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Fig. 6.—O, points on PT curves for mixtures made with
77.9 mole 9% alcohol-water solution; @, points deter-
mined for mixtures made with 28.1 mole 9 alcohol-water
solution; X, points determined for mixture made with 50.0
mole 9, alcohol~water solution.

The isobaric intersections of the region of two liquids with
other planes, radiating from the CO, corner of Fig. 3, may be
similarly plotted from the data obtained using other alcohol-
water proportions (Fig. 6). An assemblage of such planes
determines the surfaces of the region of two liquids. The
data for other planes are necessarily more fragmentary than
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are those for the mixtures involving 61.0 mole % alcohol-
water solutions, because of the angles at which tlie planes
intersect the region of two liquids. However, tlie data are
quite adequate to establish the generalizations given in the
introductory discussion and to indicate the magnitudes of
the effects.

Liquid—vapor critical data for CO,, for CO,—absoliite
alcohol solutions, for liquid CQO; saturated with water, and
for one ternary mixture are listed in Table I, which may be
used to plot that portion of the heterobaric critical envelope
illustrated in Fig. 3. These data were obtained by a tech-
nique, similar to that described, wherein the bomb was
partially filled with an appropriate volume of liquid CO.
or liquid CO, solution. The temperature and pressure of
the separation of a gaseous phase and a liquid phase were
observed upon slow cooling of the mixture from above the
critical point. For each of the solutions, the point so
determined is the ‘‘second critical point,’’? {.e., the tem-
perature and pressure at which the distinction between the
gaseous and the liquid phase vanishes. In this region of
composition, each of these points is extremely close to the
‘“first critical point’’,¥ ¢.e., the temperature (and corre-
sponding pressure) above which liquefication within the
gaseous phase cannot be brought about by isothermal
increase of pressure.

TABLE I
Liguip-Vapror CRITicAL DATA

____ Composition, mole % Critical  presture,
COe CoHsOH H0 temp., °C. 1b./in.2
100 0 0 31.0 1070
98.0 2.0 Q 37.9 1150
96.4 3.6 0 40.7 1200
94.7 5.3 0 45.6 1300
93.3 6.7 0 47.8 1345
99.8 0 0.2 (satd.) 31.7 ..
97.5 2.0 0.6 38.1 1195
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Silver-Silver Chloride Reference Electrode in Acetonitrile Polarography’

By ALEXANDER I. Popov AND Davip H. GESKE?
RECEIVED OCTOBER 24, 1956

A1 external reference electrode has been prepared for polarographic studies in acetonitrile.

A silver—silver chloride

electrode in acetonitrile solution saturated with silver chioride and trimethylethylammonium chloride was found to be re-

producible and non-polarizable.

Potentiometric measurements were made to relate the reference electrode to Pleskov’s

scale. The polarographic behavior of a number of metallic perchlorates in 0.1 M tetra-n-butylammonium perchlorate
wus studied. Approximate calculation of a number of half-wave potentials was done and comparison made with observed

values.

Introduction

The use of acetonitrile as a solvent for polaro-
graphic measurements was first reported by Waw-
zonek and Runner.! These authors employed a
mercury pool reference anode and either 0.1 M
tetra-n-butylammonium iodide or 0.1 M tetra-n-
butylammonium perchlorate as the supporting
electrolyte. In later publications Wawzonek, e!

(1) Abstracted in part from the Ph.D. Thesis of David H. Geske,
State University of Iowa, 1957,

(2) National Science Foundation Predoctoral Fellow.

(3) S. Wawzonek and M. E. Runner, J. Electrockem. Soc., 99, 457
(1952).

New data are presented for reduction of thallous and stannous ions.

al.,* reported polarographic measurements on
some organic compounds in the same solvent. The
study of hydrogen ion reduction in acetonitrile
has been described recently by Vicek.?

After the work reported in this paper was com-
pleted, a dissertation by Coetzee®” reported a com-
prehensive polarographic study of a number of

(4) S. Wawzonek, E. W, Blaha, R, Berkey and M, E. Runner, sbid.,
102, 235 (1955); 108, 456 (1956).

(5) A. A. Vicek, Chem. Listy, 48, 1741 (1954); Coll. Cgech. Chem.
Comm., 20, 636 (1955).

(8) J. F. Coetzee, Diss. Abs. (Minnesota), 16, 1071 (1956).

(7) J. F. Coetzee, Ph.D. thesis, University of Minnesota; I. M.
Kolthoff and J. F. Coetzee, THIS JOURNAL, 79, 870 (1957).
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metal cations in acetonitrile. All of these measure-
ments were done against an aqueous saturated calo-
mel reference electrode.

Experimental Part

Reagents.—Source and purification of acetonitrile were
given previously.®! The final solvent distillation was made
in a nitrogen atmosphere.

Tetra-n-butylammonium iodide® and tetra-m-butylammo-
nium perchlorate® were prepared as described in the litera-
ture. Reagent grade potassium iodide was recrystallized
from water.

