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THE CONTRIBUTION OF ELECTROSTATIC COIJPLING TO 
ELECTRICAT. MIGRATION IN CHRONOPOTENTIOMETRY 

The nature and effect of electrostatic coupling in chronopotentio- 
metry are considered. General flow equations are presented. The 
Morris-Lingane equation describing the variation of transition time 
with supporting electrolyte concentration is shown to follow from a 
simplified form of the general equations. The discrepancies between 
the Morris-Lingane treatment and experiment are explained. 

M. D. MORRIS, 
J. Electroanal. Chem., S (1964) 1-4. 

THE INFLUENCE OF HYDROLYSIS ON THE DEPOSITION 
AND CO-DEPOSITION OF IRON-GROUP METALS (Fe, Co, Ni) 

AT THE DROPPING MERCURY ELECTRODE 

- The deposition'ana co-deposition of iron(I1). cobalt(I1) and nickel(I1) 
ions were studied polarographically in weakly acid (pH 3-j.5) so- 
lutions. Variation of pH in this region does not affect the waves. By 
adding oxygen to the solution, high pH values were generated at  the 
electrode surface (02+2 H z O + ~  e+4 OH-) leading to hydrolysis of 
the discharging metal ions. Hydrolysis not only reduces the concen- 
tration of the discharging species due to Me"+2 OH-+Me(OH)zJ but 
also leads to adsorption of hydroxides a t  the interface. Chronopotentio- 
metric measurements showed that about 3.. 10-10 moleslcm2 F ~ ( O H ) Z  
are adsorbed a t  the electrode. Hydrolysis changes the rate of single 
metal discharge only slightly, but has a strong effect on the co- 
deposition of metals. The discharge of one metal can be suppressed by 
the presence of a second iron-group metal. Ferrous ions cause the 
strongest suppression followed by cobaltous ions. The same sequence 
(FeZ+>Coz+> Niz+) is found in the suppression of T1+ discharge. This 
sequence is interpreted on the basis of adsorption measurements. 

H. D ~ H M S ,  
J .  Electroanal. Chem.. 8 (1964) 5-1 2 .  

DIRECT MEASUREMENT OFTHE DIFFUSION COEFFICIENTS 
OF IONS IN AQUEOUS SOLUTION IN PRESENCE OF A 

SUPPORTING ELECTROLYTE 

Philpot-Svenson's oblique slit method for the measurement of the 
diffusion coefficients of ions or molecules in solutions containing an 
excess of supporting electrolyte has been adapted. The tests \\,ere 
carried out for hydroquinone in 0.5 M sulfuric acid. 

The scatter of the measurements varies from 1.2 'to 1.8% between 
2.8 and 2 jO. 

The system studied follows the Stokes-Einstein relation. 

4. XI.  BATICLE, 
J. Electroanal. Chem., 8 (1964) 13-19. 



EFFECTS OF ANIONS AND CATIONS ON OXYGEN REDUC- 
TION AND OXYGEN EVOLUTION REACTIONS ON PLATINUM 

ELECTRODES 

The effects of the addition 10-4-10-1 M of various anions and cations 
to I N H2SO4 or I M NaOH solutions on oxygen-reduction a t  pre- 
anodized and pie-cathodized platinum electrodes were examined by 
measuring coulombic efficiency for formation of hydrogen peroxide 
(calculated on the basis of 0 2  + Hz0 + 2 e + OOH- + OH-) and 
also by current-potential curves. In  I M NaOH, oxygen was reduced 
to hydrogen peroxide with an efficiency of almost 100% a t  the pre- 
anodized electrode. However, in the presence of Bat+, Srz+, and CaZ+ 
in I M NaOH, the efficiency decreased to 1o-15% with increasing 
concentration of the ions. In I N HzS04, oxygen was reduced mainly 
to water and the coulombic efficiency for hydrogen peroxide formation 
was only 1o-20%, but in the presence of C1- and Br- ions this 
efficiency increased to 50-60s Current-potential curves indicated 
that overpotential of the oxygen reduction a t  the platinum electrodes 
increased in the presence of Baz+, Srz+, and Caz+ ions in I M NaOH, 
and in the presence of C1- and Br- ions in I N HzS04. Catalytic activity 
of the platinum electrodes for hydrogen peroxide decomposition in I M 
NaOH and I N HzS04 with and without the addition of the anions 
and cations was also measured. 
These results are discussed on the basis of ion-exchange adsorption of 
cations and anions on the oxide-covered platinum electrodes. I t  is 
concluded that the oxygen reduction on platinum is not one process, 
but a t  least two processes including 0 2  + Hz0 + 2 e + OOH- + 
OH- in alkaline solution and 0 2  + 2 H+ + 2 e + He02 in acid 
solution, and the proportion of hydrogen peroxide formation depends 
on the surface condition of the electrode, such as presence of oxide 
film and/or adsorption of anions and cations. 

Oxide films and/or adsorbed oxygen which exist on the platinum 
electrodes were summarized and a voltammetric study of a special 
oxide film formed on an excessively anodized platinum electrode 
was described. Overpotential of oxygen evolution on other metals 
and graphite as well as on P t  in I M NaOH increased by 1 5 ~ g o  mV 
when Baa+, Sr2+, or Ca2+ ions were added to the electrolyte. 

