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Electrode Pofentials in Anhydrous Formie Aecid

B_y V. Pleskov

thydr‘ous formic acid is a solvent which presents undoubted
interest from Lhe electrochemical point of view. It combines a high
dielectric constant—>57.0 at 21° (Drude’s * measurements)—
with strong solvent action fowards a large number of salls and orga-
nic compounds, as was shown by the workof Zanninowiteh-
"Tessarin 2 Aschan?® Kendall and Adler* The
electrochemical properties of formic acid solutions were the object
of a number of investigalions by Schlesinger and coworkers®
who have shown that this solvent possesses high ionizing properties;
the coefficient of electrical conductivity of 0.1 NV solutions attains
as arule, 0.9 and more. Formic acid is moreover a solvent with clearly
expressed ‘acid properties; this is borne out, besides its chemical
nature, by the fact that it considerably strengthens weak bases and
reduces Lhe strengthof acids (Hammett and Dietz® Schle-
singer and Martin’). Asshown by Funk and Rémer®,
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many chlorides, e. g. CaCl, liberate upon treatment with anhydrous
formic.acid free HCl and form the corresponding formates; this is
undoubtedly to be explained by a far-going solvolysis due to the
same factor.

We have established in previous papers lhe existence of conside-
rable shifts of the standard. potentials of some elements in liquid
ammonia® and hydrazine'® and connected this with the basic charac-
ter of Lhese solvents and their solvating action towards a number of
ions. The aim of the present paper was to measure the electrode poten-
tials in anhydrous HCOOH, a typical acid solvent,

Experimental part

S 01ven t. Chemically pure formic acid was preliminarily puri-
fied by two fractional distillations under reduced pressure and then
repeated fractional freezing out under conditions which excluded
the access of moisture from the air. The final dehydration was car-
ried out by the method of Schles inger and Martin?,
which consists in treatment with boric anhydride. The latter was
obtained by melting preliminarily dehydrated boric acid in a plati-
num crucible in an electric furnace at 900—1000°; after the evolution
of water vapour had ceased the melt was poured out on a nickel plate,
cooled in a desiccator and quickly powdered in an Abich mortar.
The pre-purified formic acid was dehydrated with boric anhydride
during 10—15 days with periodic shaking (to avoid coagulation of
the powder). The mixture was then frozen, evacuated with an oil
pump, and the anhydrous HCOOH distilled off at room temperature;
lo avoid carrying along the residue, two glass filters were placed on
the way of the vapour. The distillalion was repeated twice and the
final product stored in sealed ampoules. This treatment yielded a
solvenl with the following properties: electric conductivity (at 25°)—
(5.8—6.0) x 10°21, m. p. 8.39—8.40° C, which are in agreement
with the best data in the literature,

Method of measurement. In this investigation we
used Lhe method developed for measuring the potentials in hydrazine'®.

*V.Pleskov andA.Monosso n, Acta Phys. Chim., 1, 871 (1935).
¥ V.Pleskov, Acta Phys. Chim-, 13, 662 (1940).
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As a rule, the solvent used was freshly treated with boric anhydride
and had slood not more than one day to avoid possible decomposi-
tion of formic acid with formation of water and carbon monoxide.
The solutions were stirred and saturaled with a currenl of electrolytic
hydrogen, which was purified in the same manner as in the case of
hydrazine. All the basic measurements were carried out at 25.00 +
4-0.01°. The measuring apparatus did not differ from that previously
used. As in the case of hydrazine we were compelled to ignore the
diffusion potentials arising at the interface between the solutions in
both half-cells, since for formic acid mo practical means of suppres-
sing them are known. It is probable, however, thal the errors invol-
ved are not great (according to the data of Schlesinger, the mobilities
of a number of cations in HCOOH have close-lying values). The mea-
surements were carried out with dilute solutions (0.01 &V as a rule)
in order to reduce the errors due to the differences in the activily
coefficients.

