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ABSTRACT

The coulometric titration of thiosulfate with iodine has been in-
vestigated at different hydrogen ion concentrations. The applicability
of this titration to the determination of oxidizing agents has been
demonstrated by determining microgram quantities of ferric iron, chromate,
and selenious acid.

A modification of the Norris and Fay method for the volumetric
determination of selenious acid has been compared to a proven, but
less direct me thod,

it has been shown tnat tripositive antimony can be titrated in
concentrated hydrochloric acid solutions more successfully with chlorine
than with bromine. Evidence concerning the nature of the species of
tripositive and pentapositive antimony existing hydrochloric acid
solutions has been obtained amperometrically during the coulometric
titrations in hydrochloric acid of tripositive antimony with bromine
and chlorine, and of pentapositive antimony with cuprous copper.

The indicator currents obtained with an amperometric system during
the reduction of iodate with cuprous copper and during the oxidation
of iodide with both chlorine and ceric cerium have been investigated
as functions of the hydrogen ion concentration, the chloride concentration,
and the applied potential.

A quantitative study of the amperometric system used for above
measurements has been made. An equation has been derived which relates
the indicator current to the applied potential and to the concentrations
of electrode-reactive species in the solution. &xperimental tests
have been made on the ferrocyanide-ferricyanide half-cell. The

amperometric end point is discussed,
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PART I, THE COULCMETRIC TITRATION OF THIOSULFATE WITH IODINE AMD ITS
APPLICATION TO THE DETERMINATION OF OXIDIZING AGENTS

Introduction

There is a2 need for reducing intermediates for secondary
coulometric titrations which will react completely, rapidly, and
stoichliometrically with a large number of oxidizing constituents. In
conventional volumetric titratlions these requirements are frequently
met by the addition of excess ilcdide with subsequent titrétion of the
liberated iodine by thlosulfate. Therefore, it seemed possible that if
thiosulfate could be titrated with electrolybtically generated iodine,
the coulomeirilc process could be extended to many of the conventional
jodometric determinations of oxidizing agents. This invesﬁigation wWas
undertaken to determine the feasibility of the coulometric titration
of thiosulfate with lodine, and to establish the limiting conditions,
The results of three applications of this titration to the determination

of oxidizing agents are reported.
A, THE COULCOMETRIC TITRATION OF THIOSULFATE

Although the titration of millinormal thiosulfate with millinormal
jodine, with use being made of elther the starch end poinﬁ (1, 2, 3)
or the emperometric end point (4, 5, 6), has found analytical applica-
tions the optimum conditions have not been studled thoroughly until
recently.

Since the completion of thils experimental work, two papers

pertinent to this titration have been published. Tulzundilc and
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and Madenovic (7) have titrated thilosulfate with electrolytically
generated lodine and have used the starch end point. They did not
extend their investigation to solutions as dilute as those in this
investigation nor did they investigate the permlssible pH limits for
the titration, The effect of various pH walues on the volumefric
titration of millinormal thiosulfate solutions with millinormal
icdine, with both the sterch and the amperometric end voints, has been
studied by Bradbury and Hambly (8). The effect of still higher acld
concentratlons than thoge investigated by Bradbury and Hamblj has been

gtudied and is reported below,
Txperimental

Chemicals., Reagent grade chemicals were used. A standard
solution of 0.1 VF. (volume formsl) sodium thiosulfate was prepared
b& dissolving 25 g. of sodium thicsulfate pentehydrate and C.1 g. of
gsodiunm carbonate in one liter of freshly boiled distilled water, The
resulting solutlon was standardized against a standard sclution of
potagsiun iodate, The millinormal thiosulfate solutions used in the
*tltrations were prepared by approprilately diluting this standard
solution with boiled distilled water. Since it was found that the
iodine titer of a millinormal thiosulfate solution decreased signlf=-
icantly within two days, a fresh dilute thiosulfate'solution was
prepared each day that titrations were made.

A 1,0 VP, potassium lodide solution was prepared by dlssolving
reagent grade potassium iodlde in boiled distilled weater. The solution
was made 0.C01 TF. in scdium carbonate in order to retard alr oxidation

of the 1lodide.
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The buffers listed by Ramsey, Farrington and Swift (9) were used
to control the pH values of the solutions. Hydrochloric ecid was used
in order to obtain hydrogen lon concentrations C.,1 VF. or greater,
Boiled distilled water was used exclusively in making u? ali
solutions; boiling removed a small amount of oxidizing agent from the
distilled water and gave smaller blank corrections.,

Apparatug, Adjustment, and Procedure. The aprarstus used was

that described by Meiler, lyers, and Swift(io) with the mcdifications

of Remsey, Farrington, and Swift (9'. The preliminary adjustments and
the titration procedure were essentially those described_ﬁw Ramsey,
Farrington and Swift (9) with the following changes. In pla;e of the
25 ml. of As(III) solution, 10 ml. of millinormal thiosulfate and 15 ml.
of boiled distilled water were pipetted into the titration cell. The
titrated solution was O.1 VF. in potassium lodide and had a volume of
50 ml. When carbon dioxide was used for the titrations under oxygen=-
free conditions, the gas was bubbled through the water and‘the acid for
five minutes in order to sweep out the dissolved oxygén. Then the
thiogulfate and iodlide solutions were pipetted into the titration cell,
“the cell was attached to the titration anparatus and:the titration was
conducted under a stream of carbon dioxide.

The methods of determining blank time and titration time, of
adjusting the generator current, and of maintaining the sensitivity of
the indicator electrodes were the same as those‘described by Ramsey,
Farrington and Swift (9).

A potential difference of 135 millifolts was Impressed across the
indicator electrodes. The generation rates used were 1.037 x_10-7

equiv./sec. and 1.036 x 10-8 equiv./sec.
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Discussion

The data obtained from coulometriec titrations of 10 ml. of milli-
normal thiosulfate (approximately 1 milligfam of thiosulfate) with io-
dine at various pH values are presented iﬁ Table I, and show;’in agree=
ment with Rradbury and Hambly (8), that between a pH of 1 and 8 titrations
can be made with errors of less than 2 parts per 1000 withopt exclusion
of atmospheric oxygen. Titrations of 0.1 milligram quantities show
the same absolute error, approximately 1 microgram. The trend from a
small positive error at a pH of 8 to a small negaﬁive error at a pH of 1
is of doubtful experimental significance. At higher pH values positive
errors are obtained. The data of Tables I to III show that in 0.6
to 1.2 V¥, hydrochloric acid solutions wvalues within 2 parts per 1000
can be obtained in the absence of oxygen; larger negative errors result
in the presence of oxygen. These effects are discussed‘beloﬁ.

Titrations at high pH values. At pH values of 9 and 9.7 too much
iocdine was required and the indicator currents were unstable. At these
pH velues tre indicator current obtained with a blank solution in which

\1odine had been generated decreased slowly on continved stirring (with-
out further generation of iodine) thus indicating that hydrolysis of
iodine was becoming significant (9); however, the decrease of indicator
current was so slow that reproducible blanks could be obtained. 'hen
a thiosulfate titration was made at these pH vaiues an excess of iodine
was required before an end point was obtained and the resultant
indicator current then decreased much moré rapidly than’did those with
the blanks. This indicates that during the titraticn.some of thebthio—

sulfate is bteing oxidized to a higher oxidetion state than tetrathionate,



TABLE I, Titrations of Thiosulfate at Various pH Values.

Oxygen Not Excluded,

Thiosulfate (32033), Vierograms

~PpH Mumber of : .
Titrations Taken Found Error Standard
Deviation
0,7 2 1071 1192 +121 1.6
9.0 3 1138 1158 + 20 ' 1.7
8.0 5 1138 1138 0 1
7.0 é 1071 107 0 0.7
3 10702 10605 - O-'? . Oa7
5.0 2 1071 1070 -1 0.0
4,0 4 1138 1137 -1 0.9
2.0 3 10m 1070 -1 0.9
HC1l, VF.
0.1 5 1138 1136 -2 0.6
2 ‘ 107.2 1%.3 — Oa9: 003

0.6 5 1138 1127 -1 3.6




TABIE II. Titrations of Thiosulfate in Hydrochloric Lecid Solutions.

All solution except thiosulfate oxygen-free, titrations made under 602.

Thiosulfate (8203=), Micrograms

HCl, VF. Munber of
Titrations Taken Found Error Standard
Deviation
0.6 6 1071 1067 - 4 0.9
1.8 7 1071 1055 16 2.9
2.4 2 1071 1054, =17 1.6
LaR 2 1071 085 ~86 0.0

TABLY ITI. Titrations of Thiosulfate in Hydrochloric Acid Solutions.

A1l solutions oxygen-free, titrations made under 002.

Thiosulfate (3203=), Micrograms

HC1, VF. Number of
Titrations Taken Found Frror Standard

Deviation
046 3 1073 1071 -2 0.4

2l 2 1073 1065 -8 0.8
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and “ha' at least one of the products formed during the titration is

being further oxidized by the excess of lcdine. The formation of

- sulfate dﬁring the oxidation of thiosulfate by iodine in hasic solutions

is well-known (11), and could account for the excess icdine reﬁuired

at these high pH vzlues (8). |
Titrations at low pH values. Bxcess iodine was required when

golutions C.05 M. in thiosulfate and having a pH of 1 were titrated

volumetrically, presumably because of the reactions:

= +
8,0, +2H =S+ HyS0, (1-1)

- - +
HyO + HyS80, + I, = 21" + HSO, + 3H . - (1-2)

However, the kinetics of reaction (I-1) apparentlv 1s such as
o cauée smaller percentage errors in the titratlon of more dilute thlo-
‘sulfate solutions (17a), Analyticel procedures have been proposed (4s 6)
involving the titration of an excess of millinormal thiocsulfate in 0.1 N.
acld solutions but it is doubtful if discrepancies of less than a few
per cent could have been detected in the confirmatory work reported.
We have found about 2 per cent excess of iodine required when 10 ml.
of millinormal thiosulfate were added to 50 ml. of 0,5 VF, hjdrochloric
acid, the solutlon allowed to stand for 25 minutes under carbon dioxide,
then buffered to a pH of 7, lodide added, and the solution titrated
coulometrically. However, when the thiosulfate was added to the acid,
lodide added at once, and the titration made immediately wilthout
buffering the solution, less than the equivalent quantity of ledine

was required at the above and all other acid concentrations investigated,
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With these dilute solutions the sir oxidation of sulfite and/or of
iodide in acid solutions apperently has & much greater effect than
the acid decomposition of thiosulfate. |

" In obtaining the values shown in Tables I, ITI, and IIT for
titrations in hydrochloric acid solutions the tiﬁration was made
immediately after acidification. In O.1 VF. hydrochloric acid
titrations with errors of less than 2 parts per 100C can bte made with-
out the use of carbon dioxide. When a solution which was 0.1 VF. in
potassium iodide and 0,1 VF. in hydrochloric acid wes placed in a
titration cell on the apparatus and stirred, the indicatof current rose
very slowly due to air oxidation, but the magnitude of this effect was
not such as to cause significant errors in the subsequent titrations
made ‘in this concentration of acid,

In 0.6 VF. hydrochloric acid the error is approximately - 1 per
cent if oxygen is not excluded. If all of the solutions except the
thiogulfate are swept with carbon dioxide for five minutes and the
titration is done under carbon dioxide, the error decfeases 10 0.2=0,3
per cent. 'hen all solutions, including the dilute thiosﬁlfate solution,
. were made up with water through which nitrogen had béen passed, the
error decreésed slightly to less than =-0.2 per cent. | v

In 1.2 VF, hydrochloric acid, under the same conditions, the
error was about the same, but rose to =0.8 per cent when the titration
wa8 done in 2.4 VF. hydrochloric acid. Loss of sulfur dioxide is a
possible explanation of the consistently negative errors in these

oxygen-free solutions,
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B. TFE DETERMINATION OF FERRIC IRON AND CHROMATE

‘The deterninations on & macro scale of both Fe{ITI) and Cr(VI)
by addition of an excess of potassium iodide to an aecid solution énd
then titrating the liberated iodine with standard thiosulfaté-hava
long been standard analytical vrocedures; therefore these substances
were selected as typical oxidizing agents with which toltesi the
analytical application of the coulometric thiosulfate titration. The
determinations were carried out by adding the solutions of Fe(III) or
¢r(VI) to an iodide solution which was 0.1 VF. in hydrochloric acid,
then adding an excess of standard thiosulfate solution and coulo-

metrically titrating the excess with iodine.

Experimental

Chemlcals. 4 solution of 0.1 VF. ferric chloride was prepared
by dissolving the salt in 0.1 VF, hydrochloric acid. ;This solution was
standardized ilodometrically. A standard solution of 0.1 N potassium

.dichromate was prepared by diluting to a known volume a weighed quantity
of the salt which had been dried for one hour at 150° C.

The more dilute standard solutions were prepared by making
appropriate dilutions of these standard solutions. At first the dilute
iron solutions were prepared with ordinary distilled water, but it was
found necessary to use water through which carbon dioxide had been passed
for 20 minutes and then to keep these solutions under carbon dioxide in

crder to avoid large oxygen errors.
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Titration Procedure. Twenty ml, of distilled water, 5 ml. of
1 TF. hydrochloric acid, and 5 ml. of 1 VF. potassium iodide were
placed in & titration cell and carbon dicxide was passed through thils
solution for 5 mimites. Then 10 ml. of the Fe(III) or Cr(VI) solution
were‘added. Ten ml, of the dilute thilosulfate solution were édded
immediately, the solution was placed on the apparatus, and the excess
thiosulfate was titrated at once under carbon dioxide iﬁ the same
manner as described above.

Two methods were used to obtain a correction for reagent
inpurities, etc. In the first method, & blank was run with 5 ml.
of 1 VF, potassium lodide, 5 ml. of 1 VF. hydrochloric acid and
40 ml. of water under the same conditions as was the titration.

.In the second method, which gave results simllar to those
obtained by the first method, a thiosulfate titration was run as a blanlk.
The blank solution was the same as the titration solution éxcept that
the Fe(III) or Cr(VI) solution was replaced by distilled water. The
titration time was then subtracted from the blank time to gilve the net
titration tiﬁe; This method is to te preferred since, in addition to a
“correction for impurities, a standardization of the thiosulfate is

slso made under the condltions of the titration,

Discussion

Preliminary experilments showed that the titration of ferric iren
is satisfactory only if oxygen is carefully removed from all solutions.

Cxygen dissolved in the solutlons caused poslitive errors of about



- 11 =

6 per cent in the titration of 500 mg. guantities of iron even though
the titrations were done under carbon dioxide; a2 similar titration
which wés not done under carbon dioxide resulted in a positive error

of 13 per cent. The dilute standard solutions used for the titrations
shown in Table IV were prepared by diluting the stock standard solutions
with distilled vater through which carbon dioxide had been passed for

. 20 minutes. Carbon dioxlde was also passed through the other solutions
used in these titrations and the titrations were done under carbon
dioxide. These titration values are slightly high, and show an
sbsolute error of 3 micrograms with quantities of iron greater than
5000 microgr:ms and of less than 1 mlcrogram with smallervquantities.
The data from the dichromate titrations indicate that under‘the
conditions of these titrations the errors are within those‘of the

experimental measurements,
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TABLE IV. Confirmatory Determinations of Fe(III) and Cr(VI).

Titrations done under carbon dioxide. Solutions oxygen-free.