A. KOZAWA, 
J .  Electvoanal. Chem., 8 (1964) 20-39. 

DERIVATIVE POLAROGRAPHIC TITRATION OF TERTIARY 
AMINES AND SALTS OF ORGANIC ACIDS IN ACETIC ACID 
IN THE PRESENCE OF ANTIMONY AND QUINHYDRONE 

ELECTRODES 

Derivative polarographic titration of some tertiary amines and salts of 
organic acids with perchloric acid in a mixture of glacial acetic acid and 
acetic anhydride, with two antimony or quinhydrone electrodes is 
described. The advantages of the method over potentiometric titration 
are that a sharper end-point is obtained and the use of a reference 
electrode and a salt bridge is avoided. The rather long time required 
for the titration of certain systems is a disadvantage. Quinhydrone 
electrodes give sharper titlation end-points than antimony electrodes, 
but titrations with the latter can be accomplished more rapidly. The 
results obtained are in very good agreement with those obtained by 
potentiometric titration and afford excellent reproducibility. 

V. VAJGAND AND T. PASTOR, 
J .  Electvoanal. Chem., 8 (1964) 40-48. 



DETERMINATION OF TERTIARY AMINES AND SALTS OF 
ORGANIC ACIDS IN GLACIAL ACETIC ACID BY DEAD-STOP 

METHOD 

In this work. compounds containing tertiary nitrogen and salts of 
organic acids were titrated with perchloric acid by a dead-stop method 
in a mixture of glacial acetic acid and acetic anhydride. With anti- 
mony electrodes the stationary state was quickly established, the 
current was stable and the end-point was indicated by a sharp mini- 
mum in the current. Titrations in the presence of quinhydrone elec- 
trodes required a longer time and at  the titration end-point the 
current was sharply reduced to a value which remained constant on 
further titration. 

The effect of various amounts of acetic anhydride on the sharpness 
of the end-point in the presence of antimony, and quinhydrone elec- 
trodes has also been studied. 

V. VAJGAND AND T. PASTOR, 
J .  Electroanal. Chem., 8 (1964) 49-54. 

ELECTROCHEMICAL BEHAVIOR OF COPPER IONS AND 
SILVER ION IN HYDRACRYLONITRILE AND SOME 

RELATED NITRILES 

The electrochemical behavior of copper ions in hydracrylonitrile and 
related nitriles has been investigated. I t  is of interest to note that in 
hydracrylonitrile copper(I1) ion is soivated by the nitrile group, 
whereas in I : I alcohol-nitrile mixtures, i t  is solvated by the hydroxyl 
group. This unusual situation appears to  be due to the fact that 
hydracrylonitrile (dielectric constant, 65), I : I ethanol-acetonitrile 
mixture (dielectric constant, 32). and I : I I-butanol-propionitrile 
mixture are polar solvent systems and, therefore, favor the more polar 
solvated form of copper(I1) ion. This, in hydracrylonitrile has the 
the solvent molecules oriented with the nitrile group attached to 
copper(I1) ion and the hydroxyl group sticking out and forming a 
polar outer sheath and in I : I alcohol-nitrile mixture has alcohol 
rather than nitrile molecules in the co-ordination sphere. Nitrile- 
solvated copper(I1) ion with an outer sheath consisting only of alkyl 
groups behaves like a non-polar solute. 

In view of the absence of any solvent effect on the potentials of the 
copper couples in hydracrylonitrile, 3-butenenitrile, and in the 
alkoxypropionitriles, copper ions are most likely solvated by the trans 
conformer of these solvents. The effect of substituents in the 3-position 
in propionitrile i.e., on the basicity of the nitrile group on the potentials 
of the copper couples, is consistent with the influence of the substi- 
tuents on other functional groups in different compounds. 

Except for the fact that silver(1) ion is reduced at  potentials more 
positive than those a t  which copper(1) ion is reduced, the electro- 
chemical reduction of silver(1) ion in hydracrylonitrile and related 
nitriles is similar to that of copper(1) ion. 

I?. FARHA, JR. AND R. T. IWAMOTO, 
J .  Electvoanal. Chem., 8 (1964) 55-64. 



REVIEW 

GLOW-DISCHARGE ELECTROLYSIS 

The methods and results of glow-discharge electrolysis have been 
reviewed and an attempt has been made to pick out the essential 
features of the process. I t  is interpreted as a form of electrolysis in 
which energy transfer as well as charge transfer is involved, and this 
serves to break up solvent molecules into reactive radicals which 
produce the chemical reactions observed. The energy is conveyed by 
gaseous ions accelerated in the electrical field near the liquid surface, 
and the process has much in common with radiolysis in which the 
individual particles are of low energy but the dose-rate is extremely 
high. 

A. HICKLING AND M. D. INGRAM, 
J .  Electroanal. Chem., 8 (1964) 65-81. 

A NOTE ON THE DESIGN AND HANDLING OF A 
STATIONARY DROP ELECTRODE 

(Short Communication) 

J. J. VOGEL. 
J .  Electroanal. Chem., 8 (1964) 82-84. 
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JOURNAL OF ELECTROANALYTICAL CHEMISTRY 

THE CONTRIBUTION OF ELECTROSTATIC COUPLING TO 
ELECTRICAL MIGRATION IN CHRONOPOTENTIOMETRY 

MICHAEL D. MORRIS* 

Department of Chemistry, Haward Univevsity, Cambridge 38, Mass. (U.S.A.)  

