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THE POTENTIAL CF INERT FLECTRODES IN SULFUROUS ACID SOLUTIONS

I, Introduction

Certain reducing substances, such as sulfurous acid, formle
acid, or oxalic acid, show in their chemical behavior a much smaller
reducing power than that calculated from the free-energy changes attend-
ing their conversion into their ordinary oxidation products, sulfuric
scid or carbon dioxide and water. This fact is especially pronounced
in the case of sulfurous acid, where a fairly definite electrode-pcten~
tizal (about -C.4 volts) results, which is in wuch better agreement with
ite known chemical behavicr than is the potential (-0.14 volts) calcu-
lated for the conversion of S50, (1 atm.) to S04~ (1 m.)

The probable nature of the electrode process has been consi-
dered by Carter and Jemes.l In view of the apparent discrepancy with.
the calculated sulfite-gulfate potential, they considered the observed
potential to be due to the tendency ¢f the sulfur dioxide to be reduced
rether than oxodized, an assumption which is alw justified by its cheu-
ical behavior, which will be discussed later. Since experiments in
which sulfur was added to the electrode vessel did not improve the con-
stancy or reproducibility of the potential (which varied over 0.05 volts),
they cdncluded. that the sulfur was without effect, and that an intermediate

reduction-product of sulfurous acid was concerned, which their experi-
ments on the cathodic reduction in acid solution led them to believe was

hydrosulfurous acid, HpS304
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The present work is a further contribution to the inter-
preté,tien of this sulfur dioxide votential. It is concerﬁed,chieﬂy
- with the potentials exhibited at a platinized platinum electrode in
a half-cell containing sulfur dioxide in =acid solution under various
conditlons of concentration, temperature, and agitation, and in the
presence of certain other substances.

This investigation was carried on under the supervision of
Professor A.A.Noeyes to whom the writer is indebted for much helpful
advice and cooﬁeration. it was assisted financlally by a grant to

Professor Noyes from the Carnegie Institution of Washington.
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II. Hypothesis as to the Electrode Process in the Sulfite Half-Cell

In order to facilitate the appreciation of the scmewhat com-
plex effects to be described in the fellowing sections of this article,
there may be presented in advance, but without laying stress on the
validity of the assumptions, especially with respect tc the spscific
sulfur reduction~products considered, the following hypothesis, of
whose adequacy to explein the phenomena the reader can judge as they
are described.

1. The sulfurous acid undergoes slight spontzneocus decompo-
gition into sulfuric acid and & lower reduction-product, probably hydro-
sulfurous acid, HpSy04, in accordance with the rezction:

3 HYESO3™ = H'pS04~ + H'pSp04~ + HpO. (1)

2. The sulfurous and hydrosulfurous acids are (as concluded
by Carter znd James) the electromotively active substances to which the
electrode quickly responds and of which the concentrations determine its
potential.

%+ The hydrosulfurous acid is itself gradﬁally deccmposed in
solutions of large hydrogen-ion concentration according to the equation

2 B55,04~ + Ho0 = S(s) + 3 HVHSO7 (2)
Or more strictly, since sulfur rapidly unites with sulfurous acid to
form a complex acid, thiosulfuric acid, until a considerable concentra-
‘tion of the latter is reached, the hydrosulfurous acid decomposes in
accordance with the equation

2 H59,04 + Hp0 = H*55,057 + 2 H'HSO05™. (3
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4. A fairly definite concentration of hydrosulfurous acid
and a fairly definite potential establishes itself as a result of a
stationary state where the quantity of the acld being destroyéd by
reaction (2) or (3) becomes equal to that being produced by reaction (1).

It can be shown from free-energy data that each of these resc-
tiong tends to take place in the direction in which it is written under
the conditions of concentration which doubtless prevall. Namely, Lewis
and Randall® give as the freé energy at 25° of HSC3 (1 m.) the valuve
-123,920 cal., and Sherrili and be933 give as & revision of the value
of Lewis and Randall for SOy (1 m.) the vslue -176,235 cal. From this
value for HSO3™ and the equilibrium—constant 0.Cl3 determined by Foerster
and Vogelu for the reaction

HSOs™ + S(s) = H" + 8,05,
the free energy of Sp03 (1 m.) is found to be -121,345 cal. And from
the reduction potential (+0.C09 volt) determined electrometrically by
Jellinek® for the electrods reaction
So0u + 2H,0 = 2HSO3~ + 2H' + 2§

the free energy of 5204= (1 m) is found to be -134,3%05 cal.* From these
values the free-energy decreases attending the above reactions when all
the ions are 1 m. are as follows: reaction (1), -U4,660 cal.; reaction (2),
+46,59 cal.; resction (3), +44,015 cal. It may then readily be calcula-
ted that, when the other ions are all 1 m., the reactions tend to take
-place in the directions written under the following cenditions: reac-
tion (1) whenv(5204=) is less than 0.0004 m.; reaction (2) when (S,04%)
is greater than 10~17; and reaction (3) when (S,04=) is greater than

10'16 M.

* Lewié and Randall® give -56,560 cal. as the free energy at 25° of Hp0(1.)
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The net result of reactioné (1) and (2) would be expressed
by thé equation‘ |

| 3 H'HS03™ = $(s) +2 H'5804= + Hp0. | (k)
And the free-energy decrease attending this reaction at 25° when the
B, ESO3~, and 504" ions are at 1 molal is +37,370 cal. Therefore, if
reaction (2) was practically instantaneous, sulfurous acid and sulfur
might be the electromotively active substances, determining the potential.
However the free-energy decrease attending the reaction

HSO3™ + Hp0 = HY + 80,° + Hp
is -U2U5 cal. (which corresponds to a potential of -0.092 for the elec-
trode process HSO3z™ + Ho0 = 504+ 3H™+ 2F"); so that by subtraction
there is found for the reaction ‘
(s(s) + 3 Ho0 = HY + HSO3™ + 2Hp
a freé—energy decrease of -U45,760 cal. which corresponds to & reduction-
potential of =0.496 volt for the electrode process
© 8(s) + 310 = HSO3~ + SHY + 4E-.
th,‘aslwill be shown belew, the observed potential of the sulfite half-
cell in the quiet étate is only -0.37, znd even on agitation is only a
few centivolts more negative, making it evident that a much more reduc-
ing substance than sulfur must coupensate the oxidizing action of sul-
furous acid,and therefore that not sulfureuss aci& and sulfur, but sul-
furous acid and en intermediste reduction-product, such as hydrosulfur-
. ous acid, are thevelectromotivély active substances, as was assumed
above. , 1
Not only are reactions (1) and (3) thermodynemically possible,

but spontaneous decomposition of soluticns of sulfurous acid to sulfur
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and sulfate as end-products has been observed at 100°-180° by many
investigators.® Jungfleisch and Brunell and Bassett and Durrant® re-
gard hydrosﬁlfurous acid as the initial reduction product; and

K. Jellinpk and E, Jellinek9 have found that hydrosulfite decomposes

in accordance with reaction (3).