It was not always possible to make up the solutions directly in
the apparatus in view of the small weights involved. In such cases
we always prepared more concentrated solutions in HCOOH out of
the apparatus, under conditions excluding the access of air and moi-
sture. These solutions were then distributed in thin-walled ampoules
which were introduced into the apparaius and broken inside it al
the right moment by means of an electromagnetic hammer. After
this the solulions were diluted with the necessary amount of formic
acid which, as in the case of hydrazine, was introduced by distilla-
tion from a gradualed pipelte.

No less than three independent experimenls were made with each
cell; each experiment consisted of a series of measurements of the
e. m. f. lasting 2—3 hours; in some cases the conslancy of the e. m. 1.
was controlled for 24 hours. Work with dilute solutions nalurally
demanded special precaulions againsl any increase in the amount
of metal ions in the solution due to oxides dissolving from the elec-
irodes; special attention was, therefore, devoled to obtaining clean
electrode surfaces. In the case of ecasily oxidized metals (zine, cad-
mium, lead) the oxides were removed mechanically in a continuously
renewed atmosphere of dry electrolytic hydrogen.

Our choice of salls for the solutions was delermined by their suf-
ficient solubility in formic acid and by the possibility of obtaining
them in pure anhydrous state. In many cases picrales were the most




A . V. Pleskov

suitable objects. Undoubtedly, these compounds undergo far-reaching
solvolysis upon solution in HCOOH (this is borne oul in particular,
by the fact that the resulling solutions are almost colourless) however,
the resulling formales, acting as bases in formic acid should be
strongly dissociated. ; '
Reference electrode. Anumber of experiments were
carried oul in search of a suilable reference electrode; we finally
fixed our choice on a silver electrode in a 0.01 NV solution of silver
picrale. The latler was obtained by precipitating lwice recryslallized
silver nilrate with a slight excess of KOH solution upon heating.
The silver oxide deposil was carefully washed and trealed with a
slightly insufficient amount of picric acid solution (obtained by re-
peated crystallization from a water—alcohol solulion, m. p. 122°);
the resulting solution was separated from the excess silver oxide drawn
off on a glass [ilter and dried to constant weight in a vacuum at 130—
140°. The silver electrodes were made from silver wire (Kahlbaum)
and coated just before the experiment with electrolytic silver from
a cyanide balh. After rapid drying in a current of warm air the elec-
trodes were placed in the apparatus which was then immediately eva-
cuated. We always used a pair of electrodes whose potentials did
not differ by more than 0.1 mV. The potential of silver under the
conditions described was excellently reproducible and accurately
followed the changes in conceniration of silver ‘picrate in the solu-
tion. This was shown by measurements of the e. m. f. of L'oncentx a-
tmn cells of the type
Ag/Ag Picr.[Ag Picr./Ag,
¢y Cy
where ¢, =0.1 N and ¢, varied from 0.05 to 0.0005 V. Some of the
resulls obtained are presented in Table 1.
' ' Table 1
Electromotive force of
concentralion cells at 25°

A E (V)
0.05 0.0413
0.01 0.0554
0.001 0.1129
0.0005 0.1546

IE may be seen from the table that the variation of the e. m. f.
with concentration approaches the theoretical prediction (assummﬂ'
; Lhdt Lhe moblhtleb of the (,dtloll and anion have close leues), this
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testifies to the fact that the aclivity coefficients of the solulions
investigated are close to unity. The disadvantage of using a silver
electrode for reference is that in many cases the measured e. m. f.
becomes exceedingly large (e. g. in measurcments with the amalgams
of alkali metals); however, this is compensated by the simplicity of
construction and excellent reproducibility of the electrode.’