(Received March  st, 1964) 

In a recent communication MORRIS AND LINGANE~ presented without proof an 
equation to describe the variation of the chronopotentiometric transition time with 
supporting electrolyte concentration (eqn. (31) of reference I). This communication 
describes the origin of that equation and explains the discrepancies between it and 
experiment. 

The discussion will be restricted to the case of the reduction of a metal ion in the 
presence of any amount of a supporting electrolyte, the anion of which is the same as 
the counter-ion to the reducible species. Examples of such a system are thallous 
sulfate-potassium sulfate and cupric sulfate-potassium sulfate, which have been 
studied by MORRIS AND LINGANE~. 

As the metal ion is reduced in such a system, a concentration gradient is set up 
and metal ion diffuses toward the electrode in response to that gradient. Metal ion 
also moves toward the cathode in response to the potential gradient. Simultaneously, 
an amount of anion exactly sufficient to maintain electrical neutrality moves in the 
other direction. 

A concentration gradient of the non-reducible cation is also being built up. The 
magnitude of this concentration gradient will depend upon the relative concentra- 
tions of the two electrolytes present and upon the difference in mobilities of the three 
ions in solution. This gradient always acts in such a way as to lessen the effect of 
electrical migration. 

In the formal derivation of the flow equations, the reducible cation is identified 
by the subscript, I, the cation of the supporting electrolyte by the subscript, 2, and 
the common anion by the subscript, 3. The notation is consistent with that of refer- 
ence I exept that the current density is here designated by io. 

Flow equations of the form of eqn. (I) can be written for each of the three ionic 
species present 

* Present address: Department of Chemistry, The Pennsylvania State University, University 
Park, Pennsylvania, U.S.A. 

J .  Elsctroanal. Chem., 8 (1964) 1-4 



2 M. D. MORRIS 

Fol three ionic species the electro-neutrality relationship assumes the form 

The current density at  any point in the solution is related to the weighted sum of 
the fluxes by 

Equations (2) and (3) may be introduced into the system of eqns. (I) to eliminate 
the potential gradient terms and the terms in one of the concentrations. For con- 
venience, terms in the anion concentration, Cs, are eliminated. 

Performance of the necessary manipulations reduces the system of eqns. (I) to 

where 

and 

DI,I and D2.2 are the main diffusion coefficients. Dl,a and D2,1 are the cross-term 
diffusion coefficients. 

To understand the significance of the three terms on the right-hand side of each 
of eqns. (4) and (5)  it is useful to consider the case where io = o, that is, free diffusion 
in a system containing three ionic species. 

If one electrolyte is allowed to diffuse through another, a concentration gradient 
of the initially homogenous electrolyte is built up and then decays as the solution 
approaches equilibrium. The experimental evidence has been reviewed by Gos- 
T I N G ~ .  The concentration gradient arises because of the unequal mobilities of the ions 
of the diffusing electrolyte. The faster ion tends to outrun the slower ions during 
diffusion. In order to maintain electro-neutrality, the ion of the common electrolyte 
of the same sign as the faster ion of the diffusing electrolyte moves in the opposite 
direction. The phenomenon is called electrostatic coupling. 

By the same procedure used here to derive eqns. (4) and (5) ,  GOSTING and co- 
workers2 have derived equations to describe three-component ionic diffusion. 
GOSTING'S equations do not contain terms in zi2DsCr because they are derived from 

J .  Electroanal. Chem., 8 (1964) 1-4 



EFFECT OF ELECTROSTATIC COUPLING IN CHRONOPOTENTIOMETRY 3 

the premise that the net current in the solution is zero, not io. Otherwise they are 
identical with eqns. (4) and (5). 

Comparison of eqns. (4) and (5) with the equations for free diffusion shows that 
the non-zero cross-term diffusion coefficients and the variable main diffusion coeffi- 
cients appear here because of electrostatic coupling, the effect which the diffusion 
of one ion has on the concentration gradients of the others through the maintenance 
of electro-neutrality. The inconstancy of the D's in these equations results from the 
fact that the magnitude of the coupling depends upon the relative concentrations 
of the two electrolytes. 

In the chronopotentiometric case, Dl.1 varies at  the electrode surface from its 
value at the start of the electrolysis to Dl at  the transition time. D1.z variesfrom its 
initial value to zero at the electrode surface at  the transition time, (Cl(o,t) = 0). 

These variations reflect the fact that electrostatic coupling becomes unimportant 
in the presence of excess supporting electrolyte and eqn. (4) reduces to Fick's first 
law. 

The terms z12ClDlI~ and zz2CzDz~ may be formally identified as the instantaneous 
transference numbers of the reducible and non-reducible cations. These transference 
numbers represent the fraction of the current carried by thereducible or non-reducible 
cation as a function of time and distance. The instantaneous transference number of 
the reducible cation approaches zero in the region of the electrode surface as the 
transition time is reached. The instantaneous transference number of the non- 
reducible cation approaches the value it has in a pure solution of the supporting 
electrolyte. In other words, the effect of electrical migration on the flux of the reduc- 
ible cation diminishes during the course of a chronopotentiogram. 