III. Solutions, Apparstus, and Procedure

In the earlier experiments the electrode vessel was not equip-
ped for convenient agitation, and the sulfur dioxide was introduced in
solution. This plan was only employed in experiments which dealt with
the possibility of a reversible sul fite-dithionate electrode, and with
the effect of the initial condition of the electrode. But in all the
latei work sulfur dioxide gas was introduced into the cell and maintain-
ed at the desired partial pressure by bubbling through the cell a con-
troll‘ed mixture of this gas with nitrogen or other diluent. This gave
better control and furnished a convenient means of agitation.

In the earlier procedure air-free sulfurous acid solution was
preparsed by bubbling sulfur digxide, generated by displacement from sodium
bisulfite, through boiled distilled water kspt under nitrogen. Dithionic
acid was made from a solution of the pure barium salt (prepared for us
by Mr. R.D.Pomeroy) by adding the equivalent amount of sulfuric acid and
filtering off the precipitated barium sulfate. This solﬁtion was also
kept under nitrogen. By a simple arrangement the solutions could be a)d-'
mitted to nitrogen—filled burets without exposing them to the air at

any time. The burets were then used for malyzing the solutions and for

_ *Foerster, Lange, Drossbach, and Seidell in accounts of their gwn re-
searche on this subject include descriptions of previous work.
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filling the cell., This Qas done by extending the buret tip thréugh
the»Stopper of a nitrogen-filled mixing vessel into whichbthe dssired
amounts of solution were fun and mixed by shaking.v‘The mixing vessel
cormminicated with the electrode chamber, which had been swept out with
nitrogen. Both zcids were anslyzed prior to use; but the sulfite con-
centraticn in the cell solution was always determined after tsking down
the cell, since an error might otherwise rasult, due to the apprecisble
vapor-pressure of the sulfur dicxide.

The potential measurements in all of the work were made by
means of a type K Leeds and ﬂorthfup votentiometer. The sulfite half-
cell was joined>thrcugh s stopcock with a hydrogen half-cell eontaining
sulfuric or hydrosulfuric acid. It was especially important to keep the
two solutions separated; for the pressnce of a small amcunt of sulfite
posiohed the hydrogen electrodes. FEach half-cell was equipped with two
platinum fcilrelectroﬁes, one centimeter sguare, sealed into glass stop-
vers, placed about cne centimeter apart and in the case of the sulfite
half-cell completely immersed in thercell solution. All elecirodes were

platinized (unless otherwiszs stated), those in the sulfite half-cell being

replatinized for sach set-up. Figure I is a diagram of the hydrogen half-

cell as it was used in all experiments. This was of a type used in former

investigations in this Laboratory.le ‘The side vessel is a saturator which
was filled with some of the cell solution. The entering gas bubbled up
thrgugh‘its épiral, %as admitted ot the bottom of the elecirode vessel,
and passsd out through tﬁa side trap. The hydrogen electrodes were con-
sidered to be opéraﬁing satisfactorily wohen the difference of potential

between them was not in excess of 0.1 millivelt and was not subject to
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fluctuation; but this difference was usually less than 0.02 millivolt.
The sulfite helf-cell (equipped for gaé bubbling) that was used in the
© later work wzs a duplicate of the hydrogen half-cell. The cell was
kept in an oil thermostat.

The apparatus for mixing the gases is shown diagramatically
in Figure II. Nitrogen was the diluent in most of the experiments.
The gas from a glinder was first purified from oxygen by bubbling it
through two towers filled with coprer turnings immersed in a mixture of
equal volumes of concentrated ammonium hydrexide and saturated ammonium
chloride solution. From these towers it passed through two wash-bottles
conbaining diluted and concentrated sulfuric acid to remove ammonia and
water vapor. It passed through the capillary of a flow meter znd wag
mixed with the current of sulfur dicxide. The sulfur dioxide was admit-
ted ffnm a gas cylinder, dried with concentrated suifuric acid but not
otherwise purified,ll and then passed through a flow meter. After the
two streams joined, thorcugh mixing was insured by passing the gas
through a vessel filled with g;gss beads. The gas was then admitted
to a small reservolr, pazssed from there to a saturaﬁor filled with the
cell solution, and finally led into the saturator which comprised part
of the cell. The flow of gas was kept constant by means of bypasses to
hydrostatic pressure exits arranged ax shown in the figure, and consist-
ing of tubes whose depth of immersion in a well of transil oil could be
varied. Gasvwas kept bubbling from them so that constant heads of pres-
sure were maintained. Nujol was used in the flow meters, and their sen-
sitivity was increased by inclining the gauges. The various parts of

the apparstus were joined with rubber tubing.
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The gas mixturés corresponding t§ the gauge settings zdopted
were analyzed by ?assing them slowly into an absorption véssel filled
with standard iodine solution, to remove the sulfur dioxide, and then
into a pneumatic»trough, where the nitrogen was collected over water.
The excess of iodine was titrated with thiosulfate solution. The
agreement of the analyses is shown by the following datat for one
génge-setting the mixtures were found to contain 7.23, 7.29, and 7.32%

of S0p; for another setting, 23.8, 24.1, and 24.1% of SOp.

