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In a previous investigation carried out by one of the present authors (21)
on the copper electrode, it was found that metallic copper in aqueous solutions
over a certain pH range is covered with an oxide film of cuprous oxide, as indi-
cated by the fact that the copper electrode showed a potential varying linearly
with the hydrogen-ion activity of the solution, with AE/ApH and E, values
practically coinciding with those for a copper-cuprous oxide electrode. The
effect of this oxide film on the thermodynamic potential of the electrode was
discussed, and a new technique was introduced for measuring the standard po-
tential of copper out of contact with atmospheric oxygen so that no film exists.

The present investigation deals with metallic mercury, which has long been
regarded as a standard and on which many different electrochemical investiga-
tions have been carried out. The study of the possible existence of an oxide film
on the surface of the metal in aqueous solutions will be of importance not only in
arriving at the conditions for the evaluation of its standard potential but also for
any other study of metallic mercury which necessitates the ahsence of any
oxide (19).

The probable existence of an oxide film on the surface of the metal in aqueous
solution was gleaned by the method adopted in the case of copper (21), i.e., by
studying the behavior of the mercury electrode in sclutions of varying pH which
were initially free from the metal ions. Gatty and Spooner (7) carried out some
measurements on the mercury electrode in solutions containing no mercury ions,
but these authors worked in a limited pH range and in nonbuffered solutions.

From a study of the behavior of the electrode in the presence of air and in
the absence of air after applying a rigorous and special technique for removal
of the oxide film from the surface of the metal, we were able to give the proper
conditions under which a persistent oxide film is absent from the surface of
metallic mercury in aqueous solutions. Only under these conditions can the
true thermodynamic standard electrode potential as well as any other electro-
chemical property of metallic mercury be determined.

I. EXPERIMENTAL
The preparation of the electrodes and solutions for measurements in air
(1) Mercury electrodes

Two types of mereury electrodes were used, which we shall designate A and B.
The results with these electrodes were also compared with the mercury-mercuric
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oxide electrode denoted as electrode C. These electrodes were prepared as
follows:

FElectrodes of type A: The purest British Drug Houses sample of mercury was
sprayed three times into a long column of dilute nitric acid and the resulting
mercury was then washed by spraying three times into a long column of con-
ductivity water. The mercury after drying was then distilled three times under
reduced pressure and filtered through a series of perforated filter papers. This pure
mercury was introduced into an electrode vessel similar to Walpole’s vessel (24)
for the calomel electrode, in which sufficient mercury was used to cover a sealed-in
platinum wire and deep enough to prevent the solution from reaching this contact
on accidental shaking. Over the mercury layer was added the solution on which
the measurements were to be made.

Electrodes of type B: These were prepared by electrolytic deposition of mercury
from slightly acidified mercuric nitrate solution on platinum cathodes 1 em.
square, sealed into glass tubes with mercury contacts. The electrodes before use
were washed several times with conductivity water and immediately before
immersion with the solution to be used.

FElectrodes of type C: These were similar to electrodes A with the addition of pure
mercuric oxide, prepared as described later, over the surface of the mercury.

(2) Buffer solutions

In choosing our buffer mixtures care was taken to usc solutions of such com-
position that the anions will not affect the probable presence of mercury oxide,
i.e., in each solution the oxide of mercury is the least soluble component at the pH
value of the solution.

From pH 3.62 to 5.61 we used the acetic acid-acetate mixtures prepared
according to Cohn’s system (2), having a constant ionic strength of 0.04. Buffer
solutions varying from pH 6.77 to 9.11 were prepared according to Palitzsch
(18) from 0.2 M boric acid and 0.2 M borax. For pH values 10.17, 10.55, and
11.04 the sodium carbonate-hydrochloric acid mixtures were used according to
Kolthoff (11). For the extreme acid and alkaline ranges perchloric acid and
sodium hydroxide solutions were made. All the solutions were prepared from
highly purified materials and their pH values were carefully checked with the
hydrogen electrode and when possible with the quinhydrone electrode.