In order to render eqn. (4) tractable, MORRIS AND LINGANE~ tacitly make the 
following assumptions: Dl,l is held constant at some particular value; the instan- 
taneous transference number, T I ,  is held constant; the term D1,z3Ca/3x is set equal 
to zero. 

MORRIS AND LINGANE choose the initial values of DlSl and T I .  With these assump- 
tions eqn. (4) reduces to 

from which one can immediately write 

The usual chronopote~ltiometric initial and boundary conditions obtain. Application 
of these conditions to eqn. (12) leads to the following expression 

or, at the transition time, z 

Equation (14) has been used by MORRIS AND LINGANE~ to evaluate chronopotentio- 

J .  Electroanal. Chem., 8 (1964) 1-4 



4 M. D. MORRIS 

metric data for the reduction of thallous and cupric ions in the presence of various 
amounts of supporting electrolyte. 

The estimate of the transition time provided by eqn. (14) will usually be greater 
than the experimental value. I t  is based on the assumption that there is no concentra- 
tion gradient of the supporting electrolyte, and that the fraction of the current 
carried by the reducible cation remains at  its initial value. But, as has been pointed 
out above, a concentration gradient of the supporting electrolyte must be set up if 
the ions have unequal diffusion coefficients and this gradient acts in such a way as to 
reduce the migration effect on the reducible cation. The migration effect is further 
over-estimated by the assumption that the transference number of the reducible 
cation remains consta~t. Since the forces causing transport of the reducible cation 
to the electrode surface ale over-estimated in the derivation of eqn.(14), the time 
required to reduce the surface concentration of that ion to zero, the transition time, 
is over-estimated. 

The degree of departure of eqn. (14) from experiment will depend upon the direc- 
tion in which Dl.1 varies during the course of the chronopotentiogram. For thesystem 
thdous sulfate-potassium sulfate, Dl,l increases during the electrolysis. The choice 
of the initial value, which is the smallest obtained by Dl.1, tends to compensate for 
the exaggeration of the migration effect in eqn. (14). MORRIS AND LINGANE~ obtained 
good agreement between eqn. (14) and experiment for the reduction of thallous 
sulfate in the presence of various amounts of potassium sulfate. Since Dl,l decreases 
throughout a chronopotentiometric reduction of copper sulfate in the presence of 
potassium sulfate, eqn. (14) should provide a less accurate description of this system, 
in accord with the findings of MORRIS AND LINGANE. 
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SUMMARY 

The nature and effect of electrostatic coupling in chronopotentiometry are considered. 
General flow equations are presented. The Morris-Lingane equation describing the 
variation of transition time with supporting electrolyte concentration is shown to 
follow from a simplified form of the general equations. The discrepancies between 
the Moms-Lingane treatment and expe~iment are explained. 
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THE INFLUENCE OF HYDROLYSIS ON THE DEPOSITION AND CO-DE- 
POSITION OF IRON-GROUP METALS (Fe, Co, Ni) AT THE DROPPING 

MERCURY ELECTRODE 

HARALD DAHMS 

IBM Watson Research Center. Yovktown Heights, New Yovk ( U . S . A . )  

(Received March 12th. 1964) 

INTRODUCTION 

The occurrence of hydrolysis due to local high pH values at  the electrode is a common 
feature in the electrodeposition of the iron-group metalsl. The presence of hydroxides 
has been observed at  the electrode-solution interface2 as well as in the electrodeposits 
obtained3.4. The participation of MeOH+ in the rate-determining step of the discharge 
reaction has been postulated for all iron-group metals (Fe5, Co6, Ni7). 

Although the existence and the importance of hydrolysed species in electro- 
deposition has been realized, their role in the electrodeposition of iron-group metals 
is by no means understood. Hypotheses range from the assumption of a blocking 
effect on the electrode surface and a decrease in the concentration of reactive spe- 
cies4.8.9 to the postulation of their direct participation in the discharge5-7. Inves- 
tigations on the effects of hydrolysis are complicated by the fact that hydrolysis is 
only one factor among several others10~11 which affect the composition and the 
structure of the interface during deposition. 

An investigation on the effects of hydrolysis at  the dropping mercury electrode 
avoids several complications, mainly due to the fact that no simultaneous hydrogen 
discharge is taking place. A few observations have been made on the effect of pH 
on the polarographic behavior of Fez+, Ni2+ and Co2+. IVANOV AND 1 0 ~ ~ 1 2  observed 
a small shift of the iron-wave with changing pH. BRDICKA~~ found a small "wave" in 
the discharge of cobaltous ions which he attributed to CoOHf. On the other hand 
DANDOY AND G I E R S T ~ ~  in their careful study of the discharge kinetics of Ni2f came 
to the conclusion that the rate-determining step does not involve any hydrolysed 
species. 

The mercury electrode enables the metal discharge reaction to be studied in both 
the presence and the absence of hydrolysis. Under ordinary polarographic conditions 
no local high pH values leading to hydrolysis will occur in the vicinity of the electrode. 
On the other hand, hydrolysis effects can be caused on the mercury electrode by 
hydroxide ions generated in reactions such as, e.g., 0 2  + 2 Hz0 + 4 e -> 4 OH-, or 
103- + 3 Hz0 + 6 e -+ I- + 6 OH-15. These features of the mercury electrode will 
be used here in order to establish the role of hydrolysis in deposition and co-deposition. 
So far, no attempts have been made to relate hydrolysis effects to phenomena oc- 
curring in the co-deposition of iron-group metals. 