IV. Behavior of a Platinum Electrode in Sulfurous Acid Solutions

When a half-cell that consists of a platinized electrode in
an air-free solution of sulfurous acid containing also some stronger
acid is a2llowed to stand at 25° for some hours without bubbling or
other agitation there ies established a fairly constant and reproducible
potential, namely, one which as a rule changes by less than two centi-
volte over several days. This potential has a value cf about -0¢37 volt,
referred to that of the molal hydrogen electrode as zero. If now a
mixture of nitrogen and sulfur dioxide (at a partial pressure equal to
ite vapor-pressure in the solution) is bubbled steadily through the
sclution, so as to mix the ligquid surrounding the electrode with the
rest of the sclution, the potential shows an immediate incrcase in its
negative valve - an incrszase which in the course of half an hour usually
amounts to two to four centivelts. It then reverts to more positive
va,lues,v rapidly during the first two hours and then wore slowly, at-

taining after some five br'six hours a fairly constant value which may
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be one or two cenﬁivolts more negative than thét exhibited before the
soclution was agitatéd. Wnen the bubbling is stopped, thelpotential at-
taing within twenty minutes‘substantially the value which it had pre=-
viéus to the disturbance. If after standing several hours the bubbling
is resumed, the same serles of phenomena is obeerved. Thus zfter a
few hours of bubbling the same fairly constant value is obtained as
before, usually differing from it by only two or three millivolts; and
on gquiet standing nearly the same final value results as before. The
two duplicate electrodss in the cell then usually check within cne or
two millivelts, though occasisnally they differ by as nuch as five or
six miliivolts. The constancy and reproducibility of the electrodes
under quiet conditions are shown in detail by the data in Tables III
and IV bvelow.

The behavior above described is illustrated by Figure III
in which graphs for selected typical half-cells are drawn by plotting
és ordinates she potential of the whole cell (with a hydrogen electrode
in ite other half-cell) and &s abscissas the elapsed time in hours.
Broken lines are used to indicate periocds during which gas was bubbling

through the cell; sclid lines, periods when there was no agitation.
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It will be seaﬁ from Figurd III and the above statements that
four different effects are to be accounted for:

(1) Production under quiet conditicns of a fairly reproducible
potential of about =0.37 volt. |

(2) Producticn by shert agltation of the solution of a much more
negative potentisl varying much with the conditions (thus about -C.L10
and -0.393 in the two cells ccnsidered).

(3) Production by long agitation of a potential steadily decrsasing
in negative value and slowly approaching a value not much larger than
that in the guiet state (thus in the two cases after 9 to 13 hours'
bubbling the velues -0.376and -C.373).

(4) Resstablishment of the original gulet-state value when the
agitation is stopped; and reproduction of a mwuch higher negstive valus
when the stirring is resumed.

We are not able to present evidence for any specific explans-
tion of these agitation phenomena, which would ssem to be due to a com-
bination of catalytic and adsorption effects =zt the electrods, which
give rise at its surface to concentratiocn changes that sre distributed

by the stirring of the solution.
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V. Effect of Preliminary Treatments of the Sulfite Flectrode

' The following experiments were made in order to establish more
: fuily the conclusion that the potential arises from sulfurous acid and
& decompésition—product, and not from some accidental initial condition
of the electrode. One series 6f experiments was made in which the elee-
trode was treated in varicus ways before it waes vplaced in the solution;
and another was made in whidh a small current was passed through the
half-cell in one Adirecticn or the other, whereby the electrode would
bs charged with hydrogen or oxygen geas.

The first series was made with a hslf-cell with platinum elec-
tfodas in a mixture of 0.0%7 -0.046 N sulfurous acid and 0.0L7 ¥ di-
thionic acid, which will later be shown to have no specific effect on
the pbtential; the other half-cell containing sulfuric scid (at 0.078 -
0.681 N) of aﬁout the same hydrogen-ion activity. The electromotive
force of these calls_aftér successive intervals of quiet standing is
showm in Tabls I. .In Exp@riéent 1 platinized electrodes were used,
but in the other experiments they were deplatinized; In experiments 1
and 2 the electrodes were charged with hydrogen by electrolysis in a
sulfuric acid solution, and then iﬁmadiately put inte the cell. In
experiments 3 and Y4, they were allowed to stand over night in concen-
trated sulfurous scid solution and in dithionic acid solution, respec-

| tively.
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TABLE I

Effect on the Potentiasl of Various Initial Trsatuents of‘the Electrode

Txpt., ‘Elsctrode Flectronotive Force in Millivolts after
No. Platinized Initially trested = 10-2C iuin. 1 day  Several days

1 Yes with hydrogen - yis Uy7

2 No with hydrogen - 513 u77

3 No with Ho803 475 465 -

4 No with H850¢ 459 e -

In a second serise of experiments & current was passed thrcugh
the cell, making the sulfite electrode in some cases the arode and in
cthers the czathode. Somevhat similer experiments had already been made
by Certer and James (Ref. 1, p. 1). Our experiments were all mede with
2 half-cell ccntgining platinized electrcdes in a wixture cf sulfurous
acid at 0.068 U (corresponding to a sulfur-dicxide pressure of ".0lU atw.)
and sulfuric acid «t C.068 N; the cther half-cell with the hydrogen elec-
trode containing sulfuric acid a2t C.C8 N, which has asbout the swre hydro-
gen -ion activity as the mixture of the two scids. The results are shown
in Tuble II.

It will be seen that, although the pelarizaticn preduced
great differsnces in the initial values ¢f the electromotive force,
all the final values are of about the saue magnitude (U30-U460 millivolts).

These two series of experiments clearly show that a platinum
electrcde in sulfurous ascid solutions establishes a fairly reproducible
potential which is independent of variations in the initisl conditicn of

the ele=cirode.
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VI, Sulfite Half-Cells with Dithionic Acid.

It had been shown by previoué investigators tﬁaﬁ the potential
- observed with solutions chSulfurcus and sulfuric scids is not much af-
fected by the concentration of sulfate ion, showing that this ion is not
electromotively active. It was thought pessible, however, that the in-
termediate oxidation product, dithionic acid (HpSp0g) might establish
with sulfurous acid a definite potentizl. Célls were, therefore, set

up in which the electramotiﬁe force cbserved when szvlfurous azcld was
presént with dithionic acid coculd be coupared with that produced when
the latter acid was replaced by sulfuric acid.

The results are shown in Table ITI. All potentials are ex-
pfessed in millivolts.

Since it tock several hcurs or rore for the duplicate elec-
trodes in the sulfite hslf-cell to come to such equilibrium as to check
ezch cther well, values were usually not recorded vntil the following
day after starting & run; after which the dﬁplicate electrodes almost
always checked to within one or two millivolts.