Iron, Micrograms

Number of
Titrations Taken Found Frror Standard
Deviation
5 5755 5758 3 S Ra2
5 575.3 57843 3.C 0.6
A 286,.2 287.0 £.8 0.2
5

57.5 58.0 0.5 0.7

Chromium, Micrograms
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C. THE DETERMINATICH OF SELENIUM,
Introduction

The determination of microgram quantities of selenious acid is
another possible application of the coulometric titratienvof ihiosulfate‘
Several volumetric methods have been propeosed which utilize thiosulfate
and iodide for the determination of selenious acid (12, 13, 14, 15, 16,
17, 18). TPach of these methods is based either on the reaction of
selenlous acid with thiosulfate to give selenopentathionate or on the
reaction of selenious acid with iodide to give elemental selenium and
icdine., The purpose of this investigation was to determine the
feasibility of the coulometric determinations of microgram quantities
of selenious acid based on these two reactions, and to study and com-

. pare the precision and accuracy of such determinations.

In preparation for the coulomeiric determinations, aistock solu=-
tion of selenious acid was made up and standardized volumetrically by
the Coleman and McCroskey modification (12) of the method of Norris
and Fay (17). McMlty (19) has suggested a further modificétion‘which
\permits a direct volumetric titration with thiosulfate to the starch
end point. Since McMilty did not investigate carefully the precision
and accuracy attainable with his proposed method, the results of
titrations of the stock selenious acid solution obtained with this
method have been compared with the results obtained by the more come
plicated Coleman and McCroskey method. The precision and accuracy of
this latter method have been carefully studied. The results of these

volumetric titrations are gilven and discussed first.
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T« The Volumetric Titration of Milligram Quantitles
of Selenium,

There are two methods for the delermination of seleniocus acid
which make use of standard thiosulfate solutions. In the first, excess

iodide is added, and the iodine literated by the reaction -

LET + 417 + H Se0, = Se + 21, + 3H,0 o (1-3)

273
1s titrated with standard thiosulfate {13, 16, 15), This method gives
low results (20, 16), and the starch end point is obscured by'the

elemental selenium. In the second method, developed by Noﬁria and Fay
(17), an excess of standard thiosulfate is added which reacts with the

selenious acid according to the reaction,

AH * 48,0, + H,Se0

2 3 H,%e0, = Se(b ) + 3 06 * jH G (ImA)
~and the excess thlosulfate is back-~titrated with a standard»iodihe
solution. This method has been shown by Coleman and Méﬂroskay (12)
10 give results sccurate to wiﬁhin 0.2 per cent at robm temperatures
if @ large excess of standard thiosulfate is avoided., In both of
these methods one atom of seleniun is equivalent to four molés of
ihiosulfate.

MeMulty (19) has suggested a combination of these two methods
in a direct titration. A small amount of potassium iodide is added
to the gelenious 2cld and a direct titration 1s made immediately to the
starch end point with standard thiosulfate., The iodide reacis according

to Reactlon {I=-3) above. Sincs, under the prevailing concentration

conditions the reaction of thiosulfate with icdine is élower than the
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reaction with selenlous acid, Reaction (I=4) predominates when thio-

- sulfate 1s added. Any lodine which is reduced to iocdide reacts again
with selenious acld to give iodine again., If starch is present, the
starch lodine color is visible throughout the titration. Only a sﬁall
amount of elemental selenium is present at the end point, and ihe end
point 1s not obscufad. Although Melulty proposed the addition of
only a small amount of iodide, he added more equivalents.of iodide than
the number of equivalents of selenium present. Thus, only Reaction
(I-3) would take place, and his data prove nothing about his'proposed
method. Therefore, two modifications of McNulﬁy‘s suggested method
were studied. In one of these modifications, the selenious a@id‘
is titrated directly with thiosulfate to within a few per cent of the
equivalence point before addition of lodide. In the second procedure,

~a smaller quantity of lodide is added before beginning the titration.
These procedures are described below and a discussion is gi&en of the

data resulting from their usse.

Experimental

Chemicals. A stock solution of gelenium dioxide wasvprepared
in the following manner. Eight grams of a technical grade of metallie
gelenium were dissolved in concentrated nitric acid and the nitric
acid was fumed off. The resulting tetrapositive selenium was twilce
distilled as the tetrabromide from a concentrated hydrobromic acid
solution (21) in order to separate the selenium from tellurium and
other elements which are not volatile under these conditiens. Sulfur

dioxide was then passed through the distillate until there was nc
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further precipitation. The resulting elemental selenium was filtered
_off and again dissolved in concentrated nitric acid, The nitric acid
was fumed off and the resulting selenium dioxide was twlce sublimed.
This purified selenium dioxide was dissolvéd in one liter of bolled
distilled water and standardized according to the method of Coiaman
and McCroskey (12).

All other chemlcals used were reageni grade.

A 0,1 ¥F, sodium thlosulfate solution was prepared and stand=
ardized against a standard potassium iodate solution. o

A 0.1 N. icdine golution was prepared and stendardized against
the thiosulfate solution.

Titration Proceduregs. The two procedures described beieﬁ were
uged, Procedure A should bte used when the approximate amount of
selenium present 1s known since it is subject to fewer uncertainties
than Procedure B, Procedure B is useful when the approxiﬁate pogition

of the end point is unknown,.

Procedure A. The desired volume of selenlous acid solution was
pipetted into an Erlemmeyer flask, 5 ml. of 6 VF. hydrochloric acid
were added, and the volume adjusted to approxiﬁately 30.ml, This
solution was titrated with thiosulfate to within about a milliliter
of the end point. Then 5 ml. of starchindicator solutiom and 0.5 to
1 ml. of 1.0 VF. potassium iodide were added, and the titration was
continued to a starch end point.

When this procedure is followed, only a slight amouht, if any,

elemental selenium is apparent at the end point.
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Procedure B. After pipetting the desired wvolume of selenious acid

into the flask and adding the hydrochloric acid and wabter, £ ml. of
 starch indicator solubion and 2 dropa (approximately 0.05 ml.) of

1.0 VF, potagsium icdide were ad@ed. The solution vas thén titrated
with thiosulfate. Vhen the blue color of the starch iodine ccﬁplex
disappeared, two drops more 1.0 VF, potassium icdide were added, and,
if the color re-appeared, the titration was continued until a permanént

end point was reached.

Discussion of Results

The experimental results obtained with Procedures A and B are
shoun in Table V. The quantities of selenium taken are calculated on
the baéis of the standardization of the selenious acld solution by
the method of Colemsn and McCroskey (12). The agreement 1s within the
~volumetric error for both procedures.

- In outlining Procedure B, it was stated that before the end point
was reached, the starch-iodine color disappearsd. If the sclution was
then allowed t§ stand, the cclor would gradually re-appear. lMore
iodide was added in order to save time.

Although Procedures A and B yield comparable results, thse étatémsnt
was made that Procedure A was subject to fewer uncertainties than |
Procedure B because the most certain procedure 1la to add the lodide as
clogse to the equivalence point as possible. The results become low as
more iodlde is added initially in Procedure B. VWhen 1 hilliequivalant
of icdide was initially added to 2.9 milliequivalents of selenium, the

error was -0.7 per cent. Vhen 2 milliequivalents of icdide were added
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TABLE V. The Dirsct Volumetric Titration of Selenious Acid With
Thiosulfate to the Starch End Point.

Procedure Selenium, Milligrams - ?eérgzﬁt
Taken Found -Error

A 141 .6 141 .6 0.0 0.0
1416 0.0 0.0

56 .76 56072 "'0.04 -O.Cf?

56,67 -0.09  =0.16

3.537 3.540 +(,003 +0,09

. B 141 a6 141 07 +Oc1 +0.0’7

56,76 56,72 -0.04, ’ =0.07

3.537 3.538 +0.001 40,03




initially to the same quantity of selenium, the error increased to
=11 per cent. Thus, the amount of lodide added should be kept as

small as possible.

2. The Coulometric Determination of Microgram
aantities of Selenium,

Tt has been shown that millinormal thiosulfate solutions can be
titrated coulometrically with 0.1 per cent accuracy and precision in
0.1 VF, hydrochloric acid. <4t seemed possible that microgram quentities
of selenious acid might be determined by adding an ¢uxcess of standard
millinormal thiosulfate solution and titrating the excess with
electrolytically generated iodine.

Two procedures which are based on volumeblric procedures suggest
~themselves. In both procedures selenious acid, hydrochloric acid,
sodium thiogulfate, and potagsium icdide solutions are mixed, but
the order of mixing is different., If the thiosulfate is added to the
selenious acld solution before the iodide, selenious aéid reacts
with thiosulfate to form selenopentathionate according to Reaction
(1-4). Lf the iodide is added before the thiosulfate, the selenious
acid is reduced to elemental selenium according to Reaction (I-3), and
the thiosulfate then reduces the liberated iodine.

Quantities of selenium ranging from 14 to 1400 miérograms have
been determined by both of these methods and the resﬁlts are shown

below. The ernd point was determined amperometrically.



Experimental

Chemicals. Dilute standard solutions of sodium thiosulfate and
selenious acid were prepared by appropriately diluting the stock
standard solutions descrived earlier.

All other chemicals were reagent grade.

Apparatus. The coulometiric and amperometric apparatus has been
described previously (7, 10)» The generation rates used were

1.037 x 1077

and 1,036 x 10'“'8 equiv./sec. A galvanometer whose
sensitivity was set to 0.5 microamperes per divisioh by avpropriate
shunting was used in measuring the indicator currents. A potential
of 200 millivolts was applied across the indicator electrodes;
Procedures. Two procedures, designated C and D, were used. In
both of these procedures 10 ml, ofselenious acid solution and 5 ml.
-of 1.0 VF. hydrochloric acid were pipetted into a titrationvcell,
followed by 20 ml. of distilled water. The order of addition of the

thiosulfate and the lodide differed in the two procedures.

In Procedure C 10 ml. of dilute standard thiosulfate solution were
next pipetted into the titration cell followed by 5 ml. of_1;0 VF. |
potassium icdide, and the excess thiosulfate was titrated coulometrically
with icdine irmediately. Salenopentathibnate is formed in this pro-

cedure,

In Procedure D the 5 ml., of 1.0 VF, potassium lcdide were added
to the titration cell first, followed by the thiosulfate solution, and
the titration then made. Elemental selenium is formpd‘in this

procedure,



Blank thiosulfate titrations were run on solutlons whilch were
of similar composition except that the selenious acid was replaced
7 with 10 ml, of distilled water.

Except for the determination of 1400 microgram quantities of
selenium, thegse btlank thiosulfate titrations agreed within Q.1 per
cent with those celculated from the volume and normality of the
dilute thiosulfate solution added and frem a blank run on the potassium
iodide and hydrochloric acid solutions alone, |

Ls was to be expected from the previous work on the'cculometric
titration of thiosulfate, the thiosulfate concentration (0.002 VF. in
the final solution) was large enough in the blank thlosulfate titrations
for the 1400 microgram quantities of selenium that the thiosuifate was
significantly decowmposed by the acid, and as a result, iodine 1 per
cent in excess of that calculated wasg required. Since, in the deter=

‘miﬁaticn of selenium, the excess of thiosulfate was only about one-
third of the total amount added, and since the generation time during
& titration was only sbout ome=third of that for the blank, the
decompogition during a titration should be much less, and a blank
titration run in this way can not be used. In this case a blank was
run on the potassium lodide end hydrochloric acid, and the eguivalents
of thiosulfate added in a determination were calculated,

Tn all titrations and blanks the final volume vas 50 ml., and
the concentrations of hydrochloric acid and potassium iodide were

each 0,1 VF.



Discussion of Results

The results of determinations by the above procedures are shqwn
in Tables VI and VII. With the exception of the 14 zﬁicmgmmf
gquantities, all errors are positive and are consistently higher when
elemental selenium is formed. The per cent error is ruughly constant
for both prucedureé. There is a slight trend tcwérd higher percentage
errorg for larger amounts of selenium when Procedure C ié folloved,
Negative errors might have been expected for tﬁe titrations'ﬁhich
require lerger amounts of thiosulfate on the basis of the titratien
of thiosulfate alone in 0.1 VF, hydrochloric acid.

The consistency of the posgitive errors suggests eithér'that
some oxldizing impurity was still present in the selenious aéid
solution which was not reduced in the standardization of the solution,
o or, 25 seems more probable, that there is an induced ox&geﬁ erTOr,
This error 1s larger when elemental selenium is fcrmed than when
selenopentathionate is formed. ’.

In order to check the possibility of an "oxygen érrmr",
titrations were made in which the 5 ml. of hydrochloric acid ana the
20 ml. of distilled water were swept with carbénvdioxide féf 5 ﬁinutes,
7 tﬁen the other solutions were added, and the titration'was,carried
out under carbon dioxide., The results éf these titrations are éhown
in Table VIII along with the results of similar titréticns which were
made on the same day in which no attempt was made tb éxclude.oxygen,
Although a smaller positive error wag found in all titrations under
carbon dioxide except those in Series IV, the evideﬁcé is not conclusive

%

that the error 1s caused by oxygen.
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TABLE VI. The Coulometric Determination of Seleniocus Acid Using
the impercmetric Bnd Point,

Procedure € -~ Selenopentathionate Formed.
Cxygen not Excluded.

Humbter of . Per Cent
Titrations Selenium, Micrograns Error
Taken Found Error Nean

Deviation
5 1416 1421 +5 059 O +0.4
5 1415 1418 +3 0.55 - +0,2
A 283.0 284, +1,1 0.14 +0.4
5 283,0 283.8 +0.8 014 +0,3
) 160.1 16041 0.0 0.13 0.0
2 14145 141,77 +0,.2 0.08 o +0.1
4 141.5 141.6 +0.1 C.08 +0,1
4 14744 141.8 +0a4 0.14 +0,.3
5 141.3 147 44 +0,1 0.10 - +0,1
3 14;11 14.0’? "0104 OQOA -0.3




TABLE VII. The Coulomeiric Determination of Selenious Acld Using
the Amperometric E£nd Point.

Procedure D == Flemental Selenlum Formed,

Oxygen not Excluded.

Nunter of Per Cent
Titrations Selenium, Mlcrograms Trror
Taken Found Error Mean

Deviation
3 1416 1422 +6 0.63 40
3 1415 1423 +8 0.88 +0,6
4 283.0 285,1 +2,1 0.09 +0,7
5 16C.1 160.5 . +0.4 0,07 +0,3
2 141.5 14244 +0.9 0.04  +0.6
4 141.5 14245 +1.0 0.06 - +0,7
2 14144 142.2  +C.8 0.10 +0.6
5 141.3  142.0  +0.7 0.08 +0,5
3 14,11 14,07 =0.04 0,02 -0.3
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Experiments were also carried out in which the titration solutions
with the iodide absent or present were allowed to stand without stirring
and open to the air for 1C minutes before titration. The resultis are
shown in Tables IX and X. Vhen a solution 0,1 VF, in hydroch;oric
acid and 0.1 VF, in potassium lodide was allowed to stand for a similar
length of time, atucsvreric oxldation of lodide took place which would
correspond to 0.5 micrograms of selenium, The positive érrcr was
greater with selenium present under similar conditions for both pro=-
cedures. This error was much greater when the solutions were mixed
in the order ouitlined under Procedure D than when they were mixed
according to Procedure C. Although this evidence is also not con=
clusive, it offers strong support for the hypothesis that the errors
are due to atmospheric oxidation.