(3) Mercuric oxide

The red and yellow forms of mercuric oxide are similar in every respect save
particle size (1, 3, 16, 17, 20, 25). We prepared the red form, which possesses the
larger particle size and thus has the normal solubility (22). For this preparation
a method similar to that of Garvett and Hirschler (5) was followed. The purest
sample of mercury was dissolved in thrice-redistilled nitric acid and the mercuric
nitrate solution partially crystallized. The nitrate was then ignited for several
days until the resulting oxide was nitrogen-free. The presence of nitrogen impurity
due to still undecomposed nitrate was followed during the period of ignition with
the micro-Kjeldahl method.
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II., PREPARATION OF ELECTRODES AND SOLUTIONS FOR MEASUREMENTS OUT OF
CONTACT WITH AIR

In order to perform the measurements without the effect of atmospheric oxygen
on both the electrodes and solutions, a special device was constructed, the princi-
pal part of which is represented diagrammatically in figure 1. The purest sample
of mercury was introduced into bulb 1 through the top tube, which was then
sealed. The empty, well-cleaned electrode G was sealed to the other end of ‘the
device, which was connected to a high vacuum system at F. Evacuation was
then commenced and when the pressure was below 10~® mm. of mercury, as indi-
cated with a McLeod gauge, pure hydrogen was introduced into the system and
the mercury heated for 1 hr. at a temperature slightly below its boiling point

Fia. 1 Fia. 2

Fia. 1. Apparatus for measurements out of contact with air
F1c. 2. Special cell

(about 300°C.). The pressure inside the apparatus was then reduced and the
mercury allowed to distil over to the second bulb. After high vacuum was again
attained, pure hydrogen was introduced and the mercury in the second bulb was
again heated near its boiling point for 1 hr., after which the pressure inside the
apparatus was again reduced to allow distillation of mercury to the third bulb.
By repesating this process, the distillation of mercury was continued until at
last it reached the electrode G, which was then sealed at the capillary constric-
tion under high vacuum. The electrode was then fitted tightly into the electrode
vessel shown in the right-hand side of figure 1, which contained the solution on
which the measurements were to be made. Pure nitrogen was bubbled through
this solution with the help of tap T for about 15 min. to remove dissolved oxygen
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before turning the joint T'; around, thus breaking the capillary end of the electrode
and allowing the solution to rush up and fill the evacuated space above the
mercury.

The hydrogen used in this investigation was supplied in cylinders and was
purified by first passing it through tubes heated electrically to about 450°C.
and containing successively platinized asbestos and copper gauze, then through
a series of three bubblers containing about 15 per cent potassium hydroxide and

.some Jead monoxide. The pure hydrogen was then bubbled through another
series of three bubblers containing conductivity water, dried by passing through
tubes containing phosphorus pentoxide, and lastly allowed to pass through tubes
packed with glass wool.

The nitrogen was purified by passing through tubes heated electrically to
about 450°C. and containing copper filings, then through a series of bubblers con-
taining successively dilute sulfuric acid, potassium hydroxide, silver nitrate, and
concentrated sulfuric acid, and lastly through a long tube packed with glass wool.

III. PREPARATION OF ELECTRODES AND SOLUTIONS FOR THE EVALUATION OF THE
STANDARD ELECTRODE POTENTIAL

In order to minimize the liquid-junction potential the cell used was of the
following type:

H,, HCIO, (zM), HCIO, (xM) + Hg,(ClOy). (z'M), Hg

in which 2’ was made small as compared with . Thus the two solutions became
nearly identical and the liquid-junction potential was negligible. For measure-
ments out of contact with atmospheric oxygen aspecial cell was used. This is shown
in figure 2, where A is the hydrogen electrode and B is the mercury half-cell.