Trimethylethylammonium chloride was prepared in the
following way. Aqueous sodium hydroxide is added drop-
wise to aqueous trimethylamine. The reaction mixture
was warmed to distil trimethylamine into an alcoholic solu-
tion of ethyl iodide maintained at —50°. The alcoholic
solution was then allowed to warm to room temperature.
Since the reaction is exothermic it is necessary to moderate
the reaction to avoid loss of reactants. The trimethylethyl-
ammonium iodide is filtered from the reaction mixture,
rinsed with ethyl acetate and recrystallized from ethyvl ace-
tate-ethanol mixture. Trimethylethylammonium chloride
is produced from treatment of the iodide with silver oxide
followed by titration with hydrochloric acid. The solution
was evaporated and solid material recrystallized from an
acetone—water mixture. Trimethylethylammonium chlo-
ride undergoes a transformation from non-cubic to cubic
crystal structure at 100.0° (as observed with a hot-stage
polarizing microscope). Decomposition without fusion
begins at 290°. Analysis for chloride gave 28.57% com-
pared to 28.68%; calculated for (CH;);N(C,H;)Cl.

Silver chloride for use in the reference electrode was pre-
cipitated from acetonitrile solutions of silver perchlorate and
tetra-n-butylammonium chloride and washed on the filter
with acetonitrile.

Silver nitrate was purified from reagent grade material
by recrystallization from water followed by fusion. An-
hydrous potassium, sodium, barium, strontium and silver
perchlorates (G. F. Smith and Co.) were dried in vacuo at
25°. Anhydrous lithium perchlorate was obtained by de-
hydration of lithium perchlorate trihydrate.

Anhydrous lead perchlorate was obtained by preparing
the hydrated material from lead monoxide and 709, per-
chloric acid and then dehydrating in a vacuum oven at
180°.41 No chloride was present after the dehydration.
Analysis for lead by electrodeposition of lead dioxide gave
51.59% compared to 51.029%, for Pb(C1O0y),.

Thallium perchlorate was prepared anhydrous by dis-
solving thallium metal in perchloric acid and drying the
resulting crystals at 120°. Analysis for thallium by gravi-
metric chromate gave 66.59, compared to 67.27%, for Tl-
Cl10,.

Anhydrous cadmium perchlorate was prepared by dis-
solving cadmium oxide in perchloric acid to obtain the hexa-
hydrate, dehydrating to the dihydrate at 25° i» vecuo, and
finally to the anhyvdrous compound at 120° in vacuo.l?
Analysis for perchlorate by precipitation of potassium per-
chlorate in ethanol!? gave 63.6% perchlorate compared to
63.80% for CdA(ClO,),.

Calcium perclilorate was obtained anhydrous by dissolv-
ing calcium hydroxide in perchloric acid and dehydrating
the resulting dihydrate by heating in vacuo at 180°.12
Analysis for calcium by standard Versenate titration gave
16.5% calcium compared to 16.77%, for Ca(ClO4)s.

Nickel, cobaltous, ferric, ferrous, cupric and chromic
perchlorates (hexahydrate) and mercuric perchlorate tri-
hydrate (all obtained from G. F. Smith and Co.) were dried
over phosphorits pentoxide 4n vacuo at 25°. Compositions
were checked by precipitation of potassium perchlorate in
ethanol,!? except in the case of the cupric salt where copper
was determined electrometrically. The ferrous salt was
found to be free of ferric by polarographic analysis. Zinc
and manganese perchlorates (hexahydrate) were prepared

(8) A. 1. Popov and N, E. Skelly, THis JoUurNAL, 76, 5309 (1954),

(9) H. A. Laitinen and S. Wawzonek, $did., 64, 1765 (1942).

(10) W. F, Luder, P. B. Kraus, C. A. Kraus and R, M, Fuoss, #bid,,
58, 255 (1936).

(11) V, A. Pleskov, Zhur, Fiz. Khim., 22, 351 (1948).

(12) A. L, Chaney and C, A. Mann, J. Pkys, Chem., 85, 2289
(1931).
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by action of perchloric acid on the oxide. The zinc salt was
analyzed by the gravimetric perchlorate method. The
manganese salt was analyzed by gravimetric determination
of manganese sulfate obtained by repeated fuming with
sulfuric acid. Aluminum perchlorate hexahydrate (chlo-
ride free), was obtained by action of perchloric acid on
aluminum dust and was analyzed by the gravimetric per-
chlorate method.

The compound stannous perchlorate diacetonitrile was
prepared as described by Schmidt!® but was found to deto-
nate on handling. It was possible to prepare an acetonitrile
solution of stannous perchlorate by electrolyzing an aceto-
nitrile solution of silver perchlorate using a tin anode. Con-
centration was determined from the amount of silver re-
placed by tin.

The perchloric acid solution used for polarographic study
was prepared by dilution of 709, stock followed by titration
against standard base.