In order to ascertain that the rate of solution of atmospherie
oxygen was large enough to'permit the observed errors, an éttempt wasg
made to measure this rate by measuring the rates of oxidation of a
gtirred solution of 0.1 VF, potassium iodide in varicué concentrations
of hydrochloric acld. The greatest rate of oxidation obtained sets
s lover limit on the rate of solutlon of atmosphérie oxygen;‘ The rate
of oxidation was determined by measuring the indicator current as a
function of time in iodide solutions of the specified aéid;concentrations
which are open to the atmosphere. This indicator current is proportional
to the iodine concentrstion, The results of the measurements are shown

in Table XI1.
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TABLE XI.
HCl, VF. Rate of Adir Oxidation
(equiv./min,)
Ou 2.3 x 107
2.0 _ 1.9 x 10°°
6 2.0 x 1077

The rates were constant over a ten minute pericd in the 0.1 VF., and
2.0 VF. hydrochloric acid solutions. The maximum rate of solution
of atmospheric oxygen under stirring conditions identical uith;those
under which a titration is made must be greater than 2.0 x 10_7
equiv./min. Thus, this rate is large enough that oxidation by atmos~
‘pheric oxygen could easily account for the observed errors.

The somewhat inconslstent results obtained on different days
could be due to the varying amounts of dissolved oxygen in the boiled
distilled water which was used in making up all solutioﬁe; the amoﬁnt
of oxygen present 1s dependent on the length of time that the water
or solution has stood between boiling and titration. In ordér to
prove definitely that the observed errors are due to oxygen, all
solutions should be made up oxygen-free and the titration should be
carried out in an inert atmosphere. Unfortunately, time did not
permit any further investigation of this effect. |

The determination of selenlum was attempted at only one other
pH value. ‘hen the solution was buffered at a pH of 35 thers was

no indication of any reaction between the thiocsulfate and the sclenicus
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acid in the time required for a titration; the same number of reducing
equivelents were found as were found in a titration of the thiosulfate

alone.

Conclusions

A modificatiﬁn of the Norris and Fay method for the volumetric
titration of selenious acid with thiosulfate.has been shown io yield
results which are withlin the accuracy of those obialned by the proven
modification of Coleman and McCroskey.

fantities of selenium varying from 14 to 280 micrograms have
been determined coulomstrically with an average error of less than
+1 microgram and an average per cent error of less than +0./ per cent
when éelenopentathionate was formed. The average errors obtained for
the same quantities when elemental selenium was formed were larger,
but were less than +2 micrograms. The average error for 1400 microgram
quantities by both methods was larger than for the smaller quantities;
it was less than +5 microgreams vwhen selenopentathionate was formed and
less than +8 micrograms when elemental selenium was formed. _Contrary
t0 the results of macro determinations, the errors obtained when
elémental seleniun wss formed were all positive instead of negative.

These errors are ascribed to atmospheric oxidation,
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II. THE CCULGMETRIC TITRATICH OF ANTIMCH

A. OXIDATICN OF TRIPOSITIVE ANTIMONY “ITH ERCMINE IN HYDRCCHLCRIC
ACID SCLUTIONS.

Introduction

The oxidation of tripositive antimony to pentepositive antimony
with electrolytically generated bromine was investigated by Brown and
Swift (22), who found evidence that the equilibrium in approximately
3.5 VF. hydrochloric acid solutions was such that at the equivalence
point of the titration significant amounts of tripositive antimony and
bromine were present. Of all the chemical species present during the
titration, only bromide and bromine were known to form a half-cell
which would give an indicator current. Since an indicator current is
- obgerved which 1s proportional to the bromine concentration in a
solution of bromine in the presence of large excess of bromide, it
seemed possible to measure the bromine concentration during a titration
by measuring the indicator current. If the bromide concentration,
the bromine concentration, and the total bramine_genafated.uere knovm,
the solution potential, and the concentrations of tripositive antimony
and pentapositive antimony could be calculated. Thus, from measurements
of the indicator current during the titration of tripositive antimony
with bromine in hydrochlorlc acid solution, formal potentials of the
antimonous~antimonic half-cell could be calculated. The attainment of
stable indicator currents indicates eithei that a real equilibrium i1s
attained in the solution, or that the rate of reactioﬁ 1s so slow that

it can not be measured in this way. In elther case, useful information



could be derived from calculated formal potentlals.

The results of attempts to measure formal potentials 1ln this way
were not reproducible enough to make meaningful calculations. 'hen
the oxidation of tripositive antimony with electrolytically generated
chlorine in hydrochlorilc acid solutions was investigated latef, 1t was
found that the antimonous-antimonic half-cell gives an indlcator current
in hydrochloric acid solutions., Thus, the assumption that the indicator
current is proportlonal te the bromine concentration is not valid, TFor
these reasons only a limited amount of qualitative information was

obtained from the dats,.
The Effect of Hydrogen Ion and Chloride Concentrations.

The indicator currents observed during a titration éepend on ‘the
hydrochloric acid concentration. In 2 VF. hydrochloric acid there 1is
' no significant indicator current until the equivalsncs p@inﬁ is
reached, after which an indicator current proporiional to the géneration
tine is obtained. In 4 VF. hydrochloric acid indicator currents are
observed throughout the titration and the sharp change in the slope of
the graph of indicator current versus generation time.near the equi=-
valence point becomes less pronounced. In 6 VF, hydrochloiic acid
larger indicator currents are observed throughout the titration, and
the change in slope near the equivalence point becomes still less
pronounced.

When toth the hydrogen ilon and chloride concentrations were
increased independently, the indicator currents observed during the
titration also incressed and changes in the current near the equivalence

point became more gradual. Increasing the hydrogen ion concentration
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had greater effesct than increasing the chlorilde concentration. 'hen
the chloride concentratlon was greater than 4 VF., the results were not
repro&ucible enough to determine if the indicator euérents increased

or decreased as the chloride concentratlon was increased while holding

the hydrogen ion concentration constant.

Equilibria of Tripositive and Pentapositive Antimony
in Hydrochloric Acid. '

In the ensuing discussion, only the chloro complexes of antimony
will be considered since the bromide concentration‘was copstant in all
measurements. Because bromo complexes sre not considered, however, it
should not be concluded that their effect is negligible.

The above obgervatlions can be explained bty reactions of the type
suggested by Brown and Swift (23). Pentapositive antimony in con-

- centrated hydrochlorilec acid solutions first forms a chloro,complex,
SbClé", which slowly hydrolyzes to a complex of the type, Sb(OH)XOlé_X'.
The extent and rate of hydrolysis depend on the acid and chloride con=
centrations. Thus, when tripositive antimony is oxidized, the reactions
are

Sbel,” + 2017 = Sb016“ + 2e C(11-1)

L
- — + -
SEC1,” + XHOH = Sb(CGH) (17 + xH' + x01
(11-2)
Polarographic evidence alsc suggeststhe existence of both SbClA—(?L) and
Sb016_ (25) in concentrated hydrochloric acid solutions. Increasing

the acld and chloride concentrations favors the formation of SbClé-.
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For the equilitrium

SbCcl,” + 2017 + Br

" , = SKCl,” + 2Br (11-3)

the cohcantratian of bromine would decrease as the chloride ccpcenﬁra—
tion increases and we would expect the end polnt to become shdrper.
However, for the equilibrium involving the formation of hydrolyzed

pentapositive antimony

2017 + Sv¢l,” + x HOH + Br

L o = Sb(OH) 17+ x At + x c1” + 2Br”

(11-4)
the concentration of bromine is increased by increasing the c@loride
concentration if x 2 3. In both cases the concentration of Bromine
is increased by increasing the hydrogen ion concentration., We might
expect the currents at the equivalence point tc increase with increasing
.chioride concentration up to a certaln concentration and thén to
decrease as the chloride concentration is further incressed. The
measurements made when the chloride concentiration was gieater than
apnroximately 4 VF, were not reproducible enough that any comparison
of theory and experiment can be made on this peint. On the other
points previously mentioned, there was rough qualitative agreement,

Since reproducibtle quantitative results could not be obtained,

this system wasg not investigated further.
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B, THE GOULOMETRIC TITRATICON OF ANTIMCONY WITH CHLCRINE,
Introduction

The oxidgtion of tripositive antimony by bromine is not_campiete

at the equivalence point in hydrochloric acid solutions of concentrations

. greater than approximately 3.5 VF. (22). Becsmuse of the greater
oxidizing power of cllorine, the titration of antimony in.more con~
centrated hydrochloric solutions seemed possible if elecirolytically
generated chlorine was used instead of bromine. Therefore, the
counlometriec titration of tripositive antimony with chlorine was
investigated. The effects of varying the concemtratlons of hydrogen

ion and chloride, and of varying the indlcator potential were studied,

Experimental

"~ Chemicals. All chemicals used were reagent grade.

A stock standard solution of tripositive antimony was prepared
by the following modification of the pracedure of Schuhmannk(Zé). The
starting material was antimony trichloride instead of Antimony trioxide
and the purification procedure was stopped when antimony oxychlorida
was obtained., This antimony.oxychloride wes dissolved in the smallest
volume of & VF, hvdrochloric acid and reprecipitated by dilution,

It was then filtered off and dissolved in sufficient 2 VF. hydrochloric
acid that a solution of tripositive antimony which was approximately
0.1 N, resulted. This solution was standardized againgt a standard
potassium lodate solution according to the procedure of Hammock, Brown,

and Swift (27).
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The hydrochloric acid used was sufficilently free of extraneous
oxidizing and reducing agents that 1t was used without treatnment.
" Boiled distilled water was used in making up all solutions.

Apparetus. The apparatus used was that described by leiler,
Myers, and Suift (8) with the modifications of Farrington and Swift (28),
The generatlon rates werse about 10"8 and 10"7 equiv. /sec. The indicator
potentials used are indicated in Tables XIT and XITI. An applied potential
of 300 millivolts was used for earlier titrations since Farrington and
Swift (28) found that the indicator current due to the chloride~chlorine
half-cell wag least sensitive to applied potential at this poten$ia1.
Later experiments showed that sharper end points are obtained in con=-
centrated hydrochloric acid solutions when a smaller potential is applied.

Procedure. For the titrations in hydrochloric acid aloné, the
‘degired quantities of antimony and of hydrochloric acid were pipetted
“into the titration cell, and sufficient boiled distilled water was
added to make the final volume 50 ml. For the tiltrations iﬁ which the
hydrogen lon and chloride concentrations were varied, eithar 12 VF,
perchloric acid or 6,0 VF. lithium chloride was added in cdmbination
with hydrochlorle acld to preduce the desgired concentrétions( The
titration cell was then placed on the apparatus and the titration was
‘made to the amperometric end point as described by Farrington and Swift
(28), Blanks were run on solutions vhosé compositions were the same as
those titrated except that the antimony solution Qas replaced with

distilled water.
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TABLE ¥XIT. Results of the Coulometric Titrstion With Chlorine of

fntimony in Solutions of Varying Hydrogen Ion and

Chloride Ion Concentrations.

Applied Indicator Potential = 300 millivolts

Number of Titration Antimony, Micrograms Per Cent
Tltrations Solution . Error
Taken Found Error Mean
Dev,
5 1.6 VF, HC1 2380 2384 +4, 0.4 +0.2
4 1.6 VP, HO1 2380 2387 +7 15 +0.3
2 1.6 VF, HC1 2380 2383 +3 0.5 +0,.1
2 1.6 VF. HC1 2382 2385 +3 0.0 +0.1
5 1e4 VF, HC1 1185 1186 +1 1.0 +0,1
3 2.0 VF, HC1 1184 1184 0 0.7 © 0.0
3 4,0 VF., HC1 11853 *
3 3.0 VF. H_ 118, 1183 -1 0.7 -0
Oudy VF, C1
2 4.0 VF. H_ 1184, 1186 +2 1.1 0.2
0.8 VF. C1
2 5.0 VF. H_ 118, 1165  -18 6.6
0.8 VF. C1 1186 +2 +0,2
5 1.4, VF. HC1 119 120 +1 0.6  +0.8
8 1.4 VP, HC1 119.0 120.0 +1.0 0.9 +0,8
5 1.3 VF, HC1 59.2 59.7 +0.5 0.6 +0.8
5 103 VFO HC]. 11&08 1407 ""Oa1 0.4 "‘007

End Point Uncertsain,



TLBLE XIII. Results of the Coulometric Tltration With Chlorine of
Antimony in Solutions of Varying Hydrochloric Acid

Concentratione.

Applied Indicator Potential = 200 millivolts

Number of Titration Antimony, Micrograms Fer Cent
Titrations Solution Error
Taken Found Zrror Mean
Dev.

A Ted VF. HC1 2916 2922 +6 T1e2 o2

7 1.3 VF, 01 1452 1456 +, 2a1 +0.3

2 2.5 VF, 01 1452 1456 +4, 0.3 +0.3

2 3.7 VF. FC1 1452 1455 +3 1.9 +0,2

2 5.5 VF, HC1 1452 1466 +14, A _+1,9

6 1.2 VF, HC1 T2a4 T2.6 +0,2 Oody +0,3

6 1.2 VF. HC]. ]4.’6 114.»] "'005 0&4— ‘-3




Discussion

1. Indicator Current Phenomena.,

The Effect of Acid and Chloride Concentrations. The indicator
currents observed during a titration of tripositive antimony with
chlorine in hydrochloric acid solutions depend on both the hydrogen
ion and chloride concentrations. The currents cbserved during a
titration of 1400 micrograms of antimony in 6 VF, hydrochloric acid
when the indicator potential was 140 millivolts are shown in Figurs 1,
The increasing currents as the tripositive antimony is first oxidized
followed by decreasing currents as the end point is approached indicate
that species of both tripositive antimony and pentapositive antimony
are present which react gt the indicator electrodes to give an
indicator current.

When the concentration of chloride was increased while holding
the hydrogen ion concentration constant, the magnitude of these currents
increased. Vhen generation was stopped midway in a tiﬁration in a
solution in which the chloride concentration was & VF. and the hydrogen
ion concentration was 2 VF,, stirring continued, and the indicator
current measured as a funciion of time, a stable current was obtalned
within three minutes after stopping generation. This indicates that
under these conditions the electrode-reactive species of antimony are
relatively stable.

“hen the concentration of hydrogen ion was increased while holding
the chloride concentratlon constant, the magnitude of the currents
observed during the titration alsc increased., However, the current

observed midway in the titration when the hydrogen ion concentration
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wag & VF., and the chloride concentration was 2 VF, was sgo unstable thrat
1t was still decreasing significantly seven minutes after generation
was stopped. In & VF, hydrochloric acid a stable current was observed
within three minutes after stopping genersation at thls same point in
the titration, |

At & given indicator potential the end point is sharper for
high hydrogen ion concentratlons and low chloride concentrations than
it is for high hydrogen ion and high chloride concentrations, Vhen
the indicator potentlal was 300 millivolts, a sharp end point was
obtained in a soluticn in which the hydrogen ion concentration was
5 YF, and the chloride concentration was 0.8 VF.; but, when the
hydrogen lon and chlorlde concentrations were both 4 VF., the changes
in the indicator currents near the end point were so gradual that it
was impossible to determine the position of the end point.

These observations give additional support for the existence
of equilibria of the type proposed earlier, The elecirode~reactlve
gpeclies are chlore complexes of tripositive and pentapositive antimony.
The formation of chloro complexes 1s favored by increasing both the
hydrogen ion concentration and the chloride concentraﬁion. fhe chloro
complexes of pentapositive antimony are hydrolyzed more rapidly when
the chloride concentration ls decreased and the hydrogen ion concentra=-—
tion is held constant than when the acid concentration is decreased
and the chloride concentration is held constant,

The Effect of the Indicator Potential. At higher hydrochloric

acld concentrations lower applied indicator potentials result in
gsharper end polnts. Vhen the indilcator potentisl was 300 millivolts,

the end polat in 4 VF. hydrochloric acid was not gharp and relatively



large indicator currents were observed during the titration., 'hen the
indicator potential was 200 millivolts, & sharp end point was observed
~dn 3.5 VF, hydrochloric acid and the indicator currents observed during
the titration were much smaller.