Z:in c. The choice of a zine salt suitable for the measurements
presented some difficulty since most of the salts of this metal, in
particular, the picrate, formate and sulphate aré insoluble in formic
acid. It was found, however, that ZnCl, is well soluble and yields
solutions whose electrical conduclivity differs little from that of the
salts of the alkali metals. Zinc chloride (Merck «for analysisy) was
dehydrated in a current of hydrogen chloride and distributed in molten
state in small ampoules. A more concentrated solution (about 0.1 N)
was first prepared; this- was diluted to the required degree in the
apparatus. The electrodes were made of Kahlbaum . zinc; their
surface was cleaned with a piece of glass immediately before
the measurcments. The potential of zinc was constant to 0.2 mV
and highly reproducible. For the cell’ ' -

~'in | ZnCl, | AgPicr./Ag
0.0LN 0.0 N

‘E 5o =1.326,V; AEJAt = —0.0006 V/°C (Lhe temperature coefhc:ent
was determined in the interval 15—25%). For a similar cell with
a 0.001 N ZnCl, solution we found Ess=1.354 V. The difference-
is thus equal to 0.028 V, which may be taken as proof that
the activity coefficients of these solutions are close to unmity.

Cadmium. As in the case of zinc the chloride was the only -
salt whose solubility was sufficient for the measurements. Cad-
mium chloride (Kahlbaum «for analysis»)- was  dehydrated in a
current of HCI; the solutions and the electrode (Kahlbaum) were
prepared as in the case of zinc. The potential varied within
the limits of 0.04 mV. For the cell

SR % S
Cd/CdC1,/AgPicr.|Ag
0.0 001N -
we found as an-average '

E 5=0.92%,V; AE/At= -0, 000:\?/
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~Lead. Among the lead salts investigated, PbCl,, PbSO,,
Pb(NO,), were found to be praclically insoluble (the latter reacts
with decomposition of HCOOH and evolution of ‘gas). Pbl, is slightly
soluble and separales out upon the addition of water to the solution;
its solubility, however, is very small (0.19%). Lead formate is more
soluble (about 0.3%, at 25°); it was chosen for the measurements.
It was prepared according to‘Schlesinger by mixing aqueous solutions
of Pb(NO,), and NaHCOO (Merck c. p.) in the presence of a small
amount of HCOOH. The deposit 'was twice recrystallized, washed
by alcohol and dried in a vacuum at 120°, For electrodes we used strips
of sheet lead (Kahlbaum) with a freshly cut surface. The e. m. f. of
cells with lead electrodes were highly reproducible in individual
experiments (to 0.2 mV). For the cell

= 4
Pb/Pb(HCOO),/AgPicr./Ag

: 0.0IN 0.0iN

we found Fy-=0.889, V:

AE/At = —0.00054V/°C.

Copper. We did not succeed in finding a salt of univalent
copper soluble to any degree in anhydrous formic acid so that a mea-
surement of the potential Cu/Cu" was impossible; considerable dif-
ficulties were also encountered in the atlempt to work with salts
of bivalent copper. We tried GuSO,, CuBr,, CuCl,, Cu(NO,),
and Cu(CH,COO), bul none of these compounds was sufficiently
soluble lo permil of carrying out measurements. According to the data
of Davidson and Holm® copper formate is very slightly so-
luble in formic acid (0.004 mol. %, at 35°). In attempting 1o use copper
picrale we discovered a curious phenomenon. The picrate obtained

~ by dissolving CuO in an aqueous solution of picric acid, recrystal-

hizing from a water—alcohol solution and drying in a vacuum at
140°, is highly soluble in anhydrous formic acid and yields comple--
tely transparent blue solutions. After a short interval (from 5 min.
to half an hour, depending, evidenlly, on the presence of lraces
of dust and other mechanical impurities) the solution suddenly
begins to grow turbid and a green crystalline deposit rapidly
separates out, which upon investigation proved to be copper for-
mate; the picric acid remains in solution. If a small amount of

A Davidson and V. Holm,J. Am. Chem. Soc;; 53, 1350 (1931).
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copper formate is introduced into a fresh transparent solution of
picrate, a deposit immediately separates out and the solution is
discoloured. It is evident that the copper picrate immediately
undergoes solvolysis upon solution, but the resulting formate
yields a supersaturated solution and only ‘crystallizes in  the
presence of dust particles and other crystallization nuclei. This
phenomenon made it possible to measure the potential of
copper. Table 2 presents the variation of the e. m. f. with the
time for the cell

Cu/CuPicr., | AgPicr.,/Ag
001 N 001 N
in an experiment which-may be regarded as Lypical. The measurements
were carried out at 25°; zero lime corresponds to the dissolution of
picrate after the formic acid in the apparalus has melted.