Tank nitrogen was purified by passage through concen-
trated sulfuric acid, barium oxide, hot copper turnings,
another barium oxide column, and finally an acetonitrile
presaturator.

Apparatus.—A Sargent Model XXI recording polaro-
graph was used to obtain all data reported here. Calibra-
tion of current sensitivity was done as described by Kolthoff
and Lingane.l* Current measurements were made by
using the average of the pen deflections with the instrument
circuit undamped. Recorder lag was negligible with the
circuit undamped. Potential settings for scanning were
checked with a potentiometer. Polarograms were cor-
rected for ¢R drop through the cell and instrument resist-
ances.

The dropping mercury electrode had a drop time of ¢ =
4.02 sec. and m = 1.75 mg. sec.™! at a pressure of 60.0 cm.
Hg (uncor.) on open circuit in 0.1 M tetra-n-butylammo-
nium perchlorate solution. Diffusion current constants
were evaluated using # and ¢ values obtained at the potential
of the reduction wave.

Resistance measurements were made using a Wheatstone
bridge powered by a 1000 cycle audio oscillator. Resistance
of the cell circuit was taken at maximum mercury drop size.

Electromotive force measurements of circuits of high
resistance were made using a Leeds and Northrup #7673
thermionic amplifier and a type K potentiometer.

Temperature of polarographic cell was maintained at
25.0 == 0.1° by circulation of water from a constant tem-
perature reservoir through a smaller auxiliary bath in which
the cell was placed,

Stock solutions were prepared in 50-ml. quantities.
Weighings of extremely hygroscopic solutes were done in
stoppered vials.

Reference Electrode.—Polarography in non-aqueous
solvents requires a suitable reference electrode. The use
of an external aqueous calomel reference electrode has been
reported with formamide,’® acetamideformamide mix-
tures,!® and acetonitrile.” Such a procedure is convenient
but nevertheless magnifies the question of liquid junction
potentials and the possibility of contamination of sample
system with water.

External polarographic reference electrodes have been
prepared in acetone! angd formic acid.’® A search was made
for a half-cell reaction suitable for use as an external polaro-
graphic reference electrode in acetonitrile.

An acetonitrile analog of the aqueous calomel electrode
was investigated. Mercurous chloride, although insoluble
in acetonitrile, undergoes a disproportionation reaction in
the presence of excess chloride ion present either from lith-
ium chloride or tetra-z-butylammonium chloride.

Hg,Cl; + Cl™ ~—> Hg? -+ HgCl;~

Particles of finely divided mercury appear and mercuric ion
is detected in solution. The enhanced stability of the chlo-
romercurate complex anion is apparently responsible for

(13) H. Schmidt, Z. anorg. allgem. Chem., 271, 305 (1933).

{14) I. M. Kolthoff and J. J. Lingane, “Polarography,” 2nd edi-
tion, Interscience Publishers, Inc.,, New York, N. Y., 1952, p. 320,

(15) H. Letaw, Jr., and A. H. Gropp, J. Phys, Chem., 57, 964
(1953).

(16) J. H. Hook, H, Letaw, Jr., and A. H. Gropp, ibid., 68, 81
(1954).

(17) P. Arthur and H. Lyons, Anal. Chem., 24, 1422 (1952),

(18) T. A. Pinfold and F. Sebba, THIS JOURNAL, 78, 2095 (1956).
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this reaction in acetonitrile as well as in a number of other
organic solvents. These observations agree with those re-
ported by Ulich and Spiegel® and Cruse, Goertz and Peter-
moller.?

The mercury—mercurous sulfate electrode, with sulfate
ion furnished by tetraethylammonium sulfate, was found
to be entirely unsatisfactory.

A silver-silver nitrate electrode was unsatisfactory be-
cause of polarization when current flowed.

Janz and Taniguchi® comment that the tendency of silver
chloride to form complexes in acetonitrile makes the silver—
silver chloride electrode unsuitable as a reference electrode.
A preliminary study in this Laboratory indicated that the
solubility of silver chloride is indeed greatly increased in the
presence of free chloride ion, thus indicating complex forma-
tion. This increased stability of silver polychloride anions
in acetonitrile by comparison with water is in accord with
observations by Kratohvil.?? However it was found possible
to achieve equilibrium conditions such that the potential
of a silver-silver chloride electrode did not change.

A silver electrode was prepared by deposition of silveron a
platinum cylinder with a surface area of 23.4 cm.?. The
silver deposition was done as described by Brown .23

The reference electrode consisted of the silver electrode
placed in acetonitrile saturated with respect to silver chio-
ride and trimethylethylammonium chloride. The solubility
of silver chloride in acetonitrile is limited by the amount of
free chloride ion present, which in turn is governed by the
solubility of trimethylethylammonium chloride. It is this
saturation condition that prevents the electrode potential
from drifting as further complexation occurs. Egquilibrium
conditions for a 250-ml. quantity of reference electrolyte are
achieved in approximately 80 hours at 25°.