The different results observed with different indicator
potentials can be explained by considering the effect of applied
potential on the indicator current of the antimonous-sntimonic half-
cell in hydrochloric acid solution. When the ratio of the concentra-
tions of tripositive antimony to pentapositive sntimony was 0,04 and
the hydrochloric acid concentration was 6 VF., a graph of indicator
current versus applied potential was obtained which was shaped like
that of the cerous-ceric half-cell shown in Figure 9. The shape of
the curve indicates that there 1w a significant overvoltage. If there
wereno ovsrvoltage, a horizontal portion of thils curve would be observed
at applied potentials somewhere between 100 and 300 millivolts.
Increasing the apnlied potential from 200 to 300 millivolts resulted
in an indicator current incresss of over 20 per cent., The percentage
increase would he even larger near the mid-polnt of the titration,

Near the end point of a titration in 6 VF, hydfochloric acid =a
graph of indicator current versus applied potential is similar to the
graph shown for the ferrous-ferric half-cell in Figure 9. The
Indicator current with an applied potential of 300 millivolts 1s about
three times as large as that with an applied potential of 200 millivolts,.

Someg other half-cell besides the antimonous-antimonic half'-
cell 1s taking part in the elecircdereactions near the equivalence

point in the titration at these applied potentials. The standard
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potential of the chloride-chlorine half=-cell is =1.360 volts (29); the

formal potential of the antimonous-antimonic helf-cell in a freshly

- prepared solution in 4 VF. hydrochloric acid is =0.84 volts (23). Year
the end point when the ratio of chlorine to chloride 1s very small and

the ratio of Sb(V) to Sb(III) is very large, conditions are most

favorable for the net electrode reactions

Anode Cathode
61" - % o1, + e 2™ + Sb(V) » Sb(III)

These are the most likely electrode reactions which could result in
indicator currents near the equivalence point. It is probable that
these reactions are of such significance when the indicator potential -
is 300 millivolts that higher currents are observed and the end point

1s lesg distinct than when the indicator potential is 200 millivolts.

2o Analytical Resulis,

The resulte of the titrations at varying chloridg and hydrogen
ion concentrations are shown in Tables X and XIII. The results depend
on the hydrogen ion and chloride concentrations and on the applied
potential,

“hen the indicator potential was 300 millivolts, the titrations
of 1200-2400 microgram quantities resulted in mean errors of less than
+0.3 per cent. The mean errors for titrations of 15-120 microgram
quantitles of antimony were less than +0.8 per cent.

The titration was more successful at high hydrogen ion con=-
centrations when the chloride concentration was low. Although the mean
titration error was +0.2 per cent in a solution 4 VF. in hydrogen ion

and 0.8 VF, in chloride, the end point was so indistinet in 4 VF.
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hydrochloric acid that the uncertainty in the position of the end
point was several per cent.

Vhen the indicator pobentisl was 200 millivolts, 1400-2000
mlerogran quantities of antimony were titrated in 1.4 VF. to 3.7 VF,
hydrochloric acid wilth a mean error of less than +0,3 per cent. The
wean error fortitrations of 15-75 microgram quantities vas less than
+0,6 per cent. The error of +1.9 per cent observed when the titration
was made in 5.5 VF. hydrochloric acid is possibly due to oxidation

of platinum by chlorine.

Conclusions

The titration of tripositive antimony with electrolytically
generaied chlorine under optimum conditions yields results of accuracy
and precision similar to the results obtained when the titration is
made with bromine. When chlorine is used, the titration can be made
in golutions in which the hydrobhloric acld concentration is higher.
The use of apnlied potentials lower than the 300 millivolts previously
used for titraﬁicns with chlorine 1s recommended for this titration
since gharper end points then result when the titration is made

in solutions in which the hydrochloriec acid concentration is high,



C. THE REDUCTION OF FENTAPOSITIVE ANTIMONY WITH ELECTROLYTICALLY
GENERATED CUPROUS COFFER IN HYDRCCHLCRIC ACID SCLUTION.

The reduction of pentapositive antimony with electrolytically
generated cuprous copper in hydrochloric acid solutions was investigated
in order to determine the feasibility of a differential titration of
tri- and pentapositive antimony with the dual intermediates, cupious
éopper and chlorine., The tripogitive antimony could be Qxidized to
pentapositive antimony with chlorine, and, if the reduction with
cuprous copper was possible, the total antimony present could then be
determined by reduction with cuprous copper. Althoﬁgh cuprous copper
was not a powerful enocugh reducing agent, the preliminary exyeriments
yielded some interesting information about the camplexas»af antimony
in hydrochloric acid solution,

The experiments consisted of oxidizing a Jnown amount of tri-
positive antimony to pentapositive antimony with chlorine in a solution
which ?aé 1.4 VF. in hydrochloric acid and 0.2 VF. in copper suifate.
After oxidation to pentapositive antimony with chlorine, cuprous
copper was generated in an attempt to reduce the freshly oxidiged
antimony. Although a relatively sharp end point was reached, the
mmber of oxidizing equivalents found was less than the number of
oxidizing equivalents of chlorine previously generateé. Since the.end
point was sharp, the reaction betwgen cuprous copper énd the speciles
being reduced seemed complete a§ far as it went. Chlorine was again
generated in the solution until the triposiiive antimony wéa oxidized
to pentapositive antimeny again. Then cuprous cap?ar #as gensratgd

again, This procedure of alternately generating oxidizing agent and
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reducing agent was continued several times. The number of oxidizing
and reducing equivalents found in each of these cycles during a

typical experiment 1s shown in the table below:

TABIE XIV, The (xidizing and Reducing Equivalents Found During Con=
gecutive Oxidatlions and Reductlons of a Solution of Tri-
positive Antimony.

Micreegquivalents Found

Cyecle
Reducing Oxidizing

1 21.6 1142
2 11.2 7.3,
3 T3 5.0
4 5.0 3.4
3 3 23
& 24

After every reduction the same number of reducing equivalents wers
found on oxidation, but the number of oxidizing equivaients which the
cuprous copper was capable of reducing became smaller, Apparently the
pentapositive antimeony slowly forms a more stable complex which 1ls not
reduced by cuprous copper.

In hydrochloric acid soclutions of this concentration and with
an indicator potential of 300 millivolts, the antimoﬁous-antimonic
half-cell gave an indicator current. The electrode-reactive species
of pentapositive antimony must react rapidly with cuprous copper in
the presence of the platinum electrodes since this reaction can take

place through the agency of & platinum electrode even if the reaction
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in solution is slow., Thus, the more stable species of pentapositive
antimony can not be electrode-reactlve,

The nature of the complexes formed 1s uncertain, but this
behavior constitutes additional evidence for complexes of the type
already proposed. The electrode~-reactive chloro complexes first formed
by pentapositive antimony in hydrochloric acid solution react rapidly
with cuprous copper, but also hydrolyze more slowly to more stable

hydroxy complexes which are not rapidly reduced by cuprous copper.
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PART II1. COULOMETRIC AMND AMFERCMETRIC STUDIES OF THE CXIDATICN
STATES OF IUDINE.

A. THE REDUCTION CF IODATE WITH ELECTROLYTICALLI
GENERATED CUFRCUS COFFER.

An invegtigaticn of the reducticn of iodate with electro-
lytically generated cuprous copper was undertaken because of the
possibility of effecting a differential titration of iodate and some
other oxidizirg agent such as chromate. The feasibility of such a
titretion would depend on the possibility of cobtaining st least two
end points, If the other oxidizing agent was reduced to a stable
state when iodate was reduced to 1012', and if the iodate could then
te reduced guantitatively to lodide, two ampercmetric end points could
te obtained which would correspond to the reductions to 1812” and I
An end point corresponding to reduction of the icdate to iodine would
not be expected in the hydrochloric acid solutions which are reguired
for the use of cuprous copper as a reducing intermediate (9).

The indicator currents observed in two preliminery titrations
of icdate with cuprous copper when a potentisl of 50 millivolts was
applied between the indicator electrodes are shown in Figure 2. One
of these titrations vas made in a solution which was C.6 VF. in
hydroerloric acid, 0.6 VF. in perchloric acid, and 0.02 VF. in copper
sulfate. Only small currents were observed during the first 460
seconds of this titration. After 460 seconds of generation, the
current increased to a maximum, decreased to a minirum at 585 seconds,
increased to another maximum, and finally decreased to another pinimum

at 630 seconds. The ratio of these times is roughly as 4:5:6,
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corresponding 4o reduction to Iﬁlzﬂ, %o 12, and to T . The existence
and positions of the current minima corresponding to reduction to 12
and I° are so critically dependent on the applied potential, the
hydrogen ion concentration, and the chloride concentration that the
value of these end points for accurate quantitative work is doubtful,
The effect of changing the conditions of the titraticn on these current
minima is discussed more fully in the next section. The other titration
which was made in & solution which was 1.2 VF¥. in hydrochloric acid,

4.8 VF, in perchloric acid, and 0.02 VF, in copper sulfate shows that
the exlstence of a current minimum corresponding to reduction to ilodide
is dependent on the conditions of the titration. The large currents

observed during the first 420 seconds of the titration are dueﬁto the

presence of chlorine formed in one or both of the following resctions:
+ oy - k] - i -
6H + 601 +;03 ICZL4 + 012 + BHZO

+ - - -
6H + 601 + 133 1612 + 2812 + 3H20

Some of this chlorine escaped from the solution or was reduced by the

-

2 end point at

420 seconds instead of at 460 seconds, The rate of formation of

electrodes resulting in the appearance of the IC1

chlorine increased as both the hydrogen ion and chleoride concentrations
were increased, but appeared to be much more dependent on acid con;
centration than on chloride concentration,

In view of the zbove experimental facts, a differential
titration seemed impossible. The only reproducible end point was the
IC1,~

2
iodate alome could be titrated quantitatively with cuprous copper to

end point. A few titrations were made in order to determine if



this end point. The currents obtained after this end point btecame
more stable as the hydrochloric acid concentraticn was increased,

but increasing the hydrochloric acld concentraticn resulted in low
values because of the formation and escape of chlerine. 7This difficulty
wag partially avoided by making the titratloms 1n the following way.
Five milliliters of a solution which was 12 VF. in hydrochloric acid
and 0.2 VF. in copper sulfate were diluted with 30 milliliters of
distilled water in a titration cell., Then 10 milliliters of standard
dilute iodate solution were pipetted into the cell, the cell was

placed on the coulometric apparatus, and cuprous copper was generated
until about 5 seconds of generation time remained before the end pointe.
Then 10 milliliters of 12 VF. hydrochloric acld were added and the
titration was completed. The results of such titrations are ghown in

Table XV.

TABLE XV. Results of the Titrations of Iodate with Flectrolytically
Generated Cuprous Copper.,

Micromoles of Iodate

Titration Per cent Error
Taken Found
1 £.201 6.185 ~0e3
2 6-193 "0‘1
3 6,103 =1 ob
4 6.156 ~0.7
5 6.190 "'002

These results indicate that an oxidlzing agent, probably chlorine, is
lost under the conditions of these titrations., This investigation

was not pursued further.
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B. THE OXIDATION OF ICDIDE WITH ELECTRCLYTICALLY
GENERATED CHLORINE.

Introduction

Todide is oxidized by chlorine in hydrochloric acid solution
first to iodine and then to iodine monochloride. Since both the
iodide~iodine and the iodine-iodine monochloride halfw-cells are
electrode~reactive, the indicator current behavior during the titration
would be as follows if no complicating reactions occurred:.

1e An increase in current -— the current is first limited by
diffusion of icdine to the cathode and increases as the concentration
of iodine increases,

2+ A maximum, followed by a decrease —— eventually the lodide
concentration becomes so small that diffusion of lodide to the indicator
anode determines the current and the current decreases as the iodide
concentration decreases.

3. Vhen the iodide is quantitatively oxidized £0 iodine,
essentially no current is observed since only one congtituent of an
electrode~reactive half-cell is present in the solution.

Le An lincrease in current -- as iodine i1s oxidized to iodine
monochloride the current is limited by diffusion of iodine mono-~
chloride (and IC1,7) to the cathode.

S5« A maximum, followed by a decrease —- when diffusion of iodine
to the anode tecomes the current-limiting process, the current

decreases as the concentrztion of iodine decreases,
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6. Vhen the iodine is quantitatively oxdidized to lcdine mono-
chloride, essentially no current is observed,

7+ A current increase -- a8 excess chlorine is generated, a
current due to the chloride-chlorine half=-cell 1s observed.

In order to simplify the discussion, the indicator current
minirim at or near that point in a titration corresponding to quanti-
tative oxidatlon or reduction to iocdine will be designated the
dodine minimum.

Although an lodine minimum was observed when iodate was reduced
with cuprous copper in hydrochloric acid solutions, no iodine minimum
was observed by Wooster, Farrington, and Swift (30) when icdide wes
oxidized with electrolytically generated chlorine in hydrochloric
acid solutions. Instead of two current maxima, Wooster, Farringion,
end Swift observed only one. 4in investigation was undertaken to deter—
mine the cause »f this difference. The effects of varying the chloride
concentration, the ftotal iodine concentration, and the indicator

potential are revorted below.

Experimental Behsvior

The indicator currents observed when iodide was oxidized with
electrolytically genmerated chlorine in sclutions in which the chloride
concentration was varied from 0.35 to 1.2 VF. are shown in Figure 3;
the initial iodide concentration was 1,0 x 10‘L VF., the hydrogen ion
concantration was 0.1 VF., and the indicator potential was 145 millivolts,
As the chloride concentration was increesed, the current bvecame greater

at the iodine minimum and the minimim beceme less pronounced,



- 53 =

CQUTJCTYD UTIA
A0 TO DU

opIPC]

(]

TO *HA 2°T “4H "MIA 170 e
TO iR L0 f4H dA 170 o
0 A G700 L H CHA 170 ¢

*aur ONT

® [BTIU810d JO3BOTPUT

A

002

0%




- 5 -

The idndicator current behavior observed when the chleride con=-
centratlon wes veried from 1.2 to 4.8 VF., the hydrogen ion concentra-
tion was 1.2 VF,, the initisl icdide concentration was 1.0 x 10"4 VF.,
and the indicator potential was 145 millivolts, was slightly different.
Ag the chloride lon concentration was increaged, the iodine minimum
continued to becone less pronounced and finally disappeared. In contrast
to the observed behavior at lower chloride concentratlons, the current
at this point decreased as the chloride concentration was increased,

Vhen the initial iodide concentration was varied with the applied
potential 145 millivolts and the hydrochloric acid concentration 1.2 VF.,
the currents shown in Figure 4 were observed. As the initial icdide
concentration was increased, the current incressed st the point in the
titration corresponding to oxidation to icdine and a minirmun (the
icdine minimum) appeared ait this point and became more pronounced.

That the currents obgerved are also dependent on the anclied
potential 1s shown by Pigure 5. The data plotted there were teken in a
gingle titration in which the icdide was partislly oxidized, the
indicator current measured as & function of a plied potential, more
tharine generated, the indicator currents at different potentisls
again measured, and this process continued until the lodide was
oxidized to 1612“. Datz taken in thls way are not quantitatively
reproducitle, but the following effects are qualitatively reproducitle;
1. At potentials of less than 200 millivolts, there 1s an icdine
minirun., 2. As the indicator potential is increased to 200 millivolts,
the minimun current increases and the minimum tecomes less pronounced.