J. Electyoanal. Chem., 8 (1964) 5-12 
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EXPERIMENTAL 

The polarograms were obtained by conventional polarographic techniques except 
that instantaneous currents during drop life were measured in order to simplify 
interpretation of the results. The Sargent Model XV polarograph used was modified 
only by feeding the cell current into a fast recorder (Sargent Recorder MR, full 
scale deflection in I sec). 

The cell, a standard H-type polarographic cell, was kept at 25 f I' by means of 
a water-jacket. The two compartments of the cell were separated only by a porous- 
glass disk. The inner resistance of the cell was below 10 52. A Hg/HgzSO4, Na2S04 
(satd.) counter electrode was used, the potential of which was controlled against a 
saturated calomel electrode. 

The adsorption of Fe(0H)z was measured by rapid galvanostatic charging (o- 
riginated by BOWDEN'=) utilizing the reaction Fe(OH)2 + OH- - e + Fe(0H)a. For 
these measurements, the flow-rate of mercury was adjusted so that a drop was 
formed approximately each 10 sec. The measurements were made at  a drop life of 
5 sec. At this time, the change-over from the constant potential to the constant 
current circuit was effected manually. For this purpose a special switch" was built 
with a switching time of less than 50 psec. The constant current was provided by 
a go-V battery source with a variable high resistance in series. The potential-time 
curves were recorded on an oscilloscope (Tektronix, Type 545A) and could be photo- 
graphed by means of an attached camera (Tektronix C-12). 

Solutions were prepared from reagent-grade chemicals and doubly-distilled water. 
High-purity nitrogen was used to remove other dissolved gases from the solution. 
Solutions containing dissolved oxygen were prepared from high-purity oxygen 
(Matheson), minimum purity 99.9%. The pH of the solution was measured immedi- 
ately before and after an experiment in the cell by means of a glass electrode. 

RESULTS 

Figures 1-3 show the polarographic waves of the iron-group metals in Nz (left-hand 
Figs.) and in solutions containing 0 2 .  The flow-rate of mercury was 2.36 mg sec-1 
in all cases. At potentials more cathodic than -1.1 V vs. S.C.E., 0 2  is reduced to 

ELECTRWE POTENTIAL (VOLTS vsSCE.) 

Fig. I. Polarograms (maximal currents during drop life t~ = 3.1 sec) of Ni2+ ions in 0.5 moles/l 
NaeSOr, pH = 5.1 Concn. Nis+ given in moles/l. Left: air-free; dashed line, pH adjusted to 3.0. 

Right: solution saturated with I atm 02; pH = 5.1; dashed line, [Fez+] = o. 

J .  Elcctroanal. Chem., 8 (1964) 5-12 



HYDROLYSIS AND (CO-)DEPOSITION OF Fe, Co, Ni AT THE D.M.E. 7 

OH- ions quantitatively, no Hz02 being formed's. The presence of 0 2  in the solution 
of Fez+ did not oxidize any measurable amount (< 0.1%) of this ion during the time 
of contact (10 min). No Fe3+ could be detected polarographically immediately after 
the runs. The fact that the Ni2+-polarogram (air-free) is stretched out and does 
not reach the limiting current is in good agreement with recent workl4. I t  should be 
noted here that similar experiments were carried out in other electrolytes (NaC104, 

ELECTRODE POTENTIAL (VOLTS v a  S.C.E.) 

Fig. 2. Polarograms (maximal currents during drop life t~ = 3.1 sec) of Coz+ ions in 0.5 moles/l 
NaeSOs, pH = 5.0. Concn. Coz+ given in moles/l. Left: air-free; dashed line, pH adjusted to 2.9. 

Right: solution saturated  with'^ atm 02; pH = 5.0; dashed line, [Co2+] = o. 

ELECTRODE POTENTIAL (VOLTS v r  S.C.E.) 

Fig. 3. P~larograms (maximal currents during drop life t~ = 3.1 sec) of Fez+ ions in 0.5 moles/l 
Na~S04, pH = 5.3 Concn. Fez+ given in moles/l. Left: air-free; dashed line, pH adjusted to  3.5. 

Right: solution saturated with I atm 02; pH = 5.3; dashed line, [NiZ+] = o. 

KNOa, NaCl, KzS04). No significant differences were observed except that in non- 
complexing 1-1 electrolytes (NaC104, KN03) strong polarographic maxima were 
obtained in the discharge of Fez+ (On present). The first maximum occurred at  - 1.1 V 
while a second maximum was observed at -1.5 V, i.e., at  about the normal discharge 
potential found in the other electrolytes. These maxima could be attributed to the 
fact that in I,I electrolytes the precipitation of the hydroxide is slower than that in 
1-2 electrolytes - a rather common observation in colloid chemistry. 

The co-deposition of the three binary systems was measured under identical 
conditions (Figs. 4-6). I t  can be seen that in air-free solutions (left-hand diagrams) 
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ELECTRODE POTENTIAL (VOLTS w. S.C.E. ) 

Fig. 4. Polarograms (maximal currents during drop life to = 3.1 sec) of 5 . 10-3 moles/l Fee+ 
and 5 . 10-3 moles/l NiS+ (separate polarograms, dashedpines; composite polarogram, full line). 