Analysis of such solutions equilibrated at 25.0° was
airied out by digesting an aliquot portion in aqueous nitric
acid and filtering. This gave the amount of silver chloride
present. Excess chloride was determined in the filtrate by
thie usual means. The composition of the reference electro-
lyte was found to be 0.015 M silver chloride and 0.118 M
trimethylethvlammonium chiloride.

Performance of the electrode was tested by placing iden-
tical half-cells in the arms of an H cell with a fine sintered
glass frit separating the arms. A linear current-voltage
relationship was found from 0 to 2 volts and 0 to 100 wa.
Polarization was less than 1 mv. on such a run, and less than
2 mv. when a current of 100 pa. was passed through the cell
for 20 minutes. There was no variation of potential on shak-
ing the cell. These results indicated that the electrode was
suitable as a non-polarizable polarographic reference elec-
trode.

Pleskov!! has measured formal electrode potentials in
acetonitrile using a silver-silver nitrate (0.01 /) half-cell
1s a primary zero reference. It seemed desirable to relate
the saturated silver chloride electrode to this primary refer-
ence, thus allowing comparison of half-wave potentials with
electrode potentials.

This measurement was made in an H cell whose arms were
separated by a ground glass plug. Junction between the
two half-cells formed around the plug. The high resistance
of the cell necessitated the use of the amplified potentiometer
circuit previously described.

Six measurements with different electrolyte preparations
over a period of six months gave a value of 0.638 == 0.001
v. for this cell at 25.0°.

—Ag, AgCl (0.015 M), Me;NEt+C1~ 70.118 M) //AgNOs
(0.01 M), Ag -+

The temperature coefficient was 0.6 mv. deg.”l. Half-
wave potentials reported in this paper are all referred to the
silver—silver nitrate scale by the above measurement.
Following completion of this investigation a publication
by Hanselman and Streuli?* reported use of a silver—silver
chloride in saturated lithium chloride as a potentiometric
reference electrode in acetonitrile. Pavlopoulos and

(19) H. Ulich and G. Spiegel, Z. physik. Chem., 177, 103 (1936).

(20) K. Cruse, E. P. Goertz and H. Petermoller, Z. Elekirochem., 65,
405 (1951),

(21) G. J. Janz and H. Taniguchi, Chem. Revs., 53, 397 (1953).

(22) J. Kratohvil and B. Tezak, Rec. irav. chim., T8, 174 (1956).

(23) A, S. Brown, THis JoUrNAL, 56, 646 (1934).

(24) R. B. Hanselman and C. A. Streuli, Anal. Chem., 28, 916
(1956).
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Strehlow?® found the solubility of lithium chloride in aceto-
nitrile to be 0.14 g./100 ml. at 25°, corresponding to a
0.026 M solution. It appears reasonable that a silver chlo-
ride electrode saturated with lithium chloride could be
adapted for use as a polarographic reference electrode.
Such an electrode would undoubtedly have a higher resist-
ance than the cell employing trimethylethylammonium
chloride as electrolyte. On the other hand, lithium chloride
is more readily available. Transference numbers for esti-
mation of liquid junction potentials are not available for
ionic species in the reference electrolyte. The following
limiting ionic conductances were reported by Walden? and
are of interest here: lithium, 59.3; chloride, 88.8; tetra-
methylammonium, 92.9; and tetraethylammonium, 86.1
(trimethylethylammonium limiting conductance assumed
intermediate to tetraethyl- and tetramethylammonium ions).
From these data it seems probable that the saturated solu-
tion of trimethylethylammonium chloride minimizes the
liquid junction potential more effectively than a saturated
solution of lithium chloride.

Cell Construction.—A satisfactory polarographic cell was
obtained by modification of the design of Pecsok and Ju-
vet.?” Reference electrolyte and electrode are separated
from a junction compartment by a sintered glass disk (fine
porosity). The junction compartment is in turn separated
from the test solution by another disk (coarse porosity).

Formation of the liquid-liquid junction in this manner
proved quite successful. There was no contamination of the
test solution by chloride ion from the reference electrolyte.

An external electrical contact into the test solution com-
partment was provided for the studies of the mercury pool
reference electrode. Resistance of the cell using the exter-
nal reference electrode was 1500 ohms.

A gravity-flow closed system was designed in which it was
possible to distil solvent, prepare and dilute solutions and
transfer into the polarographic cell under dry nitrogen.
It was found unnecessary to use this apparatus since the sol-
vent which had been distilled under nitrogen required only
ten minutes of degassing to remove traces of oxygen. The
minor effect of small amounts of water is described later.