In calculating the potential of the sulfite half-cell no al-
lowance wss made for liguid-pctential; for the acid used in the hydrogen
helf-cell was of a strength calculated tc have abeout the same hydrogen-
ion sctivity as thot of the mixed solution in the cther half. Hydrogen-
jon activitiéa were calculated with the aid ¢f data pubvlished by Sherrill
4 and‘Noyes.lg ’In estimating the ionic strength the dithicnlc acid was
considered to be completely dissociated. Conductivity data show it to
be a very s‘orong{é‘cici.l3 Bquilibrivm pressures of sulfur dicxide were
calculated by Henry'é law, correction being made for the disscciation of

the sulfurous acid.
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It will be seen that the potential is not much different
whe ther the scid present with the sulfﬁraus acid is sulfuric or di-
thionle acid, shewing that the electrode process which determines the
poténti&l'doeS net directly involve either of these acids.

Tc confirm completely the conclusion that the potential is
not dependent wcon these more oxidized sulfur compounds, a series of
cells was set up in which sulfur dioxide was the only sulfur compound
added snd the desired acidity was produced by hydrochleoric acid. In
this work sulfur dioxide gas diluted with nitrogen was bubbled through
the cell, to establish o definite activity of sulfurcus acid and to pre-
vide efficient stirring; the electremotive force being rzad, however,
only after a long pericd of guiet standing. In order that the conparie
son might be complete, a simllar series was made in which the sulfuric
acid WHS sgain used. The results, which are pres-nted later {in Tzble IV)
show that, provided the hydrogen-ion cencentration is nearly the same,
hydrcebloric acid and sulfuric acid produce (in usscciation with sul-

furous acid) substantislly the same electromctive force.
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VII. BEffect of the Concentration of Sulfurous Acld snd of

Hydrogen=-Ion and of Temperature on the Potential of Sulfite Helf-Cells

The.serigs of comparastive experiments with hydrochloric and
sulfuric acids (in Section VI), in which a definite concentrastion of
sulfurous acid was attazined by bubbling sulfur dioxide diluted with
nitrogen through the cell and deasuring the electrouwntive force after
periods of quiet standing, alsc served to determine to what extent the
potentisl depends upon the activity of sulfurous acid and upon that of
hydrogen ion. A pair of comparative experiments at 25° and 50° was also
made, to determine the effect of teamperature.

The results are pressnted in Table IV, The electromotive
forces are those of cells of the type

Pt + Hp(1 atm,), HCL or HpSOu(with H at approx. Gp),

505 (2t p)
HC1 or HoS04

The electromntive forces and separate potentials are all sxpressed in

(with HY at S, Pt

millivolts,

The recardéd values of the elsctromotive force of the cell
are the daily averages of readings taken at intsrvals of one, two, or
three hours throughout the day during - when the sulfur dicxide was not
bubbling through. An asterisk indicates that after taking the readings
the gas mixture wzs bubbled fcr several hours through the cell, which

-was then allowed to stand quietly over night.*

*For foot-note see next pége.
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The hydrogén—ion getivity of the hydrogen half-cell and the
éorrespcnding potential were celeulated from the data given by Lewis

and Rendm 1™

in the cases where hydrochloric zcid was used, and from
the data of NWoyes and Stew'art15 where sulfuric acid was employed. The
votential of the sulfite half-cell was obtained by subtracting the cal-
culsted value of that of the hydrogen half-cell from the "bvest value"‘
of the electrowotive force of the whole ©ell; no allowance being made

for the liquid-potential, which muat have been small, since the hydro-

gen-lon concentrations had heen made approximately squal.

*In cases where an experiment ccnsisted werely in increasing the pres-
sure of sulfur dioxide, the initial value recorded is that cbtained on
the first or second day after maeking such an incrsase, when it wuzs be-
lieved that the equilibrium concentration had been esteblished. In ex -
periments which were the first of a series, where the air had to be dis-
placed from the cell end the sulfurcus ascid ccncentration built up from
an initizl valve of zero, the first recorded figures are in most cases
those obtained after several days of gas bubbling, during which time the
negative potential wes decressing from that corresponding rcughly to an
oxygen alectrode; for although the electrodes were initially charged
with hydrogen, the initial conditions in the cell were such as to es-
tablish a highly negative potential. Bubbling was not continued over
night, as it was not desirable to allow the gas to flow so long without
observation. Prior to experiments 1 and Y4 the zir in the cell was dis-
vlaced with nitrogen before any sulfur dioxide was admitted. In the
other independent experiments the gaseous mixture was started through
at once.
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Before congiderihg the effects of cencentraﬁion, it may Dve

" pointed out that the results confirw the previouvs stateﬁent that about
-the same electromctive force is rroduced with hydrochleoric asvwith gul-
furic acid, since the values of the potentiuzl obtained with the latter
fit in with those obtained with hydrochloric acid both at higher and
lower hydrogen-ion sctivities, There can therefore be no doubt that
sulfuric acid is not electromotively active in establishing the poten~
tial,

Coming now to concentration-effects, it is seen that a change
in the partial pressure of the sulfur dicxide has little, if any, effect
upen the value of the potential. It is also evident that decrsase in
the hydrogen-ion activity produces =z more positive value, and it is
readily estimated that through the range studied, C.955 to 0.170 molal,
the magnitude of the potential change is about two-thirds that vhich
would attend the participaticn of cne KT per faraday in the electrode
reacticn.

The effect of increase in temperature is shown by experiments
4 and 8 made at 25° and 50°. Thus taking the first four readings of
experiment & as most representative, the potentisl is only about 12
millivelts lower &t 50° then at 25° It is evident that the same elec-
trode process is invelved at both temnperatures, and that all the reac-
tants concerned are not greatly changed in relative activity.

Fiﬁﬁlly, it is important to note the abscluie value of the
poténtial of the sulfite halfe-cell., It will be seen that its mean
value at 25° at ’a" hydrogen-icn activity of 0.80-0,96 N is -0.367 volt,

or =0.37 volt within the error of the measurements.
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VIII. Half-Cells with Sulfurous Acid and Sulfur

The experiménts deséribed in Section VI clearly showed that
 nei§hervtha usual éxidation ﬁraduct of sulfur'dioiide, sulfuric acid,
nor the only coupound of intermediate valence, dithionic acid, is
electromotively active with réspect to the sulfurous acid. Yet it
hés been seen that the potentizl set up in a solution of sulfurous
acid. is a characteristic and not an accidental one. Attention must
therefore be directed toward its reduction-products.