Table 2 :
Potent_ial of the Cu-electrode
Time (min.). . 0 2 4 6 8 10 12 14
E(V).. 0.3145 0.3143 0.3150 0.3148 0.3149 0.3151 0.319% 0.3310
Time (min.). . 16 20 30 50 — — —

“E (V).. 0.33t& 0.3410 0.3%15 0.3418 = — e e =

As appears from the table the potential of the copper electrode
remained constant for 10 min., then the formate deposit began to
separale out and’ the potential started to increase up to- the 20th
min. when it once more took on a constant value exceeding the ini-
tial value by 27 mV. This evidently corresponded to a steady stale
concentration of Cu ions with a solubility of copper formate of about
0.001 NV (at 25°). Table 3 which is a summary of the initial and final
o. m. f. of this cell in various experiments, characterizes the reprodu-
cibility of the measurements.

Table 3
E;y Etin
0.3144 0.3416
0.3148 0.3425
0.3145 ©0.3418
0.3152 0.3410
Average . . 0.3147 0.3417

We consider that the initial value of the e. m.f. may be taken on
good grounds as a characteristic of the standard potential of copper,
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even though it does correspond to a strongly supersalurated solution
of the formate. The temperature coefficient of the e. m. f. was not
determined for this cell.

~Mercury. Wecould not find a single salt of bivalenl mercury
suifable for the measurements; HgCl,, Hgl,, Hg(NO,), are insoluble
in HCOOH (the last-named salt reacts with decomposition). Altempts
to make use of the picrate and formale were also unsuccessful; both
salts turned out to be very unstable and practically insoluble in for-
mic acid. Among the compounds of univalent mercury, HgCland
HgI are insoluble (the latter dissolves slightly upon heating), while
HgNO, reacts with decomposition. We succeeded in making measu-
rements of the potential with the formate. This salt was prepared by
precipitating a HgNO, solution with a solution of sodium formate.
If the washing (with water and alcohol) and drying are carried out
quickly, a pure white product is oblained, which is slable on storage
and leaves no residue upon solution in formic acid (the solubility
is of the order of 1—29 at ordinary temperature). The e. m.{. of the
cell ( ' ) '

oo L
Hg | HeHCOO | AgPicr. | Ag
- 0.01 84 001 N
18 equal (mean value) to .

Eo— 0.0012V, AE/A; i _'OOOO’iG V;,___.C.

The variations of the potential did not exceed 0.5 mV; however,
in the course of time the e. m. f. began to increase systematically
(due, perhaps, to partial decomposition of the mercury formate solu-
tion). :

Hydrogen. Asalready point outl, measurements of the poten-
tial of hydrogen in formic acid are of particular interest. Such mea=
surements were undertaken by Hammett and Dietz® but
these authors failed to obtain a reversible hydrogen electrode. Pre-
liminary experiments carried outl by us had shown that this problem
can be solved by using platinum electrodes platinized in the usual
way, provided the electrode undergoes cathodic polarizalion immedia-
tely before the measurements (in the same solution). This was ac-
complished by adding to the two platinized platinum electrodes (of
surface area about 2 cm? each) a third auxiliary éléetrode, fixed on -
the same ground joint and serving as anode. The polarization was
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carried out with a current of 5>—7 mA during one minute (each elee-
trode in turn).

