unstable,

" the procedure of Ferguson? was adopted, which consists in

adding weighed quantities of a finely pulverized sample of
the sulfite to the solutions containing the oxidizing agent.

In all cases a weighed sample of sodium sulfite was added to
a known excess of oxidizing agent in an Erlenmeyer or glass-
stoppered flask. After the reaction was complete, solid
potassium iodide was dissolved therein and the -whole al-
lowed to stand for about 10 minutes. The liberated iodine
was then titrated with 0.1 N thiosulfate. The strength of
the known volume of oxidizing agent was determined in the
same manner, being recorded in cubic centimeters of thio-
sulfate.

In making these comparisons the iodine method is assumed
to give accurate results, and the merit of any other method is

1 Received July 6, 1925.
2 J. Am, Chem. Soc., 89, 372 (1917).

)



judged by its agreement with the iodine method. Bureau
of Standards burets were used throughout.

Comparisen 'of Oxidizing Agents

Sranparp IopINe SorLurion—Twenty-five cubic centi-
meters. of potassium trilodide solution were pipetted into a
250-ce. Erlenmeyer flask, and followed by 2 ce. of 6 N sul- -
furic acid and 50 ce. of water. To the resulting solution
0.1260 gram of sodium sulfite was added, this amount bemg
used in all subsequent experiments. The contents of the
flask were shaken until the salt was completely dissolved, and
after 2 to 5 minutes the excess lodine was titrated with ap-
proximately 0.1 N thiosulfate. The average of seven titra-
tions gave 18.80 ce. == 0.05 as the thiosulfate corresponding
to 0.1260 gram of sodium sulfite. The effect of acid on the
titrations is very marked. = Omitting the 2.0 cc. of 6 N
sulfuric acid lowers the thiosulfate value from 18.80 to
18.65 ce. _

In order to be certain that the assumption of accuracy for
the iodine method is justifiable, the foregoing results were
compared with a set of gravimetric determinations. 0.1260
gram of the same sodium sulfite was oxidized with .the
same potassium triiodide solution, and weighed as barium
sulfate. The average of five determinations, after correcting
for sulfate already present in the sulfite, was 0.2135 = 0.0003
gram barium sulfate, corresponding to 0.0586 gram sulfur
dioxide in 0.1260 gram sodium sulfite. The weight of sulfur
dioxide in the same weight of sodium sulfite was, by the above
volumetric determination, 0.0587 gram. The thiosulfate
solution was standardized by liberating iodine from a neutrsl
solution of potassium iodide and iodate and by means of
standard acid.

During these gravimetric determinations it was noticed
that the barium sulfate settled very quickly in the solutions
containing iodine, and was ready for filtering in less than half
the time needed for those solutions containing no iodine.
It has since been the practice of this laboratory to add a small
amount of jodine solution to barium sulfate precipitates, with
quite uniform success in facilitating the settling and filtering.

Porasstom PerMaNGANATE—It is well known that the
reaction between potassium permanganate and sulfurous acid
gives rise to dithionic acid in varying amounts, depending
upon experimental conditions. As a consequence a volu-
metric sulfite determination using permanganate always
gives a low result. The average of a number of concordant
titrations gave 17.23 ce. of thiosulfate corresponding to 0.1260
gram of sulfite. Since permanganate oxidizes sulfite to both
sulfate and dithionate, it seemed possible that increasing the
permanganate concentration might decrease the experimental
error. It was found, however, that a sevenfold increase in
permanganate concentratlon did not alter the experimental
result.

@



Porassrum DicEROMATE—Since the completion of this
work, the paper by Hendrisson? has appeared, making it
unnecessary to repeat the results here. The average of a
large number of titrations gave 18.31 ce. as the thiosuliate
corresponding to.0.1260 gram sulfite.

Hypocarorous Acip—Hypochlorous acid solutions are
not stable in the presence of excess acid, so that reactions
involving it must be carried out in faintly acid, neutral, or
alkaline =olutions. The experimental conditions were varied
considerably, and many experiments were performed but
accurate and consistent results could not be obtained. In
some cases pure hypochlorous acid solutions were used, in
others an alkaline solution was used, and in still others the
reaction was carried out in a buffer solution,* of an equimolal
mixture of disodium and monosodium phosphates. The
results, however; were all low and erratic. The results given
here were obtained in alkaline solution—i. e., an approxi-
mately 0.1 N solution of sodium hypochlorite.

0.1260 gram of sodium sulfite was dissolved in 25 cc. of
sodium hypochlorite solution in an Erlenmeyer flask. The
solution was. then diluted to 150 ce. and solid potassium
iodide diszolved therein, followed by 5 cc. 6 N sulfuric acid.
The liberated .iodine was titrated with thiosulfate. The
average of a large number of titrations gave 1845 = 0.05
ce. of thiosulfate, corresponding to 0.1260 gram of sodium
sulfite. Tt will be noted that loss of chlorine would tend to
give high results rather than low.