A natural reduction-procduct to suspect is sulfur, & possitil-
ity vhich was suggested in Ssction II. Its low solubility would re-
guire the formation of only a small amount to provide a constant ac-
tivity. 4And it might establish the elegtrode—potential corregponding

- to the equation.

S + 2H,0 = 80, + uEt + 4E (%)
This requires the participation of only one mol of sulfur dioxide per
four faradays of electricity, vwhich means only 2 small change in elec-
tromotivé force with change in the pressure of the sulfur dioxide. In-
crease in hydrcgen~-ion activity should produce a more negative poten-
tial, the magnitude of the change corresponding to the participation of
one mol of hyarogenrion per faraday. 'Althcugh these requirements are
not gonformed to exactly by the experimentai sulfite potential, yet
‘the results of Table IV show a rough sgreement with thewm. But as stated
in Bsetion II the absoluﬁe valué of the molal electrode potential is

hardly récmﬁcilable with this electrode process; for the observed value
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is Gnly:-370 millivelts, while that calculated ffom free-cnergy data is
471 millivolts. Thus there is a differsnce of 100 millivolts, which
is about ten times as‘great as the variation in eonstancy and repro-
&ucibility gshown by the data of Table IV for conditions of strong aci-
dity =nd moderate pressures of suvlfur dioxide. Furthermore, the de-
viation is in the direction which would indicate supersaturation with
respect to sulfur to an unbelievably large extent; thus the activity
of the sulfur, even assuming‘that it exists only at the imnsdizate sur-
face of the electrode, would have to be more than 106 times its scti-
vity at saturation.

Nevertheless, it seemed worth while to try to test nore
accurately than wes done by Carter and James the possibility that sul-
fur is the active substence by depositing it in finely divided form on
the eléctrcda. If there were supersaturation with respect to it this
should then be guickly eliminated; and the presence of sclid sulfur
should give a wore constant end repro@ucible votential of the calculated
magnitudé if this substance is really electromotively active.

Such exparimenia were first carried cﬁt at 50° with cell &
~of Table IV after taking the readings there reccorded. At 50° a cell of
this composition should give an electromotive force of arproximately
430 millivolts if sulfur and swlfur dioxide sre the electromotively ac-
tiﬁe substances. The two electrcdes in the sulfite cell were remcved,
‘and éne 6f them was given = shaggy coating of free sulfur by electrelysis
in a solution of sodium pelysulfide. They were then soaked in hot water
for a couple of hours? rinsed thoroughly, =snd returned to the cell. The

‘gas mixture was bubbled through the half-cell for several hours on the
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fiz"‘st and second bcia;gys; after which the contents were no longer agitated.
After standing over ﬁight thé‘ electromotﬁe force returned: approximately
to that (358 wv.) shown before the sulfur treatment, the twe electrodes
cha‘cking wiﬁ”nin two willivolts; but during the next five days it gradu-
ally became more nsgative, after which it showed no constant trend,
though subjeét to daily fluctuations of R-6 mv., but showed cn the
aversge a value of 412 mv. at the sulfur-treated slectrode, and U425 mv.
at the other electrode.

The electrcdes were again removed, cleaned, and replatinized.
One of them was coated with a thick syrupy solution of sodium polysul-
fide, =nd sulfur was precipitated from it by fuming with concentrated
hydrcchloric acid over night. The electrodes were then subjected to
very ‘thorcugh‘ washing and leaching with warm water and were retuvrned
to the esll; az;’d the gas was bubbled through to replace any air. After
standing quietly over night Vthe electromotive force of the cell was
356 mv. at the sulfur-treated electrode, and 410 mv. at the other. The
values rése over a yeriod of six days and then stayed constant within
7 mv, for four days more at 44U mv. end LUO m., respectively. These
vzlues are seen tc be approximstely equal to the calculated value
(430 mv.), and indicate that at 50° the presence of sulfur on or near
the eledtrode, tends to establish the potential required by electrede
reé,ctic»n (5) involving sulfur snd sulfur dioxide.

In view of these results it seemed desirable %o investigate
the effect of the addition of sulfur at 25° slso. The data so cbtained

are shoma in Table V. One électrode was untre ted, bdut the other was
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coated with sulfur by the second method above described; and after
the'reading first récorde4 éoma powdered rhombic sulfur was added to
the sulfite half-cell.
It will be seen that the values obtained at 25° with the

uncoated elecirode are apparently not changed by adding solid sulfur
to the solution; and even thebvalues obtained at the sulfur-treated el-
ectrode differ from those at the untrsated electrode by only about a
centivolt in many cases, and show no tendency to deviate more than
this.

| These facts indicate that at 25° sulfur has little electro-
motiée activity; and that, even if it were fo?med on the electrode
through decomposition of the sulfurous acid, it would not determine the
potential of the half-cell, at any rate so long as a more active re-
ducticn-produc%, such as hydrosulfﬁrous acid, were present. The fact
that at 50° in the presence of sulfur the theoretical sulfur potential
is approximated may be due to its greater electromotive activity at

this higher temperature.
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IX. Sulfite Half-Cells with Thiosulfate and Hydrosulfite Added

The effects upon the potential of adding to the sulfite half-
cell sodium thiosulfate Néeszcg and hydrosulfite NapS,0y were also in-
veétigated;

| To the sulfite half-cell used in Experiment 3 of Table V.,
subsequent to taking the last feading of 373 mv., there was added a
strong solution of sodium thiosulfate in such amount that, had it not
decomposed, it would have made the solution 0.05 molal in this salt.
In order to stir up the solution and remove oxygen which might have
entered during the addition of the thiosulfate, the gas mixture was
bubbied for several hours. After standing quietly over night the non-
bubbling value was 334 mv. at the electrode not coated with sulfur.
Gas was then bubbled through the day; and the following morning the
value was 34l mv. at the non-coated electrode and about 320 mv. at the
sulfur-coated electrode.*