3. At 300 milldiveolts only one current maximun 1s observed whose posgition
moves with increasing potential toward the position originally occupiled

by the icdine minimum,
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Discussion

The indicator currents observed during the oxldation of iodide
in hydroehloric acid solutions depend on the chloride concentration
and on the initial iodilde concentration in the way descrived in the
pravious section, The reactlon of ilodine with hydrochloric aéid must
be considered in order to explain the observed currents at the point
in the titration corresponding Lo oxidation to lodine. |

In a hydrochloric acid solutioniodine disproportionates
according to the rsaction

I,* 201" = 101 + 1.

N

Other equilibtria are

1*f=% and mwawmg.

2
The equilibrium constants are (31, 32)
[1,7]
(1] [1,]

=X, = 7.0 x 10°

[l o] .y =g 5107
[161,7]

{161?_: 1]

= -7
[1,] (01713 .

= 1,5 x 10 .

3

The following treatment considers these equilibria only when
exactly encugh chlorine has been generated to oxidize all of the iodide
to lodine. The situation ilg the same as 1f an equivalent amount of

elemental lodine had been added toe hydrochlorile acid solution.
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Thus,
(101] + [1€1,7] = [157] + [17]
and the fraction D of the total icdine present which 1s dispro=-

portionated is

[101] + [1&12‘3
= T

where
T=[17] + [Ic1] + [1012"] + 2[121 + 3{13"].

Since the total original iodide T waried experimentally from
2.0 x 107 to 2.0 x 1074 v,
(1.~

]
—{——3-;- < 71001 x 107%) = .07,
)

This represents the meaximum possible value for this ratio. 4s a
simplifying approximation, the [IB"] will he neglected., also, since
the lowest chloride concentration investigated was 0.35 V7.,

(01,7} [o17] 035 g, 1o
ol _3 Rl _3 x 10 »
[101] 6 x 10 6 x 10

Thus, the [IC1] may be neglected. The fraction disproportionating is

then

[1012'}

D= T

and T= [I7] + [1012“] + 2{12].

On solving for D in terms of T and [C17], we obtain

[cl ] /\/ [’ .,
- -2' 3[:41 ]
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Under the experimental conditions only the last term under the radical

is significant., Thus, to a good approximation

’VK
D= -2-% [c1"].

hecording to this simplified treatument the fraction disproportionating
incresses with increasing chloride concentration and decreases with
incressing initial 1lodide taken,

When iodine disproportionates to give I and 1012-, both com=
ponents of two electrode-reactive half-cells are present in the
golution and, consequently, an indicator current wvhich dmeé little
chemical work can exist, Therefore, at applied potentials of less than
150 millivolts an indicator current can exist whose magnitude is
roughly oroportional to the degree of disproportionation. As the
chloride concentration is increased, the fractlon of the total iodine

present which disproportionates increases. Hence, the currents at

the iodine minimum increase and the minimum tends to disappear as

the chlorlde concentration increases. However, as the total initial
iodlde concentration is increased and the chlorlde concentration is
held constant, the fraction of the total ilodine preseﬁt disproportion=-
ating decreases even though the [I | and the {1012-] incresase. Thus,
the current at the iodine minimum increases, but the minimum becomes
more pronounced,

Although the experimental observations can be explained
qualitatively in this way, the observed currents are too large to be
due the squilibrium chemical disproportionation of iecdine. If no
chemical work was done by electrolysis, the maximum current would be

given by the sume of the maximum diffusion currents of IClQ" 1o the
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cathode and of I +o the snode., Under conditions most favorable to

disproportionation, i.e., with
T=1.0x 1074 and [017] = 4.8,

D = 0.29.
This value i1s too small to account for the observad currents completely,
egpecially In those cases in which the lodine minimum disappears; there-
fore the electrode reactions must be examined in more detall snd the
gffect of the applied potential considered,
Two sets of half-cell reactions involving iodine caﬁ take place

at the indicator elesctrodes

Anode - Cathode
- 1 - 1 - -
I -g3Iy*e it 1
1 - - o P | .
3 I2 + 201 - ICl2 + 2 1612 +a - 5 12 + 261_.

As long as the reaction at one electrode is the reverse of the reaction
at the other electrode, the composition of the solution is unchanged

by the indicator current; therefore no met chemical work is done, and
dnly a small applied potential is needed to produce an indicator

current. However, if the electrode reactions ars

Ancde Cathode

1 - — b 1 - -
'512*'2{31 *1012 + e '512*8 - T

chemical work 1s dome by this electrolytic disproportionation even

though the IC1l, and I react on diffusing into the body of the solution

2
and the compositlon of the solution is not changed. Additional energy
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ard therefore higher potentials are required for such elsctrode
reactions which change the composition of the solution in the immediate
vicinity‘of the elsctrodes. This energy re-appears as heat when the

I° and 1612' react in the body of the solution.

This electrolytic disproportionation current ls limilted by the
diffusion of iodine to both electrodes. Thus, as the applied potential
is increased, a current maximum should appear near the point in the
titration where the iodine minimum eppeared at lower apolied potentials,
The position of this maximum would depend on the diffusion coefficlents
of the Involved species as well as their concentrations,

The current behavior shown in Figures 3, 4, and 5 is hest
explained by a combination of the equilibrium disproportionatimn and
the electrolytic disproportionation of ilodine in hydrochloric acid
golutions. These data support the view of l'coster, Farrington, and
swift {30) that diffusion of iodine to the indicator ele ctrodes cone
trolled the current throughout the titration under their experimental
condltions,

It should be noted in Figure 5 that when the applied potentilals
were less than 200 millivolts, the indicator currents}can be extra=-
polated to the same end point. When the applied potentials were
greater than 200 mlllivolts, another reaction began to take place at
the electrode (the ancde) which controls the current in the final

fourth of the titration. Thils reaction is probatly

Lol + e,

¢l =30,

“hen the apolied potentlal was 600 millivolts, this resaction tecame

g0 predominant that the indicator current increased instead of
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decreasing as the equivalence peint was approached. The fact that

when the applied potentiel was 400 millivolts, an indicstor current
nearly proportional to generation time was observed which extra-
polated to an end point resulting in an error of about 2 per cent
emphasizes that care must be exercised in choosing the apnlied potential

when the amperometric end point is used.
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C. THE OXIDATION OF IODIDE WITH ELECTROLYTICALLY
GENERATED CERIC CERIUM

A preliminary investigation of the indilcator currents obtained
with a constant apolied potential during the oxldation of icdide to
iodine with permangsnate in the absence of chloride was made by Rausey
(30). It seemed desirable to study these indicator currents as a
function of aoplied potential, In order to generate the oxidant
coulometrically ceric cerium was used (33). Fifty-two milliliters of
a solution which was 2 x 107% VF. in potassium iodide, 0.2 VF. in
perchloric acid, and 0.8 saturated with cerous sulfate were titrated.
Figure & shows the indicator currents observed when iodide was titrated
coulometrically with ceric cerium in this solution and the applied
potential was variled. In later experiments cerous sulfate was replaced
"by the more soluble cerous nitrate. The data plotted in Figure 6
were taken during a single titration., Ceric cerium was generated for
a given length of time, generation was stopped, and the indicator
current was measured as a function of the applied potential at this point
in the titration. This process waes repeated at other points in the
titrestion. The expected indicator maximum was observed near the mid-
point in the titration of the iodide to iodine. The curvature of the
left~hand portions of the curves may be due to the formation of tri-
iodlde or it may be due Lo irreversible behavior at the indicsator
electrodes.,

Figure 6 illustrates a point also mentioned in connection with
Figure 5. ¥or anolied potentials up to 200 millivolts the observed

indicator currents mey te extrapolated linearly to the same end point,
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For potentials of 300 millivolts and above, although a linear extra—
polation appears possible, it leads to results several per cent higher
than the result obtained when the indicator potentisl wes less than
200 millivolts,

The most striking feature of the curves in Figure & is the
approach to a limiting current throughout the titration at an applied
potential tetween 200 and 30C millivolts. This fact suggests that a
quantitative study based on diffusion as the only current-determining
step might be made of the indicator current as a function of the
applied potential and of the fraction oxidized during such & titration

Such a study was made and is described in the next section,
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IV, AMPFRCMETRIC MbaSURLMENTS AND THE SO-LALLELD

DEAD=-STOP END PCINT.
INTRODUCTICN

This investigation was undertaken 1n an effort to obtain a
more quantitative understanding of the prineciples underlying the .
amperometric system used in this laboratory with cOulomefric titrations
(30, 344 35, 36). This system is fundamentally the same as that
used in obtaining the so=-called "dead~stop" end point of Foulk and
Bawden (37). There has been & tendency to consider the "dead-stop"
end polnt as a phenomenon depending upon a vaguely defined"polarizatlon™
(8, 37, 38, 39, 40 ), rather than as a special case of the general use
of ampercmetric measurements for the purpose of obtaining end points.
The recent discussions of Delashay (41) and especially of Reilley,
Gooke, and Furman (42) are examples of =2 trend away from such explanations
toward considerations which examine in increasing detail the mechanism
of the electrolytic processes involved. The approach in this paper ls
similar to that of Reilley et al.; however, the electrcde processes,
%he effect of a second electrode, and the assumpticns involved, have
been congidered in more detail.

The current In this ampercmetric system has been observed
40 depend mainly on the potentlal applied between the two electrodes
and on the concentrations of the species in the soluticn which are
capeble of reacting at these electrodes (34). A serles of equations
relating the current to the avnlied potential and concentraticns hus

besn derived. Simple and somewhat l1dealized situations have been
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assumed; however, these situations are sxperimentelly realizable, and
are often closely apuroximated in titrations. The derivations of
these equations and exverimentsl evidence of their valldity are

presented below,

DISCUSSION OF AMFERCMETRIC SYSTEMS

For purpoges of the following discussion the overéllvprocess
st sn electrode will be divided into the following general steps:

1. Movement of the reacting specles to the electrode,

2. Teactlon at the electrode.

3. Movement of reacted specles away from the electrode.
The rate of any single step, or the rates of a combination of steps
at either or both electrodes may control the current, The movementh
~ of reacting and reacted species may be under the influence of either
an electric field (conduction) or an activity gradient (diffusion)

or both.

Definition of Terms.

The term, gmpercmetric, will be used to descriﬁe deterninations
of concentration which depend on a measurement of an electi@lysis
current. This is a broader definition than that of Xolthoff anrd
Lingane (43) in that the measurements are not specifically limited to
a constant potential, and, in addition, the current can be controlled
by either or both electrodes., It is convenient to work at a constant
potential since otherwlee the Interpretatlon of current measurements
is more complicated. &nalytically, the most convenient range of

potentials is that in which the current lg lirited by diffusion.
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An elgctrode-reactive species 1s any specles which is capable

of being oxidized or reduced at =an electrode at such a rate that a
current can be observed,

An glectrode-reactive half-cell is any half-cell having at least
one electrode-reactive species in both of its oxidation states.

A reverslble half-cell is an electrode-~reactive half-cell cone
glsting of species which react so rapidly at an electrode that the
current is not measurably controlled by the rate of the electrode
reaction, but is controlled by the rates of diffusion to or asway from
this electrode or by the rate or rates of some step in the-overall
reaction at the other electrede.

According to these definitions, species and half—ﬁalls‘mﬁy be
electrode-reactive or reversible under some conditions and not under
others,

The term, polarizatlon, as applied to electrodes, has been used
frequently to denote & devarture from equilibrium in at least one of
the processes taking place at or near the electrode with the result
that the electrode potential is different from the equilibrium potential,
Since lack of clarity can result when wolarization is ﬁsed in place of
more precise and informative terms, we have attempted to diécuss
electrode processes without recourse to its use.

An amperometric system consists of two electrodes, an arrange—

ment for controlling and measuring the potential between these
electrodes, and a meter for measuring the current between the electrodes,
The potentlal between the two electrodes will be called the applied

potentisl, and the current will be called the indicator current.



The ampercmetric metheds which have been most frequently used
can e classified into two categories which are bagsed upon the tyrpes
 of electrodes used. The amperometric end point developed by Kolthoff
and co~workers {44, 45, 46) makes use of a dropping mercury electrede

or a rotating platimum electrode with a calomel or scme other reference
electrode whose potential is constant and whose part in contrelling

the current is negligible., The amperometric system used in this
laboratory (34, 35) consists of two electrcdes of the same metal,
usually platinum, The applied potential is of the order of &« few
hundred millivolts., The solution in which the measurementé are made

is stirred vigorously. There are two fundamental differences between
these two methods. First, the method developed by Kolthoff has only
one variable potential electrode whereas in the second system the
potentials of both elsctrodes vary during the course of the titration,
‘Second, both electrodes of the system with which we are especially
concerned are of the same metal and ugually the same half-cell reaction
takes place at both electrodes, but in opposite directions, and there-
fore, the composition of the solution is unchanged. Hereafter, in
order to distingulsh between these two gystems, the first one will be

‘desgignated the univariable electrode system and the second one the

bivariable electrode system.

The dead=-stop end polnt is a speclal case of a system of the
second tyre and makes use of two inert metal electrodes, usually
platinum, and a small applied potertlal of the order of 10-20 millivolts.
The indicator current is measured with a galvancmeter and, as con-
ventlonally used, the end point is theat point at which a current is no

longer observed. "This methed 1s actually a result of the limitations
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of the galvanometer in measuring small currents, and therefore, the
method is in effect a qualitative modificatlon of the bivarisble

electrode system,

Current Eehavior with the Blvariable Zlectrode gSystem.

When the potentilal applied between two platinum electrﬁdes in
a solution containing only the electro-oxidizable species R® of the
half-cell, |
R" = Gm+n + ne ,
is slowly increased, essentially no current will be observed until

the applied potential reaches a wvalue sufficient to cause the reaction,

R > O™ 4 pe”
to take place at the anode and another reaction involving a different
half-cell to iake place at the cathode. If however, ﬁg&h R” and "7
“are present and the half-cell is electrode reactive, the reaction

dm+n + e - Rm

can take place at the cathode while the reverse reaction takes place
at the ancde. The net reaction does not change the composition of
the solution; therefore no chemical work is dome. Although energy is
required to bring the reactive specles to the electrodes, to'overcamé
the resistance in the external circult, and, if the rate of the
reaction at the electrode surface is slow, to overcome the resultant
overvoltage, & current should be observed when only a small potential
is spplied.

The behavior of lndlcator currents during a titration in which

the bivaeriable electrode system is used will depend on the electrode
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reactivity of both the titrant half-cell =nd the half-cell of the
substance being titrated. If the oxidized and reduced states of both
the titrént and the substance being titrated form electrode-reactive
half-cells, indicator currents will be observed on both sides of the
equivalence point, Examples are the titrations of iodide end T1(I)
with electrolyticelly generated chlorine (30, 47). If only one of

the half-cells involved is reactive, a significant current will te
observed on only one side of the equivalence point. Fxamples of this
situation are the titrations of thiecdiglycol and As (III) with electro=-
lytically generated bromine (34, 35). ‘lihen species reacti#e at only

one electrode are present in the solution, no current will be observed.