For each measurement the previously standardized mercurous perchlorate
solution was diluted with an equal volume of perchloric acid, which was exactly
twice as concentrated as the acid used in the hydrogen half-cell. For measure-
ments out of contact with atmospheric oxygen, pure nitrogen was allowed to
pass through the solution to remove the dissolved oxygen; joint T was then
turned around, breaking the capillary tip of the electrode and allowing the solu-
tion to fill the evacuated space above the mercury.

The pure nitrogen used, as well as the hydrogen of the hydrogen electrode,
was saturated before use with water vapor at the vapor pressure of the solu-
tion. After each measurement the solution inside the electrode vessel was checked
for its composition by analysis, as will be seen later.

Perchloric acid

The British Drug Houses analar perchloric acid was used, from which solu-
tions of varying concentrations were prepared and accurately standardized against
standard sodium carbonate solutions.

The mercurous perchlorate

Exactly equivalent amounts of pure mercuric oxide and perchloric acid were
shaken together with an excess of pure mercury in the dark for a week, and the
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solution obtained was then filtered in the dark from excess mercury. The gram
molarity of this stock solution was determined by two different methods: namely,
the gravimetric estimation of mercurous mercury as mercurous chloride and
the volumetric estimation of mercurous perchlorate by means of standard sodium
chloride solution, using bromophenol blue as:indicator (23). The two methods
were found to agree with each other satisfactorily. From this stock solution
several others were prepared by accurate volumetric dilution, and the concentra-
tions of these diluted solutions were always checked by the two methods as stated
before.

Electrical measurements

The measurements were always carried out in duplicate with differently pre-
pared stock solutions. In the buffer solutions the measurements were performed
using a saturated calomel electrode as the reference half-cell. Following the
procedure suggested by Harned and Owen (9), the experimental E, pH value
of our saturated calomel electrode, as determined in buffers with acids of known
dissociation constants and involving all the necessary corrections, was taken
as 0.2448 v. at 25°C. The cells were always kept in an air thermostat fixed at
25°C. =+ 0.02°C.

The £.M.F. measurements were carried out using a calibrated meter bridge on
which accurate readings could be taken to 0.02 cm. A cadmium cell calibrated by
the National Physical Laboratory and an Onwood mirror galvanometer having a
sensitivity of 190 mm./microampere were used.

IV. RESULTS AND DISCUSSION

1. The behavior of the electrodes in solutions of varying pH and initially containing
no mercury 1ons in air

Consideration of the variation of potential with time as well as with the pH of
the solution for the three different types of electrodes revealed the following:

(1) In the case of electrodes of types A and B, the potential became fairly
steady within about 45 min. of immersion in unstirred solutions with pH'’s in the
range of 0.9 to 5.6. After 24 hr. it was noticed that there had been a slight drift
towards the more negative side. The results in this pH region were fairly repro-
ducible, although they were not so reproducible as in the more alkaline region.
In the more alkaline solutions, the steady-state potentials were reached within
a shorter period of time and remained quite constant for the next 24 hr. The
steady-state potentials for both types of electrodes were approximately the same
over the whole pH range.

(2) For electrodes of type C, the steady-state values were reached for pH’s
from 0.9 to 5.6 within about 30 min. and remained practically constant for the
next 24 hr. In more alkaline solutions the steady-state values were attained in
the first 15 min. after immersion and remained perfectly constant for the next
24 hr., which was the time limit of our experiments. The steady-state values for
electrodes of type C were always higher than the corresponding values for A
or B, although at the extreme alkaline side the values became approximately
the same.
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(8) By plotting the steady-state potential values against pH for the elec-
trodes of types A and C, the two curves shown in figure 3 were obtained. These
curves reveal the interesting fact that the potentials of the mercury electrode,
aswell as that of the mercury—merecuric oxide electrode, are linearfunctions of the
pH of the solution from the extreme acid to the extreme alkaline solutions, but
with a small break from about pH = 3 to the neutral point. The linearity of the
mercury-mercuric oxide electrode is, of course, in accordance with the well-
known principle of a true metal-metal oxide electrode. The question arises as
to the reason for the linearity in the case of metallic mercury electrodes. If it is
due to oxide film formation, then why does it not coincide with that
of the mercury—-mercuric oxide electrode?