Some difficulty was occasioned by the choice of the elecirolyle.
Hammet and Dietz used solutions of benzene-sulphonic acid, but
this compound is difficult to obtain in anhydrous state; besides, there
are no data on its strength in HCOOH. Our investigations were
carried out with HCI solutions, ‘whose electrical conductivity in
Tormic acid was studied by Schlesinger, Martin and Coleman. It has
already been observed that the strength of the acids, HCl included,
derceases in HCOOH. However, the coefficienl of electrical conducti-
vity of a 0.01 .V solution is 0.86, so thal Lhe error here involved can-
nol be great.

Hydrogen chloride was prepared from c. p. sulphuric acid and
ammonium chloride dried over concentrated sulphuric acid and
magnesium perchlorate and stored in a gas buret over mercury.
The solution was prepared directly in lhe apparatus for potential
measurements. For this purpose Lhe tube for hydrogen inlet in the
half-cell was provided with a special side-tube, through which the
formic acid contained in the half-cell was saturated with a measured
quantity of hydrogen chloride. In view of the fact that the solubilily
of the latter in HCOOH is not very greal and the passage of hydrogen
through the solution might have noticeably affected its concentration,
1he solution was forced upon completion of the measurements into a
weighed bulb containing water, and the HCl content was determined
gravimelrically. Prior to the measurements the solution was saturated
with a eurrent of hydrogen for 10—15 min. whereafler the electrodes
were polarized as described above, and readings of the e. m. f. begun.
The experiments have shown that after 5—10 min. the polentials of
1he two electrodes were equalized and remained constant to 0.5 mV
throughout the rest of the measurements.

Table 4 presents the results of the measurements of the e. m. f.
for the cell

Pt H, I—;(‘l | AgPicr. ]Ag
e. QAN .

al 25°,obtained in individual experiments and reduced Lo Pyi,=760mm
Table & '

Polential of the H,-electrode
e 0.01021  0.01003 0.00989 0.00101 0.0010:
E 0.1691 0.1702 0.1714 0.2251 0.224

Acta Fhysicochimica T, R.8.5. Vol. XXI. No. 1,
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AInterpolation for ¢=0.01 N gives
Eo5=0.170,V; AE/At= —0.00034 V/C.

“Alkaline metlals. Measurements of the potentials- uf

-the alkaline metals are of special interest as offering a possibility
of comparing the potential series in various solvenls. Achievement of

‘these measurements by the Lewis method using amalgam eleclrodes

presented some difficulty, in view of the comparatively high degree
of dissocialion of the solvent itself and its acid character. This diffi-

culty could be  overcome by carrying out the measurements in alkali-
ne solutions, . e. in solutions of the formates of lhe corresponding
metals. Nevertheless, expericnce proved that measurements with
stationary amalgams cannot be realized, for 10—20 see. after the for-

‘mation of a fresh surface of amalgam the potential begins to fall,

due, ohvmuslv to inleraction of the alkali metal with the solvent.

| All the data given below were, therefore, obtained with a dropping
; electrode (2—3 drops of amalgam per second). In order to decrease
‘the errors caused by accumulation of the formate in the solution, the
volume of the half-cell with amalgam electrode was increased to 50 cm=
| the electrode being placed in the upper half of the vessel. All the amal-
| gams were prepared electrolytically by a method already described®.

i Their concentrations were the same as those of the amalgams employed
11 by Lewis and Kraus™ (Na), Lewis and Keyes 2
(K, Li), Lewisand Argo* (Rb)and Bent, Forbes and

Forziati * (Cs) which made it possible for us to utilize the

data of these authors on the polential dlfforence hetween the amal-

gam and the pure melal.

Lithium. The'amalgam contained 0.035 %'Li. Lithium formate,
which served as electrolyle was obtained from the carbonate (Merck)
and formic acid and was dehydrated in a vacuum at 150°. The average
e. m. f. of thc cell

L1, Hg | LiHCOO| AgPicr. | Ax
0.0LN 0.01N

was equal lo

Ese = 2.684V; AE/At = 0.00085V/°C..

2 V.Pleskov, Acta Phys. Chim., 6, 1 (1937).

B G. Lewis and C. Kraus J. Am. Chem. Soc., 32, 1459 (1910).