DERIVATION COF EQUATICHNS

klthough this paper grew out of efforts to explain quantitatively
the indicator current behavior when amperometric measurements were
used to follow and determine the end points of coulometric titrations,
and the derived equations have been influenced accordingly, the derived
relationshipsﬁcan eagily be aprlied to volumetric titrations. in ’
équation has beer derived which expresses the indicator currént as a
function of the apslied potential and of the concentrations of the
oxidized and reduced constituents of a reversible half-cell. In case
the volume remains congtant throughout the titratlion, this equation
may be simplified to & form more sultable for exrerimental wverification
by using as & variable the fraction oxidized of the sum of the con-

centrations of the oxidized and reduced constituents in place of the

concentrations themselves. This equation can be used to calculate



the change in current at & given potentlal throughout the course of
the titration of sither constiiuent of an elsctrode-reversible half=
gell. |

If the titrant 1s one congtituent of an electrode-reversible
half-cell, the equation can he used to calculate the current oﬁtained
after the end point. Usually the squation cen be simplified for this
case since only a slight excess of titrant is added, end therefore the
fraction oxidized aprroaches either zero or one. | |

Another equation has been derived whilch 1s applicable to a
bivariable potential electrode system which 1s composed of fwo
sleﬁtrcdes of an active metal which is dissclved from the anocde and
plated on the cathode.

§t111 another equation has been derlved for an electrode
gystem consisting of two inert metal electrodes and relates the dis=
tritution of the applied potential between the indicator electrodes
to the fraction oxidized and to the aprlied potential,

In all of the derivations concentrations will be'used ih

place of activities,

Assmptions.

| The agsumptions on which the subsequent derivations are based
have heen made primerily in order to minimize the mumber of varilables
and are ag follows:

Te Only a single reaction is haking place at the glectrodg

surfaces and thls reaction is reversible. Because the investigation

of the rates of electrode reactions is often complicated and experiment-

ally diffilcult, the considerations are limited to electrode-reversible
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half~cells., If the concentrations of the reversible specles at the
electrode surfaces are knowun, the potentizl of each of the indicator

. electrodes then can be calculated by the Ternst equation.

2. (nly a gingle specles of each of the two oxidation states

Forming the reversible half-cell exists in the solution. Complications

intreduced by reactions in the diffusion layer are thus avolded.

3. The current 1s at all times complstely gontrolled by the

LS B Mg Smt——

rate of diffusien of the reversible species to and from the electrodes.

The species in the golution are transporied predominantly by the
gtirring to within a very short distance of the electrode surface
where they diffuse across the relatively undisturted layer‘adjacent
to the electrodes. The presence of an excess of inert, "suppofting",
electrolyte insures that diffusion, not conduction, wlll control the
current,

Lo ggg current is proportional to the difference between the

concentrations of reversible species at the electrode surface p and

in the body of the solutdlon Y , and the current 1 is given by the

eguations

nf D A ,
i= ~—iif£*"'(ys - Ye} for diffusion to the electrode,
and
nf B}{ A ,
i= (X@ - Yé) for diffusion away from the
electrode,
where

n is the number of electrons involved in the reaction
P is the Faraday
D ds the diffusion coefficient for the specles ¥

»
X
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A is the area of the electrode
L is the effective width of the diffusion layer,

Because of the stirring and the shapes of the electrodes, the exact
nature of the diffusion layer is uncertain. This assumption is
often made in connection with calculations involving the rotating
platinum electrode.

5. 4 steady state is attained in the system.

The Dependence of Current on Applied Potential and On Concentration.

Inert Metal Flectrodes, The case in which the oxldized and

reduced state of the substance being tiltrated form a reversitle
half-cell will be considered first., The potential of the indicator

anode , ‘E;a, is given by

0
Ea ® F in Ra

while the potential of the indicator cathode, E‘c’ is given by

0
= o_RT C
Ec B -—nFln-——c,

The potential bétweeen the two electrodes, V, is_

0 R

 _w = RT a_c
V=E, ~-E :nFlnHa 3, (1)

where
0_  is the concentration of the oxidlzed species in the body of
the solution,

0 is the concentration of the oxidized specles at the cathode
surface, '

0 is the concentration of the oxidized specieg at the anode
surface,



R_ 1is the concentration of the reduced specles in the body of
® the solution,

Rc» is the concentration of the reduced svecles at the catheode
surface, ‘

Ra is the concentration of the reduced species at the anode
surface.,

The subscripts a, ¢, and s will be used to denote the anode, céthode
and solution, respectively, in further notation. |

Since the current is entirely controlled by diffusion of reactive
species across the diffusion leyer, and since, under steady state
conditions, the net number of equivalents of reacting species diffusing
to an elesctrede is equal to the net number of equivalents diffusing
ayay, the current, i, and the concentrations of reversible species

are related by the following equations:

'i = 1<1(os - oc) = kz(Rc - Rs) = 1<3(RS - Ra) = kz,(oa -'oa)

(2)
whers
L = nf Do Ac , y ; nF DR Ac o nfF QR.Aa ,
1 21 2 22 3 I
. = nf Do Aa
4 14
in which
Do is the diffusion coefficient for the species C,
DR 1s the diffusion coefficlent for the species R,
Ac is the area of the cathode,

Aa 18 the area of the anocds,
The 12 values, the effective widths of the diffusion layers, are not
necegsarily the same in any two cases. On rearrangement of these

squations and substitution into Fouation 13



kgGS + 1 :)(f kzﬁﬂ + 1
k kz

v = Bl 4, e ; I .
nfF kQRs -1 k108 -
kB k1
avF
let o = eRT + Then on solving for the current,

X, k,
( "R, )k1os ¥ °*§;) k3R

k k1 2 , 1;1 }(3
{{\e* k, kOg * o * ?Z kafs -|ala =) jla - kX, )kikBOsRs

_ky
2 (ﬁ k234>
(3)

In order to gimplify this equetion for experimental verlfication, two
additional assumptions will te made. First, the volume wili be con=
sldered to remain constant, as will be the case during a coulometric
titration., Then the sum of the concentrations of the oxidized and
reduced speciés is a constant, that is, Os + Rs‘= C, where C represents
the total comcentration of the substence titrated. Second, the two
indicator electrodes will be considered to te of equal size énd situated

0

“ * = = - --g
in equivalent positions; then k2 k3 and k, kﬁ' Letting X g

and substituting these relationships into Lguation 3, we obtain

. a+ 1
[(k1 ~ k) X+ kz]

(%N
[
8] @]

o =~ 1

2 :
’\/[(k1 - k)% + k) [%—}%—] - 4 kX(1 = X) (4)

H
wie
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This may be written altermatively in a form which emphasizes the approach

of the current to limiting values at high apulied potentlals:

1 . + 9
1=3 {1 + i) [3-1}

2 1
2 a + 1
- v(i:m * i) (u n 1) e (5)
in which
i =

.L1 = k105 the limiting current when k1OS < kéﬁs and the cathode

is the limiting electrode at high applied potentials;

and i k. R the limiting current when k?Rs < kJDs and the anode

oo is the 1imiting electrode at high applied potenmtials.
The root with the minus sign in front of the radical is talken since
i must be positive but can not be greater than the smaller of the two
-qughtities, k.lOﬂ and kéﬁa.

The cage in which the titrant is a constituent of a reversible
half-cell, and the substance titrated is not, can be treated by =
modification of the equation just derived. Mo signifiéant,current will
te cbserved until an appreciable concentration of the titrant is present.
If, for example, a coulometric titration is being made anﬁ_the inter=—
mediate 1s an oxidizing agent, the reduced species of the intermediate
half-cell is present in much larger concentrations than the oxidized

specles, l.e., OS << {, in which case Equation 4 redubes o

1= k0, (-2-——}-}) (6)

For a reducing intermediate, when Rs << €, Fquation 4 reduces to

. o~ -
i= kéﬁs <;r777) (7)
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In both of these cases, when no other half-cell reactions occur, at
any given applied potential the dependence of indicator current on
concentration approaches linearlty, and, as the spplied potential
becomes very large, the current aporoaches limiting values, namely
k105 and k2 "

Active Metal Electrodes. When a plating process is taking place
at the indicator cathode and a solution process is teking place at the
anode, only diffusion to the cathode and away from the anode must be
considered. If the indicator electrodes are in equilibrium with the
metal ion solutilons at their surfaces, the potential of thé cathode is

given by
. w@ RT Hn+

While the potential of the asnode is given by

N '-(’0 - B—?— ’ +
E, =E° == 1n [ ls
The apolied potential V is then

)
V=L -F, =% 1n 2

SR '

-

Since the current is related to the concentrations by the following

equations:

1= 3 (D] = D7) =k (D], - D))
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in which

It will be assumed that kc = ka. Then on solving for the current ve

. q = 1
i=d (;r;-;) (8)

where a has the same meaning as previously and i, = ka[Mn+]

obtain

8

A silver electrode system has been used in investigating the
assumed dependence of diffusion on concentration. If the indicator
current is measured as a function of the potential between the indicator
cathode and & reference electrode, a single electrode can be considered
and the uncertainties and complications introduced by the solﬁtion
process at the indicator anode can be avoided. Since the compositiom
of the solution is not changed by the passage of the indicator current,
-a Qilver electrode in equilibrium with the solution should make a
satisfactory reference electrode,

The potential of a silver wire reference electrdde in equilibrium

with the solution is given by

o RT +
= 7 am  —— ¥
Eg E F in [ag ]s’

The potential between the indicator cathode and the reference electrode

is
+ +
BT [ag g my [ag 1g
Ec - Eg = 1; in —_— = 3; in " =
[ag'] [ag’ ] = i/
C 8
(B -E)F
et 7 =¢ . Then % = 2

+ .
(ag ] - i/k
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gince 1{[;&g+]e = i, the lisiting diffusion current,

-] 2::—-1
i iL . . (9)

The Digtribution of iprliled Potential Between the Indicator Llsctrodes.

The distritntion of the applied potsntial vetween the two
electrodes of a bivariable electrode system can be measured by come-
paring their rotentials to the potential of 2 third platinum electrode
which is in equilitrium with the solution,.

An eguation relating the distribution of the applied potential
between the two indicator electrodes to the apﬁlied potential and the
fraction of the total concentration of the half-cell constituents
oxidized ia derived below. The derivation is based on the previously
listed assumptions. The potential of the platinum electrode which is

~in equilibrium with the solution is given by

0

o RT g

E = T _—1n...—
g - nf Rs *

The potential between the solution and indicator anode is

o ar L R0+ )
Fs~% "% YTo(kr -1 °
' 48 g

The fraction P of the applied potential between the soluticn and the
indicator anode is
Es - E, _RT | kgﬂs(k;gs + 1) (10)
v . -
nve (RBRS i) kAQs
The expresslon for the current as a function of the concentrations in

the body of the solution and of the applied potential 1s given by

Fguation 4 which mey be substituted in Fquation 10,



EXFLRIMENTAL

The Choice of Half-Cells for Testing Fquations.

The number of half-cells on which amperometric measurements may
be made in order to test the derived equations is limited because of the
agsunptions which were made in order to keep the treatment simple and
81111 illustrate the important features.

The most important assumption made above is assumption 4 which
relates the current to the difference in concentrations., In spite of
experimental verification of this assumption for the rotating platinum
electrode, the experimental situation under discussion is‘sufficiently
different that it is necessary toc determine the validity of this
assumption before a reasonable discussion can be made of the agreement
between theory and experiment.

Measurements which ftest assumption 4 must be made on a solution
containing a half-cell which is reversible at platinum electrodes.

The problem of finding such half-cells is difficult. Cne criterion
of a reversible half-cell is that the shape of the indicator current
vs., applied potential curve for the half-cell should not be devendent
bn nrevious treatument of the electrode. Since this criterion is not
sufficient, the other evidence must &lso be considered.

Figure 8 shows the effect of aonlied potential on the indicator
current observed in solutions containing the halogen-halide half-cells
when the halide concentration is much larger than the halogen con-
centration. The curve for lodine more nearly resembles a polarographic
wave than do the other curves., There 1s a definite range of applled

potentlals in which the current is almost independent of potential,
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Figure 7. Apparstus Used for Ampercmetric
Hessurements,
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Arrvanged in order of increasing reprcducibility of such curves the
halogen-halide half-cells are chloride~-chlorine, tromide~bromine, and
icdide«io&ine. This is elso the order of decreasing overvoltage (48).
Since the iodide~iodine half-cell closely approaches reversibility,
use was made of this halif-cell for testing assumption 4.

The icdide~-ilcdine half-cell can not be used to test Equation 4
becsusge of the complications introduced by the formation of tri-icdide.
However, in testing assumption 4 with this half-cell, a large concentra-
tion of lodide and a small concentration of iodine are used. Under
these conditions no complications sre caused by tri-icdide formation,
and Equation 6 should express the behavicr of the indicator current
az a function of the applied potential. Such measurements havé been
made and are dlscussed below. A deteiled discussion Justifying the
use of the icdide-icdine half-cell for testing Fquation 6 is glven in
an éppendix.

Figure 9 shows the effect of applied potentisl on the indicator
currents observed in solutions containirg various electrode~reactive
half-cells. The indicator currents in ferrocyanide~ferricyanide
solutiong are least dependent on the applied pctential‘when it is
greater than 100 millivolts. The curve for this half-cell was also the
most reproducible of the curves shown. Consequently, the ferrocysnide-
ferricyanide half-cell seemed best sulted for testing Eoguaticn 4. It
meets most of the requirements llisted as assumptions in the derilvaticn.
Ferricyanic acid is a strong acid and the fourth ionization constant
of ferrocysnic acid is 5.6 x 10'5 (49)« Therefore, essentially only

one oxidized species, Fe(CN)z , and one reduced svecies, Fe{CH)Z, are
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present in & solution at pH 7. The half-cell meets the requirenent
of reversibility least satisfectorily. The rates of both the reduction
of ferricyanide and the oxidation of ferricysnide anrear to be dependent
on the treatment of the electrode and the length of time it is used.
Although not ideal, the ferrocyanide-ferricyanide halt-cell has been
used for testing Fguation 4.

The calculated diffusion coefficients of ferrocyanide and
ferricyanide at infinite dilution are 0.74 x ‘l('.l"5 cm.z/sec. for

5 cm.z/sec. for ferricyanide (50), If it

ferrocyenide and 0.89 x 107
is aggumed that the ratio of these two diffusion coefficients remains
approximately the same under the experimental conditions, Ecuation 4

then becomes

W!m
[R5

2
= = (0,20 % + 1) (%—{——}— - [(o.20 % + 1)* (%—{-%) - 4.80(%~x°)

2
(11)

The terms on both sides of this equation are dimensionless,

On substituting tﬁis value for the ratios of the diffusion

coefficients into Equation 1C, it reduces to

il
Te20 X + w&m 1 =X
BT ( k2‘3> ( )

p =i 1y (12)
AvF 1.20 X (1-X~~L)
PG

Instead of the calculated ratio of the diffusion coefficients
at infinite dilution, the experimentsl ratio could have been used.
The experimentally observed ratio of the diffusion constants for a
stationary platinum microelectrode is 1.12 (51, 52). The main effect

of changing the wvalue of this ratio is to shift the cosition of the
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maxima of the theoretical curves. Using 1.12 instesd of 1,20 shifts
the maxima from F = Q.45 to F = C.48. Since the exverimentsl precision
 was of the same order of magnitude, it is doubtful that use of this

experimental ratic would result in significantly better agreement.

fisagents.

All chemicals used were reagent grade. Potasslum ferrocyanide
trihydrate and potassium ferricyanide were each recrystallized three
times from water. The potassium ferrocyanide trihydrate wes dried over
a saturated solution of sodium bromide dihydrate (53). The potassium
ferricyanide was dried in an oven at 100° C. Stock solutionsof these
galts which were 2.50 x 10.3 VF. were prepared by weight; solutions
which were 2.50 x 10”4 VF, were prepared by dilution. These solutilons
were protected from light. 411 water used was "conductivity " water.
The notsasium ferrocyanide solutions were stabilized by the addition

of 0.2 g. of sodium carbonate per liter (53).