Sod$um hydrosulfite was added to a cell containing O.591 molal
HoS04, ﬁhrough which a gas mixture with 1.5% of SO, was passed; a cell
like that used in experiment 1 of Table IV, which had been slow in
reaching equilibrium. The gas mixture was bubbled through the cell
for five hours on one day and an hour and a half on the succeeding day,

after vhich the electromotive force was 446 mv. and waes decreasing at

- * In the previous experiments, the effect of bubbling wes to increase
the electromotive force; but when thiosulfate was added bubbling always
decreased it by about 1 centivolt; the value holding almost constant
throughout the period of bubbling; but upon discontinuing the bubbling,
the electromotive force returned quickly to its former value.
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a rate of sbout Y4 mv. per hour. Then 5 mg. of NapS5504.2H,0 powder were
addéd. The alectromotivevarce dropped quickly to 363 mf., but rose in
the course of two hours to 386 mv., and then slowly declined. After
sfanding over night without bubbling the value was 372 mv. During the
following period the gas was bubbled during the day but not during the
night; on successive mornings 'the electromotive force was 367, 368, and
368 mv. There then were added 45 mg. more of the sodium hydrosulfite,
and the gas was bubbled. The electromotive force dropped from 372 to

272 mv. but the value rose to 327 mv. in two hours, after which time the
ges was turned off. On succeeding days the value was 342, 3Ul, and 34L wv.
Then, with the gas bubbling, & further cddition of 44 mg. of the salt was
made. The value dropred from 329 to 245 mv. then rose to 323 mv. in
three hours, at which time the gas was turned off. The next worning the
valué was 33%6 mv., The two electrodes in the sulifite half-cell checked
well until the 4% mg. of salt were n2dded, after which a difference of
about 10 uv. developed. The values just given are the lower omnes.*

It will be seen that the addition of thicsulfate and of hydro-
sulfite give rise after standing to neasrly the same electromotive force
of sbout 340 mv., which corresponds to a potential of -327 mv. for the
sulfite half-cell., This potential is about 30 mv. more reducing than

that éh@wn ﬁhen there is no additiqn. The fact that the two salits have

*The effect of the bubbling after the first addition of 5 mg. was to

increase the electromotive force a3 in the experiments in which no salt
wes added, but not so greatly (only about 10 mv.); while after the ad-
dition of the Y5 mg. the effect was to decrease the electromotive forse.
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nearly the same effect ihdieafcaa that there is a fairly rapid conversion
of them into one another, presumebly in accordance with equation (3)

of Section II. The more reducing potential indicates bthat iﬁ the steady
state a larger concentration of hydrosulfite persists when it has been

once produced by the addition of either substance.

X, Half-Cells with Sulfurcus Acid in the Presence of Oxygen

Up to this point there has not been mentioned an extensive piece
of work carried out by Arthur Edgar, and reported by Lewis, Réndall and

Bichowsk‘y% 6

in which sulfur dioxide diluted with air was bubbled through
su.lfuric acid solution in the half~cell. An iridized platinum electrode
was employed and the electromotive force was measured against a mercury-
mercurous-sulfate electrode. Reproducibility to within about a milli-
volt was obtained., The anticipated cell reaction was

S0, (g) + 20,0 + HoSOu(s) = 2H*,S04 + 2Hg.

Table VI shows the results obtained with the more dilute solu-
tions 6f sulfuric acid. The electromotive forces directly observed by
Edgar were calculated over to the molal hydrogen electrode with the ald
of the values of Bandall and Cushmenll for the cell

Ho(1 atm.), HpSO4, HgsSO4(s) + Hg;
80 thé’c thay represent the slectromotive forces of the cell
| Ho(l atm.), HpSOu(e), HoSO4(e) + S02(g).
By subtracting from these the calculated values (shown in the table) for
the potential of the hydrogen half-cell, the potentials of the sulfite

half-cell were obtained.
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It will be seen from the last coiumn of the table that the
potential varies with the pressure of sulfur dioxide b’efween the limits
of 0.007 and 0.109 atmospherses as required by the above-given reaction.
A comparison of the electromotive forces of the cells in experiments 1
and 7 or in experiments 2 and & shows that this electromotive force
does not vary with the concentration of the sulfuric acid. This would
signify that the potential of the sulfite half-cell is independent of
the sulfate-ion concentration provided it be assumed that the potentials
of the two half-cells vary in the same degree with the hydrogen-ion con-
centration.

Our results presented previcusly are in accord with this last
conclusion but not with the effects observed by Edgar of varying the
pressure of the sulfur dioxide. To determine whether the presence of
oxygen accounted for Edgar's results, a series of experimenis was made
in which ga.srmixtures of air with sulfur dicxide were bubbled through a

sulfite half-cell. The results are shown in Table VII.*

* The method of reporting electromotive force values is the same as that
adopted in Table IV. Immediately following experiment 1 the electrodes
were removed and resaturated with hydrogen before being replaced. This
appeared to produce a pesmanent decrease in the electromotive force of
the cell as was shown by the character of the bubbling curve, and the
non-bubbling value obtained the following morning (455 mv.). The sul-
fur dioxide pressure was then changed to 7.3 percent for experiment 2.
Experiments 3, 4, and 5 form a new series in which fresh solution was
taken.
' The air used in these experiments was drawn from the laboratory com-
pressed air line and was passed through a solution of sodium hydroxide
and then through concentrated sulfuric acid. Oxygen was drawn from a
gas cylinder and passed through the same solutions. After taking down
the cell its solution was analyzed by first titrating with thiosulfate
for sulfite content and then with sodium hydroxide for total acidity.
Analyses were made in triplicate and checked reasonsbly well. The spe-
cific gravity of the solution was determined and the increase in the
~ molality of the sulfuric acid was calculated to be about 0.00L mols.

- This cell was in operation for twenty days and the fact that the in-

crease in sulfate content was sc small is no doubt attributable to the
~ high acidity. '
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Steady and reproducible potential values were not obtained,
there was no such regularity in the results as in those obtained by
Edgar, and :increasa in ’che‘partial pressure of the oxygen influenced
the values. For a proportionate change in sulfur dioxide pressure
the change in electromotive force was much greater in these experiments
than in those of Edgar. It appears that Edgar's results, vhile un-
doubtedly due in part to the presence of oxygen, are highly dependent
upon the technique employed. The two series of investigations have
this in comuon, that the presence of oxygen makes the electrode potential
more negative. This indicates that if the potential is set up between
sulfﬁ.r dioxide and a reduction product the oxygen diminishes the concen-

tration of the latter, which is quite reasonable to expect.