Results

Polarographic data were obtained in acetonitrile
using the reference electrode described above.
These data are summarized in Table I, with half-
wave potentials reported versus the silver—silver
nitrate (0.01 }/) electrode. Data presented repre-
sent the average of at least three determinations.
Diffusion current was proportional to concentration
in the range studied, 1 to 0.1 millimolar. All polaro-
graplic waves were examined by plotting log 7/
(1a — 1) vs. the applied e.m.f. corrected for 7R drop
(except for ferrous ion reduction, where log(ia —
1) vs. € was plotted). The slope of such lines gives
na/0.059. Values of n#« are listed in Table I for
those waves which gave straight line plots. The
effect of addition of 0.5%, water on half-wave po-
tential is also listed in Table I.

Previous workers® have obtained half-wave po-
tentials of various cations in 0.1 M tetra-n-butyl-
ammonium iodide employing a mercury pool an-
ode. It is of interest to correlate these data with
those reported in this paper. Measurement of the
half-wave potential of potassium ion (in iodide
supporting electrolyte) wversus both the mer-
cury pool and silver-silver chloride reference elec-
trodes showed a difference of 0.25 v. Combining
this measurement with the potential of the cell,
Ag,AgCl, Me;NEtCl(satd.) // AgNO; (0.01 ), Ag,
the half-wave potentials in 0.1 M iodide are re-
ferred to the silver nitrate electrode by addition of

(23) T. Pavlopoulos and ¥. Strehlow, Z. physik. Chem., 203, 474
(1954).

(26) P. Walden and E. J. Birr, ibid., 144, 269 (1929).

(27) R. 1. Pecsok and R. S. Juvet, Jr., Anal. Chem., 27, 165 (1955).
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TABLE I
POLAROGRAPHIC DATA
— K3, volts Effect
This of
Compound Ref. 76 paperbd Ie na waters
LiClOq 2,24 2.26 2.68 0.90 0.04
KC104 2.24 3.23  0.95 0.00
NaClO« 2.14 2.14 3.00 0.94
Ca(Cl04): 2.11 2.14 4.34 ..
Sr(Cl04s 2.05 (2.08)/ 4.56 L
Ba(Cl04): 1,92 1.92 4.62 1.68
A1(C104)s6H:0 1.71 1.64 5.22 0.64
Mn(C104)3-6H0 1.41 1.40 4.44 1.89
Cr(C104)s+6H:0 1.41 1.39 3.79 1.27
0.29 (0.3) .. ..
Fe(Cl042:6H: O 1.29 1.33 4.25 g 0.13
Fe(Cl104)16H:0 1.29 1.33 4,25 ..
>-0.36 1.91 LB
Co(C104)2+6H20 0.94 0.96 4.55 1.45
Zn(C104)2-6H:0 0.99 0.91 4.59  0.94 0.07
HC104 0.70 0.78 1.65 1.08 0.68
Cu(Cl104¢)2-6H20 0.65 0.62 2.54 0.96 —0.01
>-0.36 2,27 A
TICIO« 0.55 3.19 0.93
Cd(Cl04): 0.56 0.55 4.10 1,89 0.03
Pb(Cl04)s 0.33 5.38 1.25 0.03
Sn(Cl104):2 0.23 4.50 1.63
AgClO, —-0.03 -0.13 3.10 0.94 0.005
Hg(Cl04)2+3H20 >-0.38 4.70 L

a Metallic perchlorates in 0.1 M sodium perchlorate, ex-
cept Li, Na, Ca, Sr, Ba in 0.1 M tetraethylammonium per-
chlorate. ®Metallic perchlorates in 0.1 M tetra-m-butyl-
ammonium perchlorate. ¢[ = 14/cm*/st'/s. Where mul-
tiple waves occur, I values given for separate waves, not
total wave. ¢ Slope value defined in text. ¢Values given
are for E1/, — E{{}? where E‘TI}? is the half-wave potential
for solutions containing 0.5% water (except HCIO4, where
1%, water was added). / Maxima. ¢ No straight line when
log (g — ) plotted vs. e. * Current phenomenon described
in text.

—0.89 volt. Potentiometric measurement of the
cell, Hg, BusNI(0.10 M) // AgNO;(0.01 M), Ag,
also gave 0.8) v. These recalculated values are
shown in Table II.

TasLE II
COMPARISON OF HALF-WAVE POTENTIALS
Present —Ey;s

Ion work? Ref, 3b Ref. 7
Li 2.26 2.31 2.24¢
Na 2.14 2.14 2.14°
K 2.24 2.23 2.23°
Rb 2.25 2.24
Cs (2.23)°
Ca 2.14 2.13 2.11¢

a Metallic perchlorates in 0.1 M tetra-m-butylammonium
perchlorate. ? Metallic halides in 0.1 M tetra-n-butyl-
ammonium iodide. ¢Maxima. 9 Metallic perchlorate in
0.1 M tetraethylammonium perchlorate.