Left: air-free. Right: solution satd. with I atm 0 2 .  

3 
2 4 0  4 0  
I- 

3 0  
a 

3 2 0  

10 

ELECTROM POTENTIAL (VOLTS vs. S.C.E.) 

Fig. 5. Polarograms (maximal currents during drop life t~ = 3.1 sec) of 5 I O - ~  moles/l Coz+ 
and 5 - 10-3 moles/l Fez+ (separate polarograms, dashed lines; composite polarogram, full line). 

Left: air-free. Right: solution satd. with I atm 01. 

60 

a 
3 2 0  

Ni 

ELECTRODE POTENTIAL (VOLTS vs. S.C.E.) 

Fig. 6. Polarograms (maximal current during drop life to = 3.1 sec) of 5 . 10-8 moles/l Niz+ 
and 5 - 10-3 moles/l Coz+ (separate polarograms, dashed lines; composite polarogram, full line). 

Left: air-free. Right: solution satd. with I atm Og. 
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the discharge reactions proceed without interfering with each other. However, in 
solutions containing 0 2  strong interference is observed in all cases. The presence of 
ferrous ions causes the strongest suppression in the discharge of the other metals. In 
all three binary systems the suppression is in the sequence Fe2+>Co2+>Ni2+. 

In order to evaluate the influence of metal hydroxide on the discharge of ions that 
do not themselves hydrolyse, the depression of T1+ discharge was determined in the 
presence of hydroxides (Table I). 

TABLE 1 

DEPRESSION OF DISCHARGE DUE TO HYDROLYSIS OF IRON-GROUP METALS 

Hydrolysis TI+ discharge Tl+ discharge 

Metal ion present current in absence of in  presence of DepwssiOn 
02-tOH- hydrolysis hydrolysis 

(PA)  (PA) (PA) 
f %) 

All measurements a t  Es.c .E.  = - 1.1 V; supporting electrolyte, 0.5 M NazS0.1; pH = 5.1 ; TI+ 
concn., 0.014 moles/l; m = 2.36 mg sec-1; tn = 3.1 sec. 

The adsorption of Fe(OH)2 was determined by means of galvanostatic charging 
curves (Fig. 7). Measurements of this kind have to be carried out quickly in order 
that no additional reacting material [Fe(OH)2] can diffuse to and adsorb at the 
electrode. This point was checked by carrying out the same experiments ten times 

TIME (sac) 

Fig. 7. Potential-time curves a t  constant anodic current density, 20  mA/cmZ. Drop life of 
mercury, 5 sec; rate of mercury flow, 0.99 mg sec-1; electrolyte, 0.5 M Na~S04, pH = 5.1. 
Curves from left to right: (I), 5 - 10-3 moles/l Fez+, air-free; (2), satd. with I atm 02, [Fez+] = o; 
(3). 5 . 10-3 moles/l Fez+ and 5 . 10-3 moles/l Niz+, satd. with 1 atm 02; (4). 5 + 10-3 moles/l 
Fez+, satd. with I atm 08; (5), 5 . 10-2 moles/l Fez+ and 5 - 10-smoles/l Coz+, satd. with I atm. Oa. 

more rapidly (anodic current density ten times higher). These experiments yielded 
the same results within f 10%. I t  can be calculated from Fig. 7 that the amount 
adsorbed is 33 f 2 pClcm2 or 3.3 f 0.2 x 10-10 moles/cm2 respectively. 
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DISCUSSION 

I t  can be seen from Fig. 1-3 (left-hand side) that in weakly acid solutions the pH 
does not affect the discharge of the iron-group metals (3 < pH < 5.5). This means 
that the electrochemical reaction order (VETTER'~) of hydrogen ions and hydroxyl ions 
(ZH+,OH-) = O. For nickel, this observation is in agreement with the mechanism 
postulated by DANDOY AND GIERST~~. 

In order to represent the processes leading to hydrolysis in a simplified form, we 
will use the concept of a reaction zone at the electrode surface which is separated 
from the bulk of the solution by a diffusion bridge20. Since part of the hydrolysis is 
taking place on the diffsion bridge this model is simplified, but will be sufficient here. 
Figure 8 shows the processes involved. 

ELECTRODE EACllON UFNSlON BULK OF 
ZONE BRIDGE SOUmON 

Fig. 8. Schematic representation:of hydrolysis processes. 

Considering the processes represented in Fig. 8 we can neglect the diffusion of 
MeOH+, since [MeOH+] 4 [Me2+] -f [Me(OH)2] at all pH values as follows from 
the first20-23 and second24 hydrolysis constants of all three metals. This does not 
necessarily imply that MeOH+ does not play a role in the discharge mechanism (see 
below). 

No appreciable fraction of the generated hydroxyl ion is neutralized by indiffusing 
hydrogen ions under our experimental conditions (pH N 5), i.e. 

where k is the constant of the IlkoviE equation26; D, the diffusion coefficients in cm2 
sec-1; [Ha], [H,], [OH,], [OHb], the concentration of hydrogen ions and hydroxyl ions 
in the bulk solution and on the surface of the electrode in mmoles/l. Therefore the 
generated hydroxyl ions will be consumed only by the reaction 2 OH- + Me2+ = 

Me(OH)2. Hence, the limiting current of metal discharge will be decreased according 

where i,,z+ is the current due to discharge of metal ions in PA, and [Mez+] and 
[02] are the concentrations of these species in mmoles/l. 