Apparatus.

The cell and circuit used are shown in Figure 7. The conditions
and apparatus were egsentially the same as those used for coulometric
titrations by Swift and co-workers (9, 30, 35) except that the generator
electrodes were removed and & third electrode of platinum wire was
added. The cell consisted of a 40 x 80 mm, weighing bottle which was
placed on a rubber stopper contzaining the two platinum indicator
electrodes, the third electrode of platinum wire, and the stirrer. The
stirring rate was 1660 RPM, The potential applied between the two

indicator electrodes was measured with a Zueen student potentiometer,
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The dimensions of each of the indicator electrodes were 20 x 25 mm.,

The current measurements were made with a L. and N, box-type reflecting
\ g&lvanameier. The sensitivity was varied by using apﬁropriate shunts,
All measurements were made at a room temperature of 26° ¢.

When making the messurements on the lodide-iodine solutions, two
platinum generatcr'eleétradas were used to generate small known amounts
of iodine coulometrically.

The silver indicator electrodes ﬁsed in making the measurements
on silver solutions were of the same area end shape as the platinum
indicator electrodes., The platinum wire electrode was replaced with

& silver wire electrode, The rest of the apparatus was the same.

Procedure.
AThe procedure for preparing the ferrocyanide~ferricyanide
‘sclutions was as follows. Measured volumes of both 2.5 x 1074V,
potassiun ferrocyanide and 2.5 x 1074 vF. potassium ferricyénide
were added to the cell from a buret. The sum of these volumes vas
kept congtant at 40.0 ml. for all measurements while the ratio was
varied from 1/39 to 39/1. One gram of sodium hydrcgen’carbe#ate and
ﬁcenductivity“ water were added and the solution was saturated with
carbon dioxlde in order to buffer the solution at a pH of 7. For
all solutions the total volume wes 50 ml. and the sum of the ferrom
cyanide and ferricyanide concentrations was 2.00 x ?G‘A /¥. These
small concentrations were chosen for convenience of current measurements.
Measurements were made on icdide-lodine sclutions which were
prepared by pipetting into a cell 5 ml. of 1.0 VF, potassium iodide and

45 ml. of water. One gram of sodium hydrogen carbonate was added and
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the solution was saturated with carbon dioxide in order to buffer it
at a pH of 7. The cell was placed on the apnaratus and the desilred
anount of lodine was generated in the solution,

A golution whichwas 1.6 x 10-4 VF. in silver nitrate and 0.02 V¥,
in nitric acid was placed in the cell for measurements with the
amperometric electrode system congisting of two silver electrodes.,

In order to obtain reproducible results 1t was found necesssry that
the solution contain about 0.01 per cent gelatin (52).

After preparing a solution, the cell was placed on the apparatus
and the stirring was started. The potenticmeter was set for one of
the desilred potential readings, the resistance R was varied until the
potentiometer balanced for this setting, and the current was fead from
the galvanometer. Then the potentials btetween each of the indicator
electrodes and the wire electrode in equilibrium with the solution
were measured. The procegss was repeated for other potential settings.
The whole procedure was then repeated over the desired potential range
until reproducible values were obtained. The anplied vpotential ranged
from O to 250 millivolts. 4 steady state was generally attained within
15 seconds after changlng the potentisl and the current readings were
reproducible to wilthin 0.3 microamp. so that usually it was necessary

to repest the procedure only once.

DISCUSSICH OF MEASUREMENTS

Dependence of Diffusion on Concentrations.

Measurenents with the Jodide-Iodine Half-Cell. Ae stated above,

in a solution in which the concentration of icdide 1s very large compared
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to the concentration of iodine, the dependence of indicator current on
the applied potential should be given by Zouation 6 if the assumed
'depandence is correct. The theoretical plot and the experimental
points obtained when the current was measured as a function of the
applied potential in & solution 0.1 VF., in potassium lodide and

7.7 x 1076 YF. in iodine are shown in Figure 10. The agreement is
within the experimental error.

The other curves shown in Figure 10 are also plots of Hquation
6 in which n, the number of electrons involved in the electrode
reaction, is different from two,

It should be noted that reversibility of the iodide-iodine
half-cell at smooth platinum electrodes is dependent on the previous
treatment of the electrodes. Before the data shown in Figure 10 were
taken, the electrodes were washed carefully and ignited. ¥hen the
electrodes were not so treated, significant deviations from theory
were observed. The deviations were always in a direction indicating
a low rate of reaction at the electrode surfaces.

Measurements with the Silver-Silver Ion Half-Cell. The

experimental points obtained with silver indicator electrodes are
shown in Figure 11 along with the plot of Equation 7. The agreement
with theory is satisfactory although not as good as that with the
iodide~iodine half-cell. This is not surprising in view of the large
deviations from reversible behavior observed by ELaitinen and Kolthoff
(52) with a rotating microelectrode. The smaller deviations observed
could be due to the fact that the current density was only about me-

fifth as great,
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Dependence of the Indicator Current on Applied Potential and Fraction

oxidized.

The plota of indicator current versus fraction oxidized calculated
from Equation 4 and those obtained experimentally are shown in Figures
12 and 13, respectively. The series of curves represent the indicator
currents which would be observed with different applied potentials
during a titration in which ferrocyanide was oxidized to ferricyanide.
In Figure 12, Eiﬁ is plotted against fraction oxidized for the various
applied potentials on such a scale that the slopes obtained when V = 250 mv,
are the same as in the curves in Figure 13. This is equivalent to
determining k2 experimentally and must be done because the effective
width of the diffusion layer is unknown.

There is qualitative agreement; however, the observed deviations
are greater than the experimental errors, The data plotted in figure
13 were taken just after the two platinum electrodes had been allowed to
stand in hot chromic acid for about half an hour, had been washed care-
fully, and had been ignited to a dull red color in an oxidizing flame.
#When further data were taken for a similar curve without repeating this
method of preparing the electrodes, the currents observed were smaller
and the plotted curves were more rounded. The rate of the reaction at
the electrode surface is apparently depsndent on the treatment of the
surface. This behavior is compatible with that observed by Laitinen
and Xolthoff (52) when ferrocyanide was oxidized at a rotating platinum

electrode,

The Distribution of Potential.

Figure 14 shows the plot of the fraction of the applied voltage



-9l -

*1ToC-JT8H UCJLIDETH~0UQ 9TqQTsSealad ¥ BUTUTBIUOL UCTINTOS # UT SjUeddn] J03EOTPUL
oyq U0 PEZTPTX0 UOTA0RIJ puw [eTjueqod perrddy Jo 308JJT Pe3sTnor=l oyl gl oamdtd

GIAZ1AIXO0  NOILOv M 4
050 52'C 0

1 1

o0 G140
1

‘aum 062 = A (L)
"aw 002 = A (9)
Tam QGT = A (G)
Aam 00T = A ()
am G = A (L)
AWM QS = A (2)
= ram G2 o= a4 (1) ~

S3IAYEND MWIOILIHOFH!

N

WUUE

AH3aWVOEDIW

s

)




- 95 -

B3EUCL BT @PTURADTLLBL DUF BPTUBADOIL Y
SUOTIBIITS0oUCS 2UY JO WRO 9y *epiuwvfolgds] pus SDTURADOLIS, JUTUTFIUOS UOTINTOS @
FUedans JO19DIPU] U0 DOZIPTX0 UOT308Jd,] pUB TETIUSLCL peT1dey Jo 32e1J7T eyl €1 eunvid
SRR Mo e
Qi N 270 o
1 T 1 "
40
- .
> ey
“
* b s

e Y6l

LRV Db d

WG EA

S3IA-N0 MTVINIWIHEId XA

fb

30%




- G6 -

between the solution and the anode against the fraction oxidized as
calculated from Equation 10; Figure 15 shows the plot of experimental
values. Again the qualitative agreament is good. Quantitatively, the
deviations are such that they can be explained by low reaction rates
at the electrodes both for the oxidization of ferrocyanide and the
reduction of ferricyanide.

The presence of a rapid change in the fraction of the applied
potential carried by the anode at a position corresponding to approx-
imately 50 per cent oxidation is of irterest, The deviation of the
point of inflection from that corresponding to 50 per cent oxidation
is caused mainly by ths difference in diffusion coefficients of the
species involved. It is doubtful that this point of inflection can
be exploited for analytical purposes unless the precision of the
measurements can be improved by better control of experimental
conditions,

It should also be noted that even when the fraction oxidized is
very small, a significant fraction of the applied potential exists
between the indicator anode and the solution., %hen the fraction

oxidized is small compared to 1, Equation 7 reduces to

= BT 1+ 3=l
F nvp in (]+a*1)

As the applied potential becomes very large and no other half-cell
reactions occur, P approaches 5%% ln 2. The potential of the
indicator ancde is almost the same as that of a similar electrode in
equilibrium with the solution, but even though the indicator cathode
is the limiting electrode, not all of the applied potential is betwesn

it and the solution; the concentrations at the surface of the indicator



TLeC~J1®E UOa30e1E-ouQ
21a15J0A2E ¥ JOJ [BllUSq0d JoquwaTpul pailddy pus peg|piX) UCTI9ELY JO UOTITUNY
g u® [2T1U990J JCRuOTPUI PITCLY JO UCTINQTJISTQ PeleInoTsl oUd "I 23T

Q2. 1HXD NOLo7H4

- 97 -

50 0g it 0
] 1 . 1B
G
“am 002 = A (9) 5
aw 0ST = A (§)
am Q0T = A (1) i
aw §) = A () =
am QS = A (2) 5
aw 52 = A (1) ¢
T
T
.
z
ki
S
9

S3AYND TVIOI13HO3HIL

1 i ]

0
N]
NOILOVHS

G

0ILN10S ONY 3CONY 8. vDId
M13g v a3

N
N33

I LNJLOd (d31d

o

0



TamrgEUSs $T eplimiorJdldes pun gpIt e fooddny o SUCTIHJLUaTUC eyl Jo wng a9ud

*rier~-IT12H ;@wama>a%:m.im1{ﬂmv 204494 2Ud 0] T8TIUR304

"ﬁﬁ

SIAHND TIVINIWIH3dX 3

i | I ] ! i

Jogacpul pejrddy pus peziprX0

mwwomhf 40 UOTloUn,; # s¥ TEIIU090] J0YuCIPU] patrddy Jo uwoyanqiJa3sTd UL 41 aIndty
g3714ai1Xo NOI1LDOVY S
oU | ¢i0 0¢ 0 ¢Z0 0
! “ } 1 ) i H H 1 T [
AWl 002 = A (G)
AWl 09T = A mmv o
A caw 00T = A (7)) A
Taw g} = A (€) o
aw 09 = A (2)
Tam g2 = A (1)

os 0

NOILNTIOS ANV 300NV ¥OlvOION

N3IIML3E8 TWILNT10d 031ddV 40 NOILOVM S

G40

00l

i
i



- 99

anode must be different from those in the body of the solution in order
that reacting and reacted species may diffuse to and from the elesctrode
as required by the current. 'hen the fraction oxidized is very nearly

unity, similar conclusions apply to the indicator cathode.

CONCLUSIONS AMD APPLICATIONS

The Bivariable alectrode System,

S

The so-called "dead~stop" is a result of the limitations of
instruments in measuring small currents. In a titration involving
at least ons electrode-reactive half-cell, zero current will be
observed at the equivalence point only if the equilibrium constant
for the reaction between the titrant and the substance titrated is
infinite. oince this is not the case for any actual reaction, small,
but not necessarily detectable, currents will exist at the eguivalence
point. If the half-cells for both the titrant and the substance
titrated are electrode~reactive, the indicator current will be a linear
function of titrant added on both sides of the equivalence point, but
near the equivalence point the curve will be rounded. The sharpness
of the interssction of the two lines increases as the equilibrium
constant for the reaction between the titrant and the substance being
titrated approaches infinity. As Farrington, Meler, and Swift (36)
have shown, the point of minimum current is not necessarily the
equivalence point,

Some investigators (8, 40) have reported values for the smallest
concentration of iodine necessary to "depolarize™ the indicator cathode.

This quantity is dependent on the size and shape of the electrode, the
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potential, the stirring, and the sensitivity of the currsnt-measuring

instrument. Unless these factors are closely controlled, it is not

surprising that different values will be found. Vhen the applied potential

is less than 60 millivolts, the indicator current is especially san-

sitive to changes in potential as can be seen from Figure 10, Such

data are of doubtful value unless all of the conditions are reported.
The maximum sensitivity of the system is not utilized when the

applied potential is of the order of 10-20 millivolts, The potential

which should be applied during titrations involving at least one

reversible half-cell depends primarily on the number of electrons,

n, involved in the electrode reactions, Egquations 6 and 7, which are

applicable near the end point, can both be written as i = 11’( %—f—%) .

It is desirable that a potential be applied which is in the range

of potentials in which the current is limited by diffusion. When

the lower limit is calculated from this equation by arbitrarily

taking 1 = 0,98 iL as the lowest desirable current, the following

lower applied potential limits are obtained (see Figure 10 also):

n Lower Limit of V
1l 95
2 L7
3 32
L 24

Ho matter what value for the ratio, i/iL, is chosen, the potential
obtained from this equation is proportional to1/n. The upper
applied potential limit is sat by the onset of other electrode
reactions, and will depend on the constituents of the solution huing

titrated. There is little advantage in using an applied potential
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greater than 250 mv. since with this applied potential a limiting
diffusion current is obtained throughout almost the entire titration
(see Figure 12). Of courss, at best these conclusions apply only
qualitatively to titrations involving irreversible electrode-reactive
half-cells, In any case it is best to measure the current as a
function of applied potential on both sides of the end point and for
other similar titrations to use an applied potential which is in a
region in which the currsnt is not changing rapidly with changes in
applied potential,

The current also depends on the sizs and material of the
electrode. The electrodes should be made of a material at which
one of the half-cells involved in the titration most nearly approaches
reversibility. By varying the sizes of the electrodes, the magnitude

of the current can be adjusted for convenient measurement.

Comparison of ind Points,

Amperometric versus Potentiometric. Because both the ampero-

metric and potentiometric end points depend on electrode reactions,
they are applicable to many of the same titrations. The use of
electrodes at which one of the involved half-cells approaches
reversibility is desirable for both end points. In general, measure-
ments can be made more rapidly with an amperometric system, whose
use requires the attainment of a steady state, than with a potentio-
metric system whose use requires the attainment of equilibrium
between the electrode and the solution. The current is directly
dependent on concentrations while the potential 1s dependent on the

logarithms of concentrations; hence, the relative magnitude of changes
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of current at the end point is much greater than the relative
magnitude of changes of potential. The linear relation betwesn
current and concentration lends itself more casily to extrapolation
to an end point than the logarithmic relation between potential
and concentration. For this reason, an amperometric system is
probably more useful when the reaction is so incomplete at the
equivalence point that the potential change is not sharp,

In Figures 16 and 17 the amperometric and potentiometric end
points are compared in two titrations of bromine with cuprous
copper at different applied potentials., The potentiometric end
point was obtained by measuring the potential between a platinum
electrode in equilibrium with the solution and a calomel reference
electrode. The potentials of the two indicator electrodes with
respect to the reference elsctrode are also shown,

In both titrations the potential between each of the indicator
electrodes and the platinum elsctrode in equilibrium with the solution
undergoes its greatest change near the equivalence point. The applied
potential is redistributed as the current control is shifted from
one slectrode to the other. The largest fraction is between the con-
trolling electrode and the solution (the equilibrium platinum
electrode).