Half-wave potentials for a number of ions in
0.1 M tetra-u-butylammonium perchlorate ineas-
ured with a mercury pool anode have been re-
ported.®* Comparison of these data with data in
this publication did not show an exactly constant
difference between the two sets of measurements.
The possibility that the mercury pool anode was
polarizable was verified by passing a current of 50
pa. for 2 minutes through the cell: Ag, AgCl refer-
ence / /0.1 M BuyNCIO4, Hg. Polarization of 60
mv. occurred.

The potential of the mercury pool anode in
iodide media is controlled by the activity of mer-
curic ion present largely as tetraiodomercurate,
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Hgl,=. In the case of perchlorate media, the ab-
sence of mercury complexes may account for the
polarizability of the pool electrode.

Polarographic measurements were made by
Coetzee’ using 0.1 M solutions of tetraethylam-
monium perchlorate and sodium perchlorate as
supporting electrolyte. These measurements were
related to Pleskov’s electromotive force series!!
by measurement of the cell, saturated calomel-
(aq.) / / AgN0;(0.01 M)em,ex Ag; E = 0,29 volt.

Although both this measurement and the polaro-
graphic measurements involve an unknown liquid
junction potential, if the junction potentials are
assumed equal, the half-wave potentials obtained
by Coetzee’ are satisfactorily placed on the silver—
silver nitrate (acetonitrile) scale. Thus compari-
son may be made between Coetzee’s work (listed
in Tables I and II) and the data in this paper.

Generally good agreement is found between the
two sets of data, even though the supporting elec-
trolytes were not the same.

Coetzee” reports a well-defined wave for the
chromic-chromous reduction, while in this work
the wave is ill-defined (E:, approximate only) and
the diffusion current plateau was not accurately
measurable.

Difficulty was encountered in the study of
nickel perchlorate. Two reducible species ap-
peared to be present, since one wave occurred at
—0.69 v. and another at —1.22 v. The total dif-
fusion current was proportional to concentration
but the height of the individual waves was not
reproducible.

A systematic study has been made by Vicek® of
the effect of small amounts of water on the reduc-
tion of hydrogen ion. By using potassium as a
pilot ion, hydrogen ion reductions were carried out
in acetonitrile-water solutions of up to 6.29], water.
The solution was saturated with tetramethylam-
monium iodide to provide supporting electrolyte.
The reduction wave shifted to increasingly nega-
tive potentials with increasing water concentra-
tion. A plot of difference between half-wave po-
tentials of potassium and hydrogen ions (AE.,)
vs. water concentration was extrapolated to zero
water concentration. This value 1.55 v., repre-
sented the AEi, in anhydrous acetonitrile. In
practice, in the solution of lowest water content,
0.05%, Vlcek found that the hydrogen ion reduec-
tion wave did not show a knee, but the current
rose sharply from zero applied voltage (vs. mer-
cury pool). At slightly higher water concentra-
tions, 0.29, the wave was normally formed.

The present work in 0.1 M perchlorate media
shows a AE, (as defined above) of 1.46 v. with
the wave normally formed. Similarly, addition of
19, water shifted the half-wave potential 0.68 v.
to more negative potentials. It has been sug-
gested?® that reduction waves observed for copper,
cadmium and zinc perchlorates might actually be
due to hydrogen ion reduction. Table I includes
data for the shift of these reduction waves upon
addition of 0.59%, water. It is seen that these
shifts are extreinely small compared to the shift
observed with addition of water to perchloric acid
solution. This seems to offer conclusive proof
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that tlie reduction waves observed for the metallic
cations are due to that cation and not a hydrogen
ion reduction.

Stannous perchlorate shows only a single reduc-
tion wave and no oxidation to stannic ion in the
potential range studied (limited by anodic dis-
solution of mercury).

A curious current phenomenon was encoun-
tered in the case of mercuric, cupric (first step)
and ferric (first step) ion reductions. Polaro-
grams were scanned both from the most positive
potential possible (limited by anodic dissolution of
mercury) toward more negative potentials and
vice versa. In the case of the ions mentioned, at
the higher concentrations (approximately 1 X
10—% M) the current rose sharply at the most
positive potentials and then broke abruptly
several hundred millivolts more negative to a
limiting current plateau. The behavior of copper
as shown in Fig. 1 is typical. This behavior is
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Fig. 1.—Polarograms, current vs. applied voltage: I,
residual current, 0.1 37 tetra-m-butylammonium perchlo-
rate; II, cupric perchlorate, 0.55 X 10738 Af; III, cupric per-
chlorate, 1.10 X 1073 M.

somewliat similar to that described by Bachman
and Astle,® who suggest that the discontinuity is
due to adsorption processes. A more likely ex-
planation is that there is interaction of the oxidants
with the mercury drop causing a ‘‘mercury”
maximz:. Adsorption reactions would not account
for the current in excess of the diffusion current.
No studies were made in the present work to dif-
ferentiate between diffusion and kinetic control of
the limiting currents. At concentrations of less
than approximately 5 X 10~* M/ the discontinuous
current rise was absent and the wave appeared to
be normal. However, subtraction of residual cur-
rent obtained from polarogram of the supporting
electrolyte showed that tlie apparent wave was
caused by the beginning of the mercury dissolu-
tion. From this it is concluded that actual half-
wave potentials of cupric and ferric ions occur at
more positive potentials than +0.36 v.