Gatty and Spooner (8) observed similar phenomena when comparing the poten-
tial of the mercury electrode in alkali hydroxide with those of the mercury—mercuric
oxide electrode. The lower potential observed in the former case was given differ-
ent explanations: thus, they stated that it may be due to a slow saturation of
the interface with mercuric oxide, a conclusion which is, however, in marked
contrast to the fact that the direct addition of mercuric oxide to the solution im-
mediately raises the potential to the metal-metal oxide value. Also, the present
authors found that when the buffer solutions studied were previously saturated
with mercuric oxide, ultrafiltered from excess of solid mercuric oxide, and then
the behavior of the mercury electrode studied, the results represented diagram-
matically in figure 4 were obtained. In this diagram the potential of the mercury
electrode in each solution is shown against the logarithm of the time in hours
after which the measurements were taken. It may be seen that at first the po-
tentials approximated to the mercury—mercuric oxide potentials but after a cer-
tain time (which varies from one solution to another) the potentials decreased
towards the values obtained with metallic mercury. Gatty and Spooner also
claimed the possibility of mercuriate formation, which prevented the interface
from becoming saturated with mercuric oxide, but the mercuriate is expected to
be more readily formed at pH values far removed from the isoelectric point of
mercuric oxide. The isoelectric point of this oxide is expected to be at about the
neutral point (5, 6) and consequently the mercuriate will be formed more readily
in the more alkaline solutions. Figure 3 reveals, however, that the deviation
from the mercury-mercuric oxide potential is more pronounced in the less alka-
line solutions. Finally, Gatty and Spooner put forward a suggestion that initially
a less soluble oxide is precipitated and that this oxide is slowly converted to mer-
curic oxide. There is no definite proof as far as the present authors are aware for
the real existence of such a form of mercuric oxide.

When a metal is exposed to air, oxygen becomes adsorbed over the surface
and the metal becomes covered with an oxide film. In aqueous solutions, oxide
formation in air is usually attributed to the transfer of electrons to dissolved
oxygen, transforming it into OH ions which are attracted to the metal lattice
forming an oxide film. In the case of mercury we would expect the rate of this
process to be very slow, since metallic mercury, when in thermodynamic equi-
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librium with its own ions in solution, possesses in general a comparatively high
electropositive potential value. Now concerning the, probable formation of mer-
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curous oxide, although its existence is still a subject of controversy (1, 4), yet by
taking its heat of formation as —21,600 cal. (12), and an estimated value of about
32 cal. per degree for its entropy (12), the entropy of formation of mercurous
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oxide will be —29.5 cal. per degree and its free energy of formation —12,800 cal.
The potential of the couple:.

20H™ + 2Hg = Hg:0 + H,0 + 2

will be, therefore, equal to 0.123 v. as compared with 0.098 v. for the mercury-
mercuric oxide electrode (12). This indicates that the mercury—-mercurous oxide
electrode would possess potentials more positive than the corresponding po-
tentials of the mercury—-mercuric oxide electrode. This fact, which is only based
on calculations after certain estimations, is quite unusual, and the higher po-
tential of mercury-mercurous oxide relative to mercury-mercuric oxide also
indicates that the former will be unstable. From this, it can be concluded that
the behavior of the mercury electrode cannot be attributed to mercurous oxide,
and thus we are left with the possibility of the formation of mercuric oxide.
Owing to the liquid nature of metallic mercury, its molecules are capable of
movement throughout the bulk of the liquid and we should not expect an inhibi-
tive oxide film to form over the surface, but rather that most of the surface
should be the bare metal, especially in the less alkaline pH range where the
solubility of the oxide is greater. Since this is the case, one must take into con-
sideration the reaction Hg™ -+ Hg = Hgi™ and its equilibrium constant
[Hgi*1/[Hg] = 81 (12). The following processes are expected, therefore, to be
consecutively occurring at the surface of the electrode: (a) formation of mercuric
oxide at the electrode surface; (b) dissolution of mercuric oxide in the layer of
solution at the interface to give Hg™" and OH™ ions; (c) reaction of Hg™ ions with
mereury to give Hgs ™ jons; (d) diffusion of Hg™ and Hgi™ ions into the bulk of
the solution.