Equation (2) is, of course, based on the assumption that the metal hydroxide which 
has been formed does not take part in the transfer reaction. According to eqn. (2 )  

the decrease in the limiting current of metal discharge should be equal to the OH- ge- 
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lierating current. I t  can be seen from Figs. 1-3 that the experimental results are 
in agreement with eqn. (2) within f 20%. 

In the case of Fez+ hydrolysis, part of the metal hydroxide formed is adsorbed at 
the electrode surface (Fig. 7). The redox potential of the adsorbed species is E = 
-0.20 V vs. the saturated calomel electrode, i.e., EH = +0.05 V in the normal 
hydrogen scale. The redox potential of the reaction Fe(OH)2 + OH- = Fe(0H)a + e 
at pH 8 can be calculated25 to be at EH = -0.19 V. Since there is no information 
on the adsorption energies of the species involved or on the modification of iron 
hydroxide formed, a close agreement should not be expected. 

We have to consider how the adsorption of hydrolysed species influences the rate 
of metal discharge. The rate constants of metal discharge can be calculated following 
KOUTECKQ'S treatment26. In a first approximation, the data obtained in the presence 
of hydroxide can be treated in the same way, taking the diffusion currents from eqn. 
(2). The rate constants are plotted in Fig. 9. There is no systematic change in rate 
constant with hydrolysis. I t  should be noticed that the change in rate constant is 

ELECTRODE POTENTIALS (VOLTS vr. S.C.E.) 

Fig. g. Rate constant of metal discharge as a function of electrode potential. Supporting electrolyte 
0.5 M NazSOa; pH, 5.0-5.3; Me(N2). 5 .  10-3  moles Me2+/1, solution air-free; Me(O2). 5 . 1 0 - 3  

moles Me2+/1, solution satd. with I atm 0 2 .  

rather small, i.e., there is no evidence for a new rate-determining step under these 
conditions. 

The relatively small changes in the rate constant with hydrolysis in the case of 
single metal discharge are in contrast to the significant changes observed in the 
simultaneous discharge of the metals (Figs. 4-6). For example, the discharge of nickel 
is suppressed completely in the presence of ferrous hydroxide (Fig. 4). The effect in 
suppressing the discharge of other metals can be expressed by the series Fez+ > Co2f 
> Ni2+ for all binary systems. The same sequence is followed for hindering the 
discharge of T1+ ions (Table I). 

In order to interpret this sequence it can be assumed that in rnixtu~es of two 
hydrolysed metal ions the structure of the interface is determined by the metal 
having the stronger suppression effect, e.g., in a solution containing Fez+ and Niz+, 
it is determined by Fez+. This hypothesis is in agreement with the observation (Fig. 
7) that the presence of other metal ions (Ni2+, Co2+) does not change the amount 
of adsorbed Fe(0H)z. I t  explains also the effects of mixtures of two hydrolysed metal 
species on the discharge of T1+ ions (Table I); e.g., in the presence of both Fez+ and 
Ni2+ ions, the discharge of Tlf is suppressed to about the same extent as it is in the 
presence of Fez+ ions alone. 
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SUMMARY 

The deposition and co-deposition of iron(II), cobalt(I1) and nickel(I1) ions were 
studied polarographically in weakly acid (pH 3-5.5) solutions. Variation of pH in this 
region does not affect the waves. By adding oxygen to the solution. high pH values 
were generated at  the electrode surface (Oz + 2 Hz0 + 4 e + 4 OH-) leading to 
hydrolysis of the discharging metal ions. Hydrolysis not only reduces the concen- 
tration of the discharging species due to Me2+ + 2 OH- -t Me(0H)z J. but also leads 
to adsorption of hydroxides at  the interface. Chronopotentiometric measurements 
showed that about 3 10-10 moles/cm2 Fe(0H)z are adsorbed at  the electrode. 
Hydrolysis changes the rate of single metal discharge only slightly, but has a strong 
effect on the co-deposition of metals. The discharge of one metal can be suppressed 
by the presence of a second iron-group metal. Ferrous ions cause the strongest 
suppression followed by cobaltous ions. The same sequence (Fez+ > Co2+ > Ni2+) is 
found in the suppression of T1+ discharge. This sequence is interpreted on the basis 
of adsorption measurements. 
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MESURE DIRECTE DES COEFFICIENTS DE DIFFUSION D'IONS EN 
SOLUTION AQUEUSE EN PRESENCE D'UN ELECTROLYTE SUPPORT 

A. M. BATICLE 

Laboratoire d'Electrolyse, Centre National de la Recherche Scientifique, Bellevue (S .  el 0.) (France) 

( R e p  le 24 mars, 1964) 

La plupart des mCthodes d'analyse ou d'Ctude de cinCtique Clectrochimiques nCcessi- 
tent l'emploi d'un Clectrolyte support, c'est-A-dire la prCsence dans les solutions 
aqueuses, en plus des espbces actives CtudiCes, d'un grand excbs d'un Clectrolyte 
indiffhrent. Les coefficients de diffusion sont habituellement CvaluCs A partir de 
mesures indirectes; courants limites de diffusion polarographiques par exemple, ou 
autres grandeurs. 