(28) G. B. Bachman and M., J. Astle, THIs JOURNAL, 64, 1303 (1942}
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Discussion

The half-wave potentials observed in acetoni-
trile are generally in the same order as in aqueous
solution (non-complexing supporting electrolyte).
Two important exceptions are copper and silver,
While the reduction of silver in water occurs at
such positive potentials that mercury oxidation
occurs first, the reduction is observed easily in
acetonitrile. An indication of the solvated nature
of silver ion in acetonitrile is seen in the fact that
dipyridinesilver(I) perchlorate shows the saime
half-wave potential as silver perchlorate (the co-
ordinated pyridines are undoubtedly largely dis-
placed by acetonitrile).

Stabilization of the cuprous state i acetonitrile,
as indicated by the two-step reduction of cupric
ion, is shown by other observations. Morgan?®
isolated cuprous nitrate tetra-acetonitrile, Cu-
NO3;-4CH;CN, from reaction between an acetoni-
trile solution of silver nitrate and metallic copper.

It is of interest to compare observed hall-wave
potentials with calculated values. Where meas-
urements are made with solid metal electrodes,
the half-wave potential is given by the expression!+

059
Eify= By + By + 2 log Cuafose

The normal electrode potential is given by E%,
Es is tle potential of the cell, M(s)/M»+/M-
(Hg) sata, and Csata and fsaraare the concentration and
activity coefficient, respectively, of the metal in the
saturated amalgam. Since these last three terms
are independent of solvent, calculation of half-
wave potentials only requires evaluation of £%y.

Values of E%; were obtained by assuming the
Nernst equation to hold, and then calculating
E%q from e.m.f. data for the lowest coucentration
of solute as given in the publication by Pleskov.1!
This estimate of E%;¢ shiould be reasonably accurate
since the activity coefficient approaclies unity at
zero concentration.

Using Pleskov’s!! data for 5 X 10-¢ N Cdl,
with E = —0.7327 v. (vs. AgNO; reference), E°
is —0.626 v. For cadmium Es = 0.051 v.,%
Ceata = 6.40 moles/1.,%! fo1qa = 1.15%% giving a cal-
culated half-wave potential of —0.550 v. which
compares favorably to the observed —0.533 v.
Similar calculations can be made for zinc and lead
but are not presented here since the polarographic
waves are irreversible.

Calculation of half-wave potentials of some metal
ions in acetonitrile from Pleskov’s amalgam elec-
trodes has been done.” Employing the expression
developed by von Stackelberg®® and using Ples-
kov’s!! potentiometric data, the half-wave po-
tential of cesium is found to be —2.20 v., which
compares well with the recalculated value, —2.23
v., given in Table IT as obtained by Wawzonek and
Runner.?

Vicek® has suggested that the half-wave poten-
tial of potassium is the same in all solvents. Un-

(29) H. H, Morgan, J. Chem. Soc., 123, 2901 (1923).

(30) G. A. Hulett, Trans. Am. Electrochem. Soc., T, 333 (1903).

(31) C. E. Teeter, Jr., TH1s JOUrRNAL, 88, 3927 (1931).

(32) J. 1. Hildebrand and R. L. Scott, " The Solubility of Nonelec-
trolytes,’”’ 3rd ed., Reinhold Pub. Co., New York, N, Y., p. 38,

(33) M. von Stackelberg, Z. Eletkrochem., 48, 466 (1939).
(34) A. A, Vlcek, Chem, Listy, 48, 1863 (1954).
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der this assumption, comparison of reduction of
cations in differing solvents can be made by noting
the difference, AE:/,, between the potassium half-
wave potential and the half-wave potential of the
particular metal. This is at least a reasonable ap-
proach to absolute comparison of half-wave po-
tentials. Tabulation of these data for acetoni-
trile and aqueous solutions (non-complexing sup-
porting electrolyte) shows several interesting points.
Of the ions studied (outside of the alkali metals)
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the AE:;, values are most similar for thallium,
1.70 v. in acetonitrile and 1.66 v. in water. This is
reasonable when one considers that thallous ion
does not form complex ions and presumably is not
highly solvated, or at least the degree of solvation
is the same in water as in acetonitrile.
Acknowledgment.—The critical review of this
paper by Professor S. Wawzonek of this Labora-
tory is gratefully acknowledged.
Iowa City, Jowa
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The neutral and acid hydrolysis of ethyl dibromoacetate was carried out at three temperatures and in water~acetone sol-

vents containing various percentages of acetone.
first-order law at greater than 8%, reaction.
859, of completion of reaction.