It may be suggested that since process (a) is slow, the concentration of Hg™
ions at the interface produced by process (b) will tend to, but may not, attain the
value corresponding to a saturated solution of mercuric oxide and in strongly
acid solutions, where the solubility of mercuric oxide is high, this difference is
likely to be very marked, leading to a potential much lower than the mercury-
mercuric oxide value. At higher pH values, as the solubility of mercuric oxide
decreases, the difference will be less, but will still be appreciable owing to the
participation of reaction (¢). Thus, if we suppose the rate of formation of mercurie
oxide was just sufficient to maintain a suturated film of mercuric hydroxide at
the electrode surface and then allowing for reduction, the potential under these
conditions would be also a linear function of the pH value but about 0.05 v.
lower than the mercury—-merecuric oxide value. Only where the rate of formation
of mercuric oxide exceeds the rate of removal of mercuric ions by diffusion out-
wards and reduction would the potential be expected to reach the mercury—
mercuric oxide value and this, as expected, is most nearly reached in alkaline
solutions where the solubility of mercuric oxide is least.

Another view is that the mercuric oxide formed tends to saturate the double
layer between the electrode and solution and at the same time, owing to reaction
(¢), reduction of Hg™™ to Hgi ™ will take place according to the previous equation
and governed by the corresponding equilibrium constant; then, in order to
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establish the disturbed equilibrium, more mercuric oxide will dissolve and this
will take place until finally we have the dynamic equilibrium:

HgO + H,O0 = Hg'™ + 20H"
+
Hg

I

Hgi ™
This increase in the solubility of the oxide, especially in the more acid solution,
will lead to an increase in the pH value, at least within the double layer, and
eonsequently the potential will be lower than expected from the original bulk pH
of the solution. In a comparatively strong acid solution, for example of pH = 1,
the [Hg™"] as calculated from the solubility product of mercuric oxide
([Hg™1.[0HT]? = 2.7 X 1072 (12)) will be equal to 2.7 gram-ions/liter; the cor-
responding [Hg?"] which must be present in equilibrium in the presence of
metallic mercury will be equal to 218.7 gram-ions/liter, which is an enormous
quantity and must affect the pH value of the solution to such an extent that
this solubility cannot be reached.

Against the first view is the reproducibility of the results, and it can be shown
also that the mercury ions present at any lower pH value, as determined from the
measured potentials in these solutions, are enough to exceed saturation at higher
pH values as expected from the solubility product of mercuric oxide. This is the
case s0 long as there is no reason to consider that the rate of formation of mercuric
oxide at higher pH values is less than at lower pH values.

The only difficulty with the second view is that in order to account for the
discrepancy in potential, we must expect a local increase of pH amounting in
some cases to some 1-2 pH units and, as we are working in a well-defined buffer
solution, such change of pH may be looked upon to be unlikely as well as its long
persistence at the electrode surface.

At this stage, therefore, although the experimental data suggest the existence
of an oxide over the surface of metallic mercury electrodes in air, yet itis probably
impossible to reach any certain conclusion as to the reason for the discrepancy
between the potential of the mercury electrode in air and the mercury-mercuric
oxide.!