" G.Lewis and F.Keyes,J. Chem. Soc., 84 119(1912],35 340(19133.

B G .Lewis and K.ATrgol,J. Am. Chem. Soc., 37, 1983 {1915).

1 H, Bent (} Forhes andA I‘orz1at1,3 Am Chem. Soc._,
61, 709 (1939). V!
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Despite all precautions, the variation of the potential in mdlﬁdual
experiments was as much as 1—2 mV. s

.Sodium. . An amc\lgam containing . 020.)001\3 was used.
Thc sodium. formate was a Merck -product, . twice recrysta]hzed
from anhydrous formic acid and then snbjevLed to prolonged
drying in a vacuum at 140°. The potential was more constant
than in the case of the lithium, variations of the e. m. f. lying
within 0.5 mV. On the average for the cell

Na,Hg/NaHCOO/AgPicr. /Ag
N ' 0.01N - 001N
we . found - :
E25° =2, 74 IV AE}A = 0.0010V/°C.

Po tassium. The amalgam contained 0.22169% K. The elec-
trolyte was potassium formate (prepared from the carbonate
Merck) twice recrystallized from HCOOH and dried in a vacuum
at 140— 150°. The variations of the potential did not exceed 1mV.
On the average for the cell

ﬁ?Hg/KHCOO/AgPicr;’A,E;
0.01N 00N
‘we obtained ; -
v Eoy-=2.486V; AE/At=0.0012V/°C.

Rubidium. The amalgam used contained 2.695 x 107° g'ram_
equivalents Rb per gram Hg. The formate was obtained from
‘the carbonate and recrystallized first from HCOOH, then from a
mixture of alcohol and ether. It was dried in a vacuum first
at 100° then at 150°. The e. m. f. was comparatively steady
(the variations noi exceeding 0.8 mV). On the average for the cell

:Rb, Hg / REHCOO / AgPicr. | Ag
001N  0.01N
we get
Eos-=2547V; AE/At =0.0007V/°C.

Calecium. The standard polential of calcium in water was
determined by Drucker and Lvft'’, who used an amalgam
containing 0.02539, Ca. Our measurements were carried out with
an amalgam of the same composition prepared by the electro-
lysis of a solution of CaCl, (Kahlbaum). The electrolyte was a
solution of caleium formate obtained from the carbonate and

% G.Drucker u. R.Luft,Z physik. Chem., 121, 307 {1925).
!t*
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dried in » vacuum at 140°. The measurements presenited some
difficulty since the variations of the potential were quite consi+
derable, attaining 10 mV. Only after the rate of flow of the
dmalgdm was greatly increased, 1*epr0d|1{'lble results were obtained.
For the cell

Ca Hg/ Ca (HCOO), / AgPier. [ Ag
0.01N 0.01N
the average value found was
Es;-=2.527V; AE/At=0.0003V/C.
Caesium. The amalgam used contained 0.2327 atom °, Cs,
as in the work of Bent, Forbes and Forziati. The varia-
tions of the e. m.f. did not exceed 0.8 mV. On the average for the cell

+
Gs,Hg /GsHCOO / AgPicr. | Ag
0.01N 0.01N
: we found
? Lo =2.492V;, AE/AL=0.0005V/C .

Discussion of the results

As poinled oul above, in computling the standard polentials 1m”
Tormic acid we were obliged to neglect the differences in the activity
coefflicients of the various solutions (these cannot be very greal for
0.01 N solulions) and alse the diffusion potentials. Table 5 gives the
data obtained; as in our preceding paper'®, the potential of rubidium
was taken as zero. For comparison, the polentials in water and liquid
ammonia are also given,

Table 5
Standard potentials (Eg,=0)
n J - - £
Element | Eygoou E .0 Exn,
B —— z - e