When the applied potential was 55 millivolts, the potentials
of the indicator electrodes with respect to the reference slectrode
changed more sharply at the end point than when the applied potential
was 45 millivolts., This behavior is due to the fact that the

equilibrium constant (36) for the reaction
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20u*t + 7Br- = 2CuBr2' + BrB'

is so large that in these solutions there are ampsrometrically
significant concentrations (approximately 1076 VF.) of CuBr,” and
Br3~ at the equivalence point. Since the concentrations of Br~
and Cu** are large comparsd to the concentrations of CuBr.

2
the potential between the indicator cathode and anode may be written

and Br_,

(assuming the electrodes are in squilibrium with the soclutions at

their surfaces)

o 8 = 3F 1n {Cu3r2 ]c [Br3 ]a 5F in [CuBr2 ]s [Br3 ]s .

Since the last Lerm is a constant, the [Br3"}a and [CuBro”]c must
both inereass when the applied potential is increased., The con-

centrations of these two species depend on the electrode reactions

Ancde Cathode

3Br~- Br,” + e cutt + 2Br~ + " = CuBr.”
3 2

The concentrations at electrode surfaces and in the body of the

solution are related by the following equations.
i= k3([Br3—}s - [Br3 ]c) + k, ({CuBr2 ]c - [CuBr2 ]S)
= 3([Br3°]a - [Br3°]s) + k2([0u8r2 l - [Cusr, ]a).

Near the end point [CuBrz-] 5 and [Br;]S are changing rapidly.
At low applied potentials when the [Br3_]a is of the same order

of magnitude as {Brg']s and the [CuBry ], is of the same order of
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magnituda as [GuBrQ']s, the [BrB"]a and [CuBrZ']c are sensitive to
the [Bry |, and [CuBr,”]  and the potentials of the indicator
electrodes with respect to a reference slactrode change rapidly near
the end point. “hen the applied potential is largar and the [CuBr2°]c

and [Bra"}a are large compared to [CuBrQ“]S aad [Brj‘} the potentials

§?
of the two indicator electrodes with respect to a refersnce electrode
become much less sensitive to changes in [CuBrz']S and [Brg']s. Thus,
these potentials remain almost constant while titrating through

the equivalence point.

Univariable ilectrode Amperometric versus Bivariable Elsctirode

Amperometric. The univariable electrode amperometric system is
probably of more general applicability than the bivariable system,
The requirement for a current in the univariable system is that a
species reactive at the variable potential electrode be present in
the solution, while for the bivariable system, speciss reactive at
both electrodes must be pressnt., Since a different half-csll reaction
is taking place at each electrode in the univariable systen:, the
passage of current changes the composition of the solution., 'his
can introduce errors which will be most significant when very small
quantities are being titrated, These errors will depend on the
magnitude of the current and the length of time of its passage. The
fact that the indicator current in most cases does not change the
composition of the solution reccmmends the bivariable electrods
system for use in detecting end points in the titration of small
quantities. Besides the detection of end points, both amperometric
systems are useful in obtaining physico-chemical data requiring the

measurement. of concentrations.
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APPENDIX I. DITAILED DISCUSSION OF AMPERQIETRIC YEASUHEMENTS ON

THa JOOIUE~-ICDINE-TRI-TCDIDE SYSTZM.

iWhenever more than one species of the oxidized or reduced
state exist in the solution, the treatment becomes more complicated
because of the possinility of reactions in the diffusion layer in-
volving electrode~reactive species, The indicator current then depends
on the rates of the reactions in the diffusion layer, the widtih of
the diffusion layer, the concentrations of all involved species in
the body of the solution, their diffusion coefficients and the applied
potential, The situation is especially complicated when the con=
centrations of more than one of the species involved in the complex
are changed during the titration.

As an example of this latter situation, both the oxidized and
reduced states of the iodine-iodide half-cell are compossed of two
species because of the equilibrium, 13° = 12 + I, During a titration
of icdide to iodine the concentrations of all three species are
changing. The dependence of diffusion on the concentrations in the
body of the solution and at the electrode surface is itself dependent
on the degree of attainment of the tri-iodide equilibrium in the
diffusion layer. As one extreme, if this equilibrium is attained so
slowly that the lodide, iodine, and tri-iodide pass through the
diffusion layer without any adjustment of concentrations according
to the tri-iodide equilibrium, then the iodide, iodine, and the tri-
iodide will aiffuse to and away from the electrodes independently.

As the other extreme, equilibrium is attained at every point in
the diffusion layer. The actual situation can be anywhere between

these two exirenes,
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Both of the extreme situations will be treated using the
iodide-iﬁdine half-cell as an example. It will bz shown that
'Equation 6 1s valid for both extreme situations when the concentra=
tion of iodide is much larger than the concentration of iodine.
Thus, the treatment below constitutes a justification for the
use of the iodide-iodine half-cell in testing assumption 4. It
also serves as an example of the general treatment of such situations
in which a reaction may take place in the diffusion layer,

Some relations which apply to both extreme situations are
given below. For simplicity, only one~dimensional diffusion will be
considered. According to Fick's law, the number of a given species
diffusing across a small unit area parallel to the elsctrode surface
in the diffusion layer is proportional to the concentration gradient

of that species at that point in the diffusion layer. Thus,

E.B. = D d{:[g] dIZ = D ?—E:-Eg-]- and E— = D i[—:f_.:.l.
dt 3 x? dt 2 dx dt 1 dx
(13)
afz,”1 alz d[1”
in which _E_Q_E, _E_Zl, and [r'] are the concentration gradients
dx dx dx

of these species; D3’ D,ys and Dy are their diffusion coefficients;

aI3 dL, a1
and 3t ' at ? and I ere the number of moles per second of these

species which pass through the given small unit area, Because I -,
Iy, and I” are the only species reacting at the electrodss, and of

these only 13- and I” are charged,

dI

e '
“Fs T Tar . T & (14)
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where i‘ is the current, ¥ 1is the Faraday, and A is the area of
the electrode. Bacause of conservation of mass and the existsnce

of a steady state, within the diffusion layer

313’ + 212 +I" = (

where C is the total number of atoms of iodine in the diffusion layer.

Differentiating this expression with respect to time, we obtain

a1~ dI ar-
2 3 2 =
3%t rta c O (15)

‘“hen Equation 15 is substituted into Equation 14, we obtain

. a1 41
i . 3 )
Fn - % ot at. (1e)

When Zcuations 13 are substituted into Zquations 14 and 16, we obtain

al1.7] a[1~
S U)o, ] ()
Fa D3 dx D1 dx
and
afz af1
ooz U510, alnl (8)
Fa D3 dx D2 dx

Case 1 =- No Reaction in the Diffusion Layer. First, let us con~-

sider the situation in which no adjustment of concentration according
to the tri-iodide equilibrium takes place in the diffusion layer,

The time in which significant quantities of 13', 12, and I” react
islong compared to the time required for passage through ths diffusion
layer. These three species are at equilibrium in the body of the
solution; since we will assume that all three species are reversible

at a platinum electrode, they must also be in eguilibrium at the



- 110 =

electrode surface., Therefore, the boundary conditions are
(157]
—2— -
(1,1 [17]
at x = 0, i.e., at the electrode surface, and at x = ', i.e., at the
effective boundary between the diffusion layer and the body of the

solution. Vithin the diffusion layer there is no interaction.

Because there is no interaction in the diffusion layer, and

because there is a steady state, Tt Tgre and T ere all constants

and have the same value for all values of x. Hence, on integratiocn

of Equations 3, we obtain

T = = - .1..- —._1__.

[IB }x [13 ]x=o * D3 dat x
dI

T = l—. .--.—2.

(1], = [T,),g *D?_ it X

o - ;4T

[I ]X = [1 ]x=o Y5 OE X

1

Let the subscript s denote a concentraticn in the body of the solution

and the subscript e a concentration at the electrode surface. Then

D ' d1.”

_E§ (157, - (17]) = m=

D a1

;if (I5,), - [5,)) = —2 (19)
D a1

L -y - 5
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in which the £ 1s are the effective widths of the diffusion luyer
for the different species, Substituting Eguations 19 into Equation

16, we obtain

4 . D - - P2
L= -i (1171, = (1570 + = 3], - (1))

Since the [I”] is large and egsentially constant throughout the

diffusion layer,

[I = rI -
[IQ]S = ""'2:}'5' and [Iz]e = B-JB
AP X171,
Thus,
1 D DZ _ _
o = 2 § + ;——K—{;‘[—:j— ([13 ]s - [I3 ]‘e) (20)

snd the current is proportional to the difference between the con=
centration of tri-iodide in the body of the solution and at the
electrode surface,

Fquation 20 is applicable to either electrode if the sign
of the current at the anode is oprosite that of the cathode. A4s we
have defined the current, it is positive at the cathode and negative

at the anode., Thus, for the cathode,

D D

a2 e —2 (1,7 -(1,7]) (21)
Fa 3 ) K[17] 3 ‘s 3 ‘e
while for the anode
: D D
~me2 2 —EA— ([1y71, - [1571) (22)

3 2}{[ 1] |
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The potential of the cathode is

T~ = Q - _:'_li ln E_I.’é__}.g. - _Wo - 5‘2 in [IB )S - l/kc
¢ RF -3 7 T -3
(1 ]c ' (1 ]c

=

in which

Ly 2, x[17]
It will be assumed again that the areas of the two electrodes are
equal and that they ars situated in equivalent positions so that

the effective widths of the diffusion layers are emal. Thus
kc = ka =k

The potential of the anode is then

Since [In}c and [I'ja are very nearly equal, the applied potential

is
. (1,71 + 1/%
Ve -z, =& 1p—2-s
(1, lg= 1/k
Thus,

1=1 (-2-—-:—-—}) (23)
2UF

since a= 7 und iy = K| I;" ], Bquation 23 is identical with
Equation 6.

Case 2 - Gquilibrium in the Diffusion Layer. The situation

in which equilibrium is attained throughout the diffusion layer is

more complicated. Then

[IB-] = K[I2] [17] for all values of x.
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Differentiating thils expression with respect to i«, we obtain

d[IB“] ” dl1 ] _ d[12]
= - x[zzl I + X[17] T

Substituting the expression for Q-[-g-xj— from rquation 17 and reorranging,

we obtain

d[12]

al1,”] K1) 551 D1Fﬁ + Xl

dax

D
2
1+ ¥[1,] B
On rearrangement of Equation 18, we obtain

af1,”] d[1,)

—_—
Dy —== 2D

— L
2 dx FA

d[13']
dx

. D
al1,) - & (1 + 3k([1,] ”ﬁf)
2 -

Eliminating end rearranging, we obtain

(24)

D

2D K[I_]-l-QD (1-;- K[I ] .2)
1

Only the case in which [I™] >> [I ] will be considered. Although —1—-1
af1.-] d[IE]

is of the same order of magnitude as "7‘%— and ax

consgidered zero, the concentration of iodide is essentially constant

and can not be

throughout the diffusion layer. Hence, we can consider [I ] a
constant in the avove expression., On integration of EBquation 24,

we obtain

n

6xD. [17] + 4p D D
"'%,Kx-: 3 5 2 in 1+3K52 [12] + [I]"‘M
9K =2 ~ !
D, (25)

vhere M is a constant of integration. Uhen x =4, [12] = [Iz]s'
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Thus | , Dy
' 610,(17] + 4D, (l N ”235)

i
2 -x) = 1n -
Fi D D
% 52 (1 + 3% 32 [1,])
2
+ £ 0,([1,], - [1,]) (26)

This is as far as this treatment can be carried without applying
perticular experimentsl conditions., Since measureusnts were made on
a solution in which the [12}8 ~ 10‘7, since Dy and D, are of the same
order of magnitude, znd since X = 710, 3}{%2 [12,]S ~ 1 o'f’*. Hence

we may use the expansion,

in (1 +X)=X"J§X2*c.c-ooc y

and retain only the first term, On aw:lying this expansion ta

Equation 26, we obtain

L = (oylr7] + ) (1) - [1,]))

and since
(1,71 = x[17], [1,]] and (1371, = x[17] (1],
L0 22 - - ;
moc 2\ rarr ) (Ul - D) (27)

This expression is identical with Equation 20. Hence, for this case
8ls0,
-3 [a=1
i-%(a+1) (28)
Thus, it has been shown that Bquation & is spplicable to both

extreme cases under the experimental conditions,
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FROPOSITIONS

l. In calculaﬁing the equilibrium constant for the reaction
20u** 4+ 7Br = CuBry” + Brz”
from ampefometric data, Farrington, Meier, and Swift (1) assumed tiat
a limiting diffuaion_currént is obtained at both indicator electrodes.
This assumption does not eeem‘justified.
(1) -Farrington, F.S., Meier, D.J., and Ewift, E.h., Anal. Chem.,
25, 591 (1953)- — ‘

2. A coulometric titration of microgram quantities of silver with
iodide genergted from iodine is proposed.

3. The existence of Al(I) and Al(II) in liquid ammonia solutions
is doubtful. The supporting evidence (2,5) is unconvincing and, if
snything, argues against the existence of these oxidation states.

(2) Bennett, W.E., Davidson, &. W., end Kleinberg, J., J. Am. Chem.
Soc., 74, 732 (1952).

(3) Devidson, A.W., and Kleinberg, J., J. Phys. Chem., 57, 571
(1955 ).

4. Information on the retes of electrode reactions can be 5btaiﬁed
by using radioactivé tracers to measure the rate of exchange between
two oxidation states of a haif-cell in the presence of metal surfaces.

9. The elemental analysis and magnstic data presented by Kapparma
>and Talaty(4) as evidence for the existence of AgO, are insufficient.
- A simple meaéuremént of the number of oxidizing equivalents pef mole

of silver could disprove tke existence of this oxide.

(4) Kappanna, A.N., and Talaty, Z.R., J. Iiid. Chem. Soc.,
28, 413 (1951).
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6. Tt is proposed that cerous cerium cen be determined coulometrically
in concentrated carbonate solutions with ferricyanide;

7. Eaight.(5) has diséarded several possible electrode reactions
by which tripositive arsenic may be oxidized polarographically in
sodium hydroxide solutions on the basis that the reaction.products are
not reduced polarographically. It is proposed that this 18 not sufficient
justification for discarding these reactions.

(5) Haight, G.P., J. Am. Chem. Soc., 75, 3848 (1953).

8. The use of diffsrent metals for the two indicator electrodes
of an amperomeiric system’should be investigated with the object of
extending the applicability of such systems.

9. (2) A simple explsnation for tle catélysis at metal surfaces
of oxidation-reduction reactions in solution is thet eleatrode reactions
are involved in the overall reaction. Examples are the oxidation of
bromide with ceric cerium, the oxidation of iodide with ferricyanide,
and the reduction of weter with Mo(III).

(b) Kinetic data teken with an amperometric system for the

reaction between species of two elesctrode-reactive half-cells, e.g.,
the ferrous-ferric and bromide~bromine half-cells, are of doubtful
value since the reaction can take place through the agency of the
indicator electrodes.

10. In order to increase campus efficiency, coffee sckedules
should be posted conspicucucly at the doors of all campus offices

end ehops.
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‘11. Ezsing his argument on one of the fundamental vibrations of
flqbrbbeqzeﬁe, Garg (6) has étateé that he believes that the fluoro-
benzene mélecule'has no symmetry. The experimental evidence does not
support this view.

(6) Garg, S.N., J. Chem. Fhys., 21, 1907 (1953).