XI. Summary of Experimental Results

The preceding section concludes the account of the experimensal
work done in this Laboratory. Before proceeding to the further discus-
sion of the electx;ade process it has seemed desirable to summarize the
results of these experiments as follows:

1. 1In the absence of oxygen, in a solution having a hydrogen
ion activity of one molal, and under a partial pressure of sulfur dioxide
of about ten percent of an atmosphere, a platinized platinum electrode
attains a potential of -370+5 millivelts. Stirring the solution influences
the potential in the menner exhibited in Figure III, showing that there

are concentration effec’cs at the electrode.
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2. Preliminary treatment of the platinum electrode with
hydrogen, concentraied gulfurcus acid, dithionic =cid, or with the
anodic or cathodic products of electrolysis of the solution does
noﬁ permaﬁently éffect the potential, showing that its value is not
dependent upon initial surface conditions.

3. The potential is not much different whether the acid
present wiih the sulfuroue acid is sulfuric, dithionic, or hydrochleric,
showing that the slectrode process which determines the potential does
not directly involve any of these acids,

Y, Change in the partial pressure of sulfur dicxide and the
corresponding change in concentration of the sulfurous acid has little
if any effect on the electiromotive force.

5. The potential is dependent upon the hydrogen-ion activity,
becoming more reducing as the acidity is decreased. Over the moderate
range studied, 0.955 to 0.170 molal, the magnitude of the potential
change is about two thirds that which would attend the participation of
one H%‘per faraday in the electrode reaction. The potential is steadier
at the higher acidities,

6. Between 25° and 50°C the temperature coefficient of the
electrode reaction is a little less than +0.5 mv. per degree, which is
a goo& indication that over this temperature range the character of the
électrode process does not change.

T+ At 25°C the presence of sulfur is without effect upcn
the potential whereas a reversible sulfur - sulfur dioxide slectrode

should register a value about one tenth volt less reducing. At 50°C
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the addition of sulfur does slowly produce a less reducing potential
in the neighborhood of that which would be established at a reversible

sulfur - sﬁlfur dioxida electrode. The manner of its establishment,

however, argues against the potential which is established before sul-

fur is added being determined by the tendency of the sulfur dioxide to
reduce dirsctly to sulfur.

8. Addition of scdium thiosulfate makes the potential a

few centivolts more reducing.

9. Addition of sodium hydrosulfite, NapSp04, produces a

more reducing potential., The limit of the change which can be effec-
ted by the addition of successive moderate amounts to the acid solu~
tion is about four centivolts.

10. In the presence of oxygen gas, a less reducing and,

under the conditions of the writer's experiments, a less definite

and less reproducible potential results.
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XII. The Oxidizing and Reducing Properties of Sulfurous Acid

Finally, refereﬁc~e should be made to the chénical ﬁehavior of
sulfurous acid in reiation to its electrode-potential. An extensive
series of researches on the oxidizing and reducing' action of this sub-
stance has recently been carried cut by Wardlew, Carter,and those who have
been assoclated with them.ls

These investigators, as a result of the researches, have shown
in a rlot of reduction-potsntial against‘acidity of solution, the re-
gion in which sulifur dioxide neither oxidizes nor reduces. It apnears
as a narrow stfip, showing that the limits of the oxidizing and reducing
reactions of sulfur dicxide are practically the same.* This strip is come
pared with a curve showing the experimental suifur dioxide electrode alse
in relation to the acidity of the solution. The two are closely similar
in contour and agree well in their position on the plot for soclutions un-
der twe normel in hydrochloric acid. Diverger;ce which develops above
this acidity amounts to but seven cahtivclts in seven normel hydrochloric -
acid.

From a theoretical standpoin’c‘ the interpretation of the chemical
behavior of the substance is now clearly indicated assuming hydrosulfite
to be the electromotively active intermedlate reduction product as has

been done by these investigators.

* The curve vhich marks the limiting values for sulfur dioxide as an
oxidizing agent is well defined. There is but one point shown on the
other limiting curve. However there is evidence of not so quantitative
a nature which indicates that the two curves do lie close together for
at least a part of their length.
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Namely, sulfurous acid spontaneously decomposes into sulfuric
acid and a reduction-product, probsbly hydrosulfurous acid HpSpOy. This
préangt, because of its great tendency in strongly acid solﬁtions to de-
compose, probably intc thiosulfuric acid HpSp03 and sulfurous acid,
never éxtainS'in such acid solutions more than & very smell concentra-
tion - oné probably of the order of 10~18m12a1. ihis guffices, however,
to establish in association with sulfurous acid at moderate concentra-
tions, a fairly definite reductignppotential of the order of -0.37 volt
referred to the hydrogen standard; end accordingly, sulfurous acid pos-
sesses an oxidizing power corresponding to this potential. It therefore
tends to act oxidizing on any combination (like liquid Hg + 1 m. C1°,
sclid HgpCls for which the potential at 25° is =0.27) which has a more
reducing potential than =0.37, but not on any combination (like 1 m. I°,
Solid I, with a potential of -0.54) which has & potential less reducing
than -0.37 volt.

On the cther hand, the known free energy values show that sul-
furbus,acid has with reference to its conversion into sulfuric acid
(vhen both are atvmoderate concentrations) a reduction-potential of =0.16
volt. It should therefore tend to act reducing at 25° on any combination
which (like the two above cited) has a more oxidizing potentiazl then
-0.16, but not on any combination (like solid Cu + 1 m. C17, solid CuCl,
with a potential of -C.12) which has a more reducing potential than -0.16.

It will be seen thaﬁ there is an intermediate region, between
-0.15 énd -0.37 volt, where any combination (like liquid Hg + 1 m. C17,

s0lid HgoClp) having a reduction-potential between these limits would
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~ tend to be both reducéd and oxidized by sulfurous acid. Which one of
these two effects actually take place will then depend on the compara-
ﬁivp rates of the two reactions; since in fact combinations with poten-
‘tials within the stated limits seem usually to be oxidized rather than
reduéed, it seems to be true that sulfurous acid is commonly reduced

more rapidly than it is oxidized.

XIII., Bvidence in Support of Hydrosulfite as the Active Product

Further justification may now be made for the assumption of
hydrosulfuroﬁs acid as the active reduction product. It has been shown
how a small, constant concentration of this acid may be accounted for
by the spontaneous decomposition of the sulfurous acid soluticn. There
~are, however, other intermedlate reduction prodncts which are formed.
Such are thiosulfate* and the thiomic acids. However, it has been seen
(Section II) that several investigators favor hydrosulfite as the ini-
tial reduction product.** It, then, ls reasonable to assume that it
also is the primary reduction product at the electrode, and, therefore;
that one which could establish the potential.