Rb | 0’ 0 _ 0
Cs ! 0.01 - o 0.00 | ~—0.02
Rt 0.09 0.01 | -—0.05
Na | 0.03 1 SR 0.08
Li £ 7 —0.02 —0.09 | —0.31
Ca | 0.25 0.16 | 0.29
2 2.40 F oA 1.40
cd | 2.70 2.53 1.73
H. 7l 3.45 2.93 | 1.93
P | 2.73 2.80 | 2.25

Cu/Cu’ ‘ 3.31 3 o8 2.35

Hg/Hg 3.63 3073 =
g | 3.62 3.9% | 2.7
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A consideralion of the dala in the table brings out thal for most
of the elements there is no great difference between the potential
in HCOOH and in water. This is particularly true for all the alkali
melals. Their potentials have close-lying values in a whole group of
unrelated solvenls (water, HCOOH, NH,, N H, ); this fact supporls
our hypothesis that ihe energy of solvation of the ions of these metals
undergoes but slight changes frem one solvent to another. It should
also be observed that it is practically immaterial which metal Rb or
Cs, is chosen as the ¢slandard» in comparing the polential series in
different solvents, inasmuch as, even in two such widely different
media as liquid ammonia and formic acid, the potenlials of the
two elements practically coincide. The polentials of silver, lead and
copper are almost the same in water and in HCOOH. As for the first
two metals this should be aseribed to the absence of any specific
solvation of their ions in either solvent. On the contrary, in the case
of copper there is no doubt that considerable hydration takes place.
‘This appears in particular from the existence of numerous stable crys-
tal hydrates of copper salts. However, Da vidson and Holm?"
have shown that HCOOH also has a stable crystal solvate.
2Cu (HCOO),. 3HCOOH, and it may be thal the energy of solvationof
Cu” is about the same in both solvents. Bul in general, as far as can be
judged from the data in the literature, formic acid is one of the sol-
vents which only rarely form stable crystal solvates. This explains
the nol very large, but distinct displacements (of the order of 0.2 V)
of the zine and cadmium potentials towards positive values. The
considerable tendency towards hydration manifested by the ions of
Lthese metals, and the existence of exiremely slable crystal-hydrates
of their salts are common knowledge. .

Most noteworthy of all is the considerable shift of the hydrogen
potential, which exceeds 0.5 V. As was pointed oul in the introduction,
HCOOHM is a typically «acid» solvent. The energy of solvation of a
proton in it should be greatly reduced so that the shift of the hydrogen
potential in the posilive direction is quile regular. It should also
be remarked that the change in the hydrogen potential in passing from
formic acid lo liquid ammonia is 1.5 V, a value which demonstra-
tively lestifies to the far-reaching difference in the behaviour of the
proton in the Lwo solvents. Although our assumption of the constancy
of the rubidium potential in different solvents is evidently not quite
strict, and hence the comparison of the potential series carried out on
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the basis of Lhis assumption can only be aproximate, nevertheless,
we esteem Lhat the values of the hydrogen potential found can serve
as a characteristic of the acid—basic properlies of a number of sgl-
vents. An accumulation of such data would make it possible to'draw
up a quantitalive scale of acidity. W’ork 1s being contlnuod in this
direction, : e

Summary

- 1. Measurements were made of the reversible electrode potenhals
ol Rh Cs,, Na, K, Li, .Ca, Zn, €d, H,, Pb, Cu, Ag and Hgin
anhv«hous formic acid at 25°, "

2. The potential series in HCOOH differs little, in general, from
the series in water. A shift of the standard potential in the positive
direction is observed in those elements (Zn, Cd) whose ions, though
slrongly hydrdled in aqueous 30111Lmn display no marked tendency
towards solvalion in formic dCId In general, the latter should
eudt,ntl_y be considered as an example of a solvent with sma]l
solvating power.

3. The considerable posuno shift of the hydrotren anenUal
testifies to the small energy of solvation of the proton in HCOOH
and fully bears out the «acid» nature of this solvent which is dlbq
dlsp]ayed in a number of other chemical properties.
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