From the general trend of the potential-pH curves of both the mercury elec-
trode and the mercury-mercuric oxide electrode it can be noticed that a break
always occurs between pH 5 and about the neutral point. This break, which is
similar to that obtained with the copper electrodes (21), can be explained upon
the basis of the amphoteric character of mercuric oxide, which dissociates as a
base below and as an acid above the isoelectric point. The iscelectric point of

1 Bince the authors are at present in the University of Liverpool, working with Dr. A,
Hickling, they intend to study the anodic behavior of metallic mercury in solutions of
varying pH and to follow the new method introduced by Hickling, using the cathode-ray
oscillograph (10). Such a study is expected to throw some light on this point.
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mercuric oxide is expected to be slightly on the alkaline side of the neutral point
(5, 6); its exact position was determined by the present authors and found to be
at about pH 7.5. The method of determination as well as a detailed discussion of
this point will be published later. The fact that the break in the potential-pH
curves appeared to be slightly on the acid side is of course in accordance with our
previous discussion, that the pH value of the solution at the interface is higher
than the original pH value of the solution.

2. The behavior of the electrodes in solutions of varying pH and initially containing
no mercury ions out of contact with air

Mercury electrodes prepared after subjecting the metal near its boiling point
for four times to the action of hydrogen, then distillation, and lastly to high
"~ vacuum when examined in oxygen-free solutions revealed the following: (1)
In the unstirred solutions the potentials became nearly steady in almost all solu-
tions within 1 to 1.5 hr. of immersion and remained practically constant for the
next 24 hr. (2) By plotting the attained equilibrium potentials against pH the
curve shown in figure 5 was obtained, which reveals more or less constancy in
the potential of the mercury electrode up to about pH 5. Throughout this range
the potential of the mercury electrode in complete absence of oxygen was about
0.54 v. The reproducibility of the results within this pH range was only of the
order of 1.5 centivolts.
Above pH 5 the protected electrode also began to show potentials which were
a linear function of the pH. In a similar manner as in Section I, it can be shown
that the linearity in the potential of the mercury electrode with pH was due to
the formation of mercuric oxide and to the mercuric-mercurous equilibrium in
the presence of metallic mercury. The state of affairs occurring on the surface of a
metallic mercury electrode under these conditions can be explained as follows:
When & pure metal is dipped into an aqueous solution containing no jons of this
metal and also in the absence of dissolved oxygen, which may act as electron
acceptor, the potential of this metal in the comparatively acid solutions is ex-
pected to be extremely negative, leading to dissolution of the metal and the dis-
charge of hydrogen ions. The potential observed in this case is expected to be
governed by the potential of the hydrogen electrode at the corresponding pres-
sure and the pH prevailing within the double layer, and also with the hydrogen
overpotential on the particular metal. In more alkaline solutions, owing to the
increased [OHT], a state is expected to be reached where the [OH™] together
with the metal ions present will be enough to saturate the interphase with the
metal hydroxide; hence the metal will again start functioning as a metal-metal
oxide electrode.

8. The evaluation. of the standard potential of mercury

From the previous study it is clear that in air an oxide film persists on the
surface of metallic mercury in aqueous solutions from extreme acid to extreme
alkaline solutions, while out of contact with atmospheric oxygen and after sub-
jecting the mercury four times to the reducing action of hydrogen and distilla-
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tion, such an oxide only appears at pH values above 5. Measurements of the
mercury electrode potential in mercurous salt solutions under these latter condi-
tions will be expected to give the exact standard potential of the metal. For this
determination and in order to overcome the liquid-junction potential the cell
of the type:

H,, HCIO, (xM), HCIO; (M) + Hgy(ClOy): ('M), Hg

was constructed, as stated before, in such a way as to allow the measurements to
be taken out cf contact with air (figure 2). For comparison, the same cell was
also studied without the rigorous protection from atmospheric oxygen. In table 1
are given the results of the equilibrium values of one set of measurements for
both the protected and the unprotected electrodes. For the protected electrodes
the equilibrium was found to be attained within the first 30 min. and to remain