There is, however, more direct evidence that hydrosulfite may

21

‘well be the agent involved. X. Jellinek and E. Jellinek™  have shown

that‘hydrosulfite is the product of the cathode reduction of bisul-

fite solutions and there is no evidence of an intermediate stage, or

2

of other initial products. HNoreover, K. Jellinek2 has shown that

* and ** for footnotes see next page, Ula.
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o K., Jellinek conciuded from his gqu that thiosulfate is not elec-
tromo tively active with sulfite.l '

** Foerster and his aessoc:i.at:esagJ have assumed that hyposulfurous
HpSO0p, is the initial reduction product, but Bassett and Durrant®
" believe the assumption of hydrosulfurous acid to be in agreement with
the former's data. Neither free hyposulfurous acid, HpS80z, nor its
salts are known, the radical having been obtained only as the alde-
hyde derivatives.

acid,
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hydrcéulfite does set up a reversible potential against sulfite in
slightly acid solution (in which there is only slow decomposition of
hydrosulfité) and it ié the only substance for which a reversible po-
tential'against sulfurous acid has ever been established experimental-
ly. Cartef and James found that the cathodic decomposition potentials
of strongly acid sulfite solutions (comparable to those reported in
this paper) were in accord with the assumption that hydrosulfite was
produced.

The data of Karl Jellinek enablethe calculation of the con=-
centration of hydrosulfite which would correspond to the potentials ob-
tained in the writer's experiments. Thus, in a solution under a pres-
sure of O.2U athSphéré of sulfur dioxide, which gives a potential of
-365 mv. as in experiment 5 of Table IV, if the potential is due to &
sulfite - hydrosulfite system the concentration of hydrosulfite is about
6vx 10718 1olal or about 4 x 103 melecules per cubic centimeter. This
concéntration is quite in accord with the very slow decomposition of the
sulfite and the knéwn sbsence of appreciable amounts of decorposition
products. lMorecver, if constant in amount it is probably capable of
establishing a reasonably steady potential as it is known that other
substances at extremeky low concentrations give reliable reversible
potentials. It is also in agreement with the thermodynamic require-

_ ments of Section II. TFor the free energy of HSO3 corresponding to
0.24 atm. of SO, may readily be calculated from the reaction

HY + HSOs™ = S0, + Hy0
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by méans of the Lewis and Randall free energies; that for 50p (1 atm.)
beihg‘-69,660 cal. This value is -126,220 cal.»correépondiﬁg to an
activity for HSO;' of .02 m. At this activity when the other ions are

1 m. reaction (1) tends to take place in the direction written if 9,04~
is less than 3 x 10’9; reaction (2) if S04~ is greater than 3 x 10'20;
and reaction (3) if S,04~ is greater than 2 x 10718, If the activity

of SgO;a is that which exists in equilibrium with sulfur and HSO3 then,
as for reaction (2), reaction (3) tends to take place if S04~ is greater
than 3 x 10720,

It was found that change in sulfur dioxide preséure produced
very 1ittle offect upon the potentisl, but that it became more negative
with increase in hydrogen-ion activity, the magnitude of the change
corresponding to asbout two-thirds of that which would attend the parti-
cipation of one :0d ver faraday. It may not at once be evident how the
sulfite - hydrosulfite electrode reacticon which way be written as

8,04 = 280, + 2 F
would lead to such resulte. However, it is possible to concelve of a
number of different mechanisms by which they could be achieved. One
of these is presented here, not that the writer feels that it is the
correct one or that the experimental evidence is sufficient to say with
any certainty what the true mechanism is, but simply to show that such
evidence is not contradictory to the assumptions made. Consider such
a decemposition as

2 HS,0s5~ = S,04" + HpSO4 + SOz

a bimolecular reaction betwsen ions of pyrosulfurous acid which are be-
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lieved to be present in sulfite so’lution323 (this radical being chosen
to make the reaction bimplecular), which reaction results in the forma-
tion of sulfdte, hydrosulfite, and more sulfur dioxide, and is not in
dleagresment with experimental findings. Then if the rate of this de-
compositiqn is independent of the concentrations of ite products, and
if in turn the sams is true of the decomposition of hyﬁrosulfite (the
Jellineks have shown that at higher concentration in less acid solu-

tion this obtains® ) when a steady state is reached
JS07) _ R o) 2
L% - fH2q ) = ~ NI = L)
for the decomposition of hydrosulfite is bimolecular.21 But

_ - oI o)
(;%K:g ar/) =A (jeff)

= [50,] (#49)
H)*

hence

£ (S0 ) = £ K

The electrode resction as written above
S,04- = 2805 + 2E°

gives as the electromotive force equation

- —RT [sa]”
£ = £ == Vs (:Sl C21j)

which, upon substituting for (Sp04 ) the value just obtained, becomes
- BT/ (%)
£ =L T (A2 0)

which is in reasonable agreeuent with experiment.

The theory of the maintenance of an exceedingly small steady
concentration of hydrosulfite in the cell solution necessarily azssumes
that it has a véry high specific deconposition rate under the given con-

ditions. 'The féct that the addition of successive amounts of hydrosul-
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fite did not permasnently change the potential by more than four centi-
volts whereas the sulfite - hydrosulfite potential, when both reactants
are pfesent'in appreciable amounts, is much more reducing (having a

molal value of +0.009 volt) furnishes strong support to the theory.

XIV. Ceneclusion

In view of the preceding considerations it is the opinion
of the writer that the hypothesis formlated in Section II is substan-
tially correct and that the potential established at an inert electrode
in sulfurous acid solution is due to the tendency of sulfurous acid to
reduce to hydrosulfurous acid (as was previously concludsd by Carter
" and Jemes), that there is & minute concentration of the latter present
in the solution due to the slow spontansous decomposition of the sul-
fuious acid, and that this concentration remains reasonably constant
because the hydrosulfurous acid also decomposes and a stsady state is
established in which its rate of fofmaticﬁ is equal to its raté of de-

composition.
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XV, Summary

There is presented an experimental study of the potential of
platiﬁum eiectrodes in sulfurous acid solutions , under varied conditions,
the r"esbults of which are sumsarized in Section XI.

'These results are discussed from the standpoint of determin-
ing what electrode reaction is operative.

It is concluded, in agreement with Carter and James that the
potential is probably due to the tendency} of sulfurous zcid to reduce

to hydrosulfurous acid, HpS504.
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