Intheneutral hydrolysis the acid formed produced a departure from the
The acid-catalyzed runs followed the pseudo first-order law strictly for at least
The parameters of the Arrhenius equation are presented and discussed. The dependence

of the rates on the dielectric constant of the media is compared with that of the acid hydrolysis of ethyl dichloroacetate in

acetone—water solvent.

Introduction

As part of the general problem of the effect of
solvent and molecular substituent changes upon
reaction rate in solution, a study of the neutral and
acid-catalyzed hydrolysis of ethyl dibromoacetate
was carried out.

Experimental

Materials.—All water was twice distilled; the last dis-
tillation employed alkaline potassium permanganate. The
water was then boiled to ensure carbon dioxide removal and
was stored and delivered from vessels protected with as-
carite tubes.

A, C. 8. reagent grade acetone was purified according to
the procedure of Akerlsf.?

Ethyl dibromoacetate (product of Sapon Laboratories,
Inc.) was washed briefly with concentrated sodium bicar-
honate and then with calcium chloride solution. After
drying over drierite, distillation at 14.5 mm. gave the ester
with b.p. 81-82.5° (reported? 66-70° at 7 mm.); d?* 1.9081;
n?p 1.4973; »'25p 1.5018 (reportedt d¥y 1.9025; nl2.5p
1.50167). Observed molar refraction and neutralization
equivalent were 37.72 and 244 == 2, respectively (calculated
37.86 and 246).

Barium hydroxide solutions, 0.002500 and 0.02500 N,
were made up periodically from concentrated stock solution
and were checked frequently against aliquots of standard
potassium acid phthalate solutions. The hydrochloric acid
solution was 0.3700 N. C.p. chemicals were used and
all normalities were determined to four significant figures.

Methods and Apparatus.—Reaction temperatures were
kept constant to =#=0.03° and were determined with a NBS
thermometer.

All pipets and burets were calibrated.

Hydrolysis were carried out in glass-stoppered 100-ml.
volumetric flasks. By lightly greasing the stoppers (Fisher
Rubber Compound Stopcock Lubricant) and fastening them
down with rubber bands evaporation of solvent was made
négligible. The grease was insoluble and had no apparent
effect.

The reaction solution for a kinetic study was prepared as
follows. Appropriate amounts of acetone, water and hy-

(1) The authors wish to thank the National Science Foundation for
a grant which made this research possible.

(2) G. Akerlsf, THIs JOURNAL, B4, 4132 (1932).

(3) A. Magnani and S. M. McElvain, tbid., 60, 2210 (1938).

(4) Beilstein, Band II, System no. 152-195, 4th Edition, Julius
Springer, Berlin, 1920, p. 219.

drochloric acid (if any) were weighed into a tared volumetric
flask. The flask was then stoppered and placed in the con-
stant temperature bath for several hours to reach thermal
equilibrium. Weighings were made to 0.02 g. and the weight
of hydrogen chloride (if any) was taken into account when
calculating the weight of water present. The reaction was
started by adding 10.00 ml. of a standard acetone-ester so-
lution and adjusting to the mark with water at the tempera-
ture of the experiment. The flask was then shaken and the
time noted. At convenient intervals 10.00-mi. samples were
withdrawn, run into 25 ml. of ice-cold water and titrated with
standard base. Sufficient accuracy in the times of starting
and of sample withdrawal was easily attained because of the
slowness of the reaction. The actual sample volume de-
livered by the pipetting procedure was checked by weight
and also by titration and allowance was made in subsequent
calculations.

The concentration of ester in all runs was 0.0500 molar
and the concentration of hydrochloric acid in the acid runs
was 0.0500 molar. The acetone percentages employed are
shown in the tables of results.

In this work it was found that the standard base, during
the titration of an ice-cold reaction sample, reacted in part
with unhydrolyzed ester giving an acid value that was too
high. It was found that identical samples of reaction mix-
ture gave widely different acid values depending on the
strength of the base used; the stronger base gave the highest
value. In the titration of standard acid with standard base
the addition of pure ester and acetone vitiated the results
even under ice-cold conditions. An ester solution alone,
without the presence cf acid showed a zero acid value on ti-
tration with standard base (immediate end-point ).

Because of these facts it was necessary to standardize the
titration procedure and determine the errors involved. The
titrating base solution was run in always at approximately
the same rate and the reaction sample was stirred con-
stantly in anice-bath.

A series of mixtures of standard acid phthalate, acetone,
water and ester were made up to correspond to compositions
which would be obtained for titration at various stages of
reaction. These mixtures were freshly made up and ti-
trated ice-cold in the same manner as the actual run samples.
The errors obtained were reproducible and found for acid
hydrolyses to be a linear function of the amount of unhydro-
lyzed ester present. These corrections were applied to the
actual run titrations to determine the true amount of acid
present.

The acid runs employed the stronger 0.02500 N base and
the titration error was about 5% in the early stages of reac-
tion where the amount of unhydrolyzed ester is large.