TABLE 1
Equilibrium values of one set of measurements for both protected and unprotected elecirodes
coxcEgor or %°°”%§§3<‘66‘35 U nnwan G ESESETL | maam  MOYorows
I
M ( M | volls volis volls volls
0.1012 ‘ 0.00568 \ 0.7820 0.7803 0.7989 { 0.7972
0.00284 ‘ 0.7731 0.7715 0.7989 0.7973
0.00142 | 0.7647 0.7627 j 0.7991 0.7971
0.0500 0.00142 0.7839 0.7822 0.7987 0.7970
0.000766 0.7760 0.7743 0.7987 | 0.7970
0.000369 ' 0.7671 0.7991 |
0.0100 0.000738 . 0.8198 ‘ 0.8182 0.7985 1 0.7969
0.000341 0.8097 : 0.8085 0.7984 | 0.7972
0.000170 | 0.8010 0.7997 0.7986 ‘ 0.7973
Mean....... IREEERTRTRRR. ‘( ............................ 0.7988 ‘ 0.7971

constant for several hours. In the unprotected electrode the equilibrium was
attained after 1 hr. and remained constant for a few hours, after which a drift
was noticed.

The reaction taking place in the cell can be represented as follows:

H. 4+ Hg™ = 2Hg + 2H*
Therefore

RT a%x 'a§a+
E=E — Z=In 2 52" 1
) @
Since mercury and hydrogen are at their standard states, equation 1 at 25°C.
reduces to:
_ 005915, b

2 Qg™

E=Eo
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It is, therefore, only necessary for calculating the standard electrode potential
to determine the activity of hydrogen ion in the hydrogen half-cell and that of
mercurous ion in the mercury-mercurous perchlorate half-cell. Following the
procedure of Lewis and Randall (13) for caleulation of the activity coefficient
at various ionic strengths, the E, values in the case of the unprotected and the
protected electrodes were calculated and given in the last two columns of table 1.
The measurements obtained in air, as can be seen from the table, gave a mean E,
value of 0.7988 v., which agrees with that obtained by Linhart (15) after being
corrected by Lewis and Randall (14). Out of contact of air the mean E, value is
0.7971 v., which is the true standard potential of mercury. As in the case of the
copper electrode (20), the maximum error in our measurements is 0.0004 v.

V. SUMMARY

1. The behavior of the mercury electrode in solutions of varying pH and
initially free from mercury ions was examined from the extreme acid to the
extreme alkaline range and the probable existence of an oxide film on the surface
of the metal was discussed.

2. A new apparatus and technique were described for measuring the potential
of mercury out of contact with air. By comparing the results obtained in and out
of contact with air in the solutions of different pH values and initially free from
mercury ions a set of conditions was chosen leading to the evaluation of the true
standard electrode potential.

3. The standard electrode potential of mercury was determined using this new
technique and found to be 0.7971 v. at 25°C., as compared with the value of
0.7988 v. at 25°C. in air.

The authors wish to express their thanks to Dr. A. Hickling for kindly reading
through this paper.

REFERENCES

(1) ArLmanD: Z. Elektrochem. 18, 254 (1910).
(2) Coux:J. Am. Chem. Soc. 49, 173 (1927).
ConN, BEYROTH, AND MENKIN: J. Am. Chem. Soc. 50, 696 (1928).
(3) Frick: Z. anorg. allgem. Chem. 166, 244 (1927).
(4) FRICK AND ACKERMANN: Z. anorg. allgem. Chem. 211, 233 (1933).
(5) GARRETT AND HirscHLER: J. Am. Chem. Soc. 60, 299 (1938).
(6) GARRETT aAND HoweL: J. Am. Chem. Soc. 61, 1730 (1939).
(7) GATTY AND SPOONER: The Electrode Potential Behaviour of Corroding Metals in Aqueous
Solutions, p. 108. University Press, Oxford (1938).
(8) Reference 7, p. 122.
(9) HarNeED aND Owex: The Physical Chemisiry of Electrolytic Solutions, pp. 316 et seq.
Reinhold Publishing Corporation, New York (1943).
(10) HicrrinG: Trans. Faraday Soc. 41, 333 (1945); 42, 518 (1946).
HickriNne AND Spice: Trans. Faraday Soc. 48, 762 (1947).
Hickring aNDp Tayvror: Discussions Faraday Soc. No. 1, 277 (1947); Trans. Faraday
Soc. 44, 261 (1948).
(11) Kovrruorr: Cited by H. T. 8. Britton in Hydrogen Ions, 2nd edition, p. 219, Chapman
& Hall, Ltd., London (1932).