Soprom Bromare—Here again the results are low, the
average being 18.24 = 0.10 cc. of thiosulfate corresponding
t0 0.1260 gram sodium sulfite.

Porasstum IopaTE—The recent work of Hendrixson®
makes it unnecessary to give the results in detail. It should
be pointed out, however, that the iodate solution must be
initially acid. It would be advantageous to allow the oxida-
tion to occur in neutral solution, and acidify only for the
determination of the excess iodate. Unfortunately, when
this is done the titer is always low. When the iodate solu-
tion was initially about 1 N with acid, an average of 18.83
ce. of thiosulfate, corresponding to 0. 1260 gram sulfite was
obtained. When the oxidation took place in neutral iodate
solution the thiosulfate value was only 18.18 ce.

STaNDARD Broming SoruTion—It is necessary to give only
a few results for the bromine method, in view of the work
of Manchot and Oberhauser.® They, however, used an in-
dicator to determine the end point, while the writers carried
their work out along the lines already described. With
no acid initially present in the bromine solution, 18.76 = 0.03
ce. of thiosulfate corresponding to 0.1260 gram sulfite was
obtained. When the bromine solution was initially 1 N

3 J. Am, Chem. Soc., 4T, 1319 (1925).

+ Abbot and Bray, J. Am. Chem. Soc., 31, 729 (1909)
5 Ber., 57TB, 20 (1924).
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with sulfuric acid, the result was the same. These results
compare favorably with those obtained by the iodine method,
although they are unmistakably lower.

Summary of Results for Sulfites

The averages of the results obtained by the various methods
(Table I) give a bird’s-eye view of their accuracy. The
writers are well aware, however, that the averages in some
eases have no meaning in themselves, but serve for ecompar-
ison only.

Table I
Cec. thio corresponding to
Method 0.1260 gram Na:SO:
KIz 18.80
EBrs 18.76
KIO; 18.83
HCIO 18.45
L BaCazOr 18.81
NaBrOs; 18.25
EMnO4 17.23

Analytic Oxidation of Iron

Of the oxidizing agents tried for the analysis of sulfites,
three are known {o oxidize Fet* quantitatively to Fet+++—
namely, potassium permanganate, potassium dichromate,
and sodium bromate. Hypochlorous acid and potassium
tribromide are the only other ones which probably are rapid
enough or powerful enough to be of any use. Since both of
these oxidizing agents are most easily determined iodometri-
cally, the main reaction had to be carried out in the pres-
ence of a buffer solution which would keep the Fe*+++ con-
centration so low that the reaction

Fe+++ 4+ I-=TFett + 14,1, '6h)
could not take place to any appreciable extent, and which
would also keep the H* concentration low when hypochlorous
acid was used as an oxidizing agent.

If Fe*+ is added to a solution of disodium phosphate con-
taining hypochlorous acid, it is immediately oxidized to ferric
iron, which precipitates as the phosphate. When potassium
iodide is added to the resulting mixture, iodine is liberated by
the excess hypochlorous acid. Iodate may also be formed.
On addition of acid to this mixture the precipitated ferric
phosphate is dissolved with the formation of Fe(PO,),~-~.8
Owing to the formation of this complex, the Fe*++ concentra-
tion is diminished to such a low value that Reaction 1 does
not proceed to a measurable extent during 10 minutes.”
Any iodate which may have been formed is reduced to I,
according to the reaction:

I0— + 51~ + 6H* = 31, + 8H,0

The procedure used was based on this set of reactions.

"Ten cubic centimeters of Fe++ solution gave the following

§ Wineland and Ensgraber, Z, anorg., Chem., 84, 340 (1913).
7 Barneby, J. Am. Chem. Soc., 8T, 1496 (1915).
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equivalents in cubic centimeters of thiosulfate solution:
highest, 7.90; lowest, 7.71; average of eighteen determinations,
7.80; calculated from potassium permanganate titration,
7.79.

The same general procedure was used with standard bro-
mine solution ag the oxidizing agent. Here, 25 ce. of Fet+
solution gave the following thiosulfate equivalents:

Caled,

No. from EKMnOg
Sample detns, Highest Lowest Av, titration
1 6 8.25 8.10 8.17 8.90
2 6 8.31 7.94 - 8.13 8.97
3 4 19.80 19.63 19.74 20.58

Summary

The most satisfactory volumetric reagents for the deter-
mination of sulfurous acid or of sulfites are iodine solution,
bromine solution, and iodate solution. The iodine was
checked with a gravimetric method, and the results were com-
parable.

Todate solution is preferred to iodine and to bromine, as
it is more stable:

Potassium permanganate is quite unsuitable to use as a
volumetric reagent for sulfites.

Hypochlorite, dichromate, and bromate solutions give
better results than does permanganate. They are not
sufficiently accurate for use in quantitative estimations, and
this inaccuracy increases in the order named.

Hypochlorous acid is a satisfactory oxidizing reagent for
Fe++, and a method is given for its use in volumetric analysis.
The tribromide method for Fe*™* does not give accurate
results.

(5)