UNPAIRED ELECTRON IN CARCINOGENESIS 1383

(12) LaTiMER: The Oxidation States of the Elements and their Potentials in Aqueous Solu-
ttons, p. 161. Prentice-Hall, Inc., New York (1938).

(13) LEwis anp Raxparn: Thermodynamics and the Free Energy of Chemical Substances,
p. 382. McGraw-Hill Book Company, Ine., New York (1923).

(14) Reference 13, p. 418.

(15) LiNgART: J. Am. Chem. Soc. 38, 2356 (1916).

(16) MatuTR aND NEvVGY: Z. Physik 100, 615 (1936).

(17) OsTwaLD AND ScuicH: Z. physik. Chem. 17, 183 (1895); 18, 159 (1895); 34, 495 (1900).

(18) PavrirzscH: Cited by H. T. 8. Britton in Hydrogen Ions, 2nd edition, p. 219. Chapman
& Hall, Ltd., London (1932).

(19) RaNpaLL AND YoUNG: J. Am. Chem. Soc. 50, 989 (1928).

(20) ScuicH: Z. physik. Chem. 42, 155 (1903).

(21) Tourky aNp EL WakgaD: J. Chem. Soc. 1948, 740.

(22) Tourky aND Er Waxkap: J. Phys. & Colloid Chem. 53, 1126 (1949).

(23) VogEeL: Textbook of Quantilative Inorganic Analysis, p. 8316. Longmans, Green and Com-
pany, New York (1946).

(24) WavrroLe: Cited by W. M. Clark in The Determination of Hydrogen Ions, p. 305. The
Williams & Wilkins Company, Baltimore (1928).

(25) ZacHARIASEN: Z. physik. Chem. 128, 421 (1927).

COMMUNICATIONS TO THE EDITOR

THE ROLE OF THE UNPAIRED ELECTRON IN
CARCINOGENESIS

Homolytic organic reactions resulting from single-electron transfer processes
have been intensively studied only during the last ten years. A consequence of
such reactions is the formation of a chemical molecule with an unshared valence
electron. A molecule of this kind is endowed with many peculiar properties.
The magnetic moment of the odd electron is not compensated by the magnetic
moment of an electron with antiparallel spin. Therefore, the molecule is para-
magnetic and it possesses the ability to initiate a multitude of very strange
chemical reactions. These reactions usually occur with a low energy of activa-
tion, so that, like the reactions of enzymes, they may occur with great facility
at the temperature of the human body. One of these reactions is especially in-
teresting. A molecule with an unpaired electron (a so-called free radical) is able
to initiate a chemical chain reaction. A single odd-electron molecule may initiate
a reaction chain involving thousands of molecules of substrate. Chain reactions
of this sort may be accompanied by an enormous evolution of energy. For
example, chemical explosions and the combustion of inflammable materials are
chain reactions, initiated by molecules with an unshared electron.

It has been experimentally established that azo compounds, complex hydro-
carbons, organic amines and their derivatives, actinic radiation, x-rays, and
the radiation from radioactive materials are able to form free radicals (W. A.
Waters: The Chemistry of Free Radicals, University Press, Oxford (1946)). It has
also been experimentally established that azo dyes, complex hydrocarbons,