La mesure directe A l'aide de la cellule de diffusion A deux ou quatre couches de 
OEHOLM~ entrafne l'utilisation des tables de STEFAN~ ou le mode de calcul de EULER~. 
BODMANN ET WITZGALL~ ont montrC la nCcessitC de corrections et en ont donnC les 
tables. Cette mCthode est donc laborieuse. 

Nous proposons dans cet expos6 une m6thode directe de mesure des coefficients 
de diffusion que nous avons adaptCe A la diffusion d'espbces Plectrochimiques en 
milieu Clectrolyte support. 

Un certain nombre de mCthodes directes, utilisdes pour la diffusion de grosses 
molCcules telles que les protdines, sont basCes sur le fait que l'indice de rCfraction d'une 
solution est pratiquement proportionnel A sa concentration. Parmi celles-ci la plus 
prbcise est certainernent celle de la fente oblique de PHILPOT-SWENSON~. On a adapt6 
cette mCthode A la diffusion d'ions ou de molCcules de plus faibles dimensions. La 
principale difficult6 vient de la faible variation des indices de refraction dans le 
domaine de concentration peu ClevC l'on a op6rC. 

Le syst&me CtudiC a MC l'hydroquinone en milieu acide sulfurique normal ou eau 
pure. 

Loi de la diffwsion 
Lorsqu'on superpose une colonne de solvant pur A une colonne de solution homo- 

ghne des espbces considCrCes, ions ou molCcules dans ce solvant, ces particules se 
rbpandent peu A peu dans le solvant initialement pur, par suite de l'agitation brow- 
nienne, et leur diffusion, A travers la surface de sCparation des deux liquides, obCit 
A la loi de Fick : 
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dans laquelle C represente la concentration de l'ion CtudiC, t est le temps, x est la 
distance d'un point oh existe le gradient de concentration, ?I la surface de sCparation 
initiale prise A l'instant t = o et D est le coefficient de diffusion suppost5 constant. 
Si on peut obtenir A chaque instant t la courbe bClbx = f (x )  on pourra ?I l'aide de 
la surface S de cette courbt et de son ordonnCe niaximum H tlacer la courbe rIH2 = 

g(t). Cette courbe est une droite qui permet le calcul de D d'aprb 1'Cqn. 

k reprCsente une constante qui dCpend de 1'Cchelle de la courbe et des dimensions 
gComCtriques de l'appareil utilisC. 

Deux hypothEses ont CtC faites. D'une part la loi de Fick est valable pour les 
solutions idCales. On devrait donc introduire les activitCs et non les concentrations 
dans le domaine oh l'on ophre. D'autre part, on a supposC le coefficient de diffusion 
D constant. Ces deux hypothbes sont justifiCes en milieu Clectrolyte support, ce 
dernier maintenant la force ionique constante. On en verra la v61ification dans la 
partie expbrimentale: la courbe I I H ~  = g(t) est bien une droite ce qui ne saurait Ctre 
si D # cte. 

MLthode de la fente oblique de PHILPOT-SWENSON 
On utilise la variation de l'indice de rCfraction de la solution que l'on suppose 

proportionnelle ?I la variation de concentration de la solution. 
Nous n'avons pas trouvC de donnCes dans la 1ittCrature sur l'indice de rCfraction 

des solutions d'hydroquinone dans l'acide sulfurique et les nlesures que nous avons 
faites sont peu prkcises pour des concentrations faibles. Mais cette troisiEme hypothEse 
se trouve justifiCe puisque nous avons bien obtenu les droites thhoriques r / H 2  = g(t). 

Les solutions sont placCes l'une au-dessus de l'autre dans une cellule A faces 

Fig. I. Image, donnCe par l'appareil de TisClius, de la courbe 3C/3x = f (x).  

parall6les. Les rayons lumineux Cmis par une source horizontale traversent la cellule 
et sont dCviCs par les rCgions oh existent des gradients de concentration. 

La superposition d'une lentille sphCrique, d'une fente oblique puis d'une lentille 
cylindrique sur le trajet des Iayons lumineux, dCvib par la cellule, restitue une 
image qui est la courbe bC/bx = f ( x )  (ref. 5 )  (Fig. I). 
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Apfiareillage et technique ex$irimentale 
On a utilisC des solutions B 1% et 2% d'hydroquinone dans l'eau pure, et 4 10-2 M 

d'hydroquinone dans HzS04, 0.5 M. 
Les expCriences ont CtC effectudes 5 l'aide d'un appareil i Clectrophor&se de TisClius 

(Striibin, Fokal B). La cellule utilisCe est reprCsentCe sur la Fig. 2. L1C1Cment central, 
C, et la partie supCiieure gauche de la cellule peuvent glisser IatCralement sur les 
plans rBdCs (a) et (b), mds 5 l'aide d'un piston i air, pour permettre un remplissage 

Fig. 2. Cellule de diffusion. 

sCparC des ClCments. Au-dessus de (b), dans la branche gauche, on met le solvant pur. 
Dans la b~anche droite, le fond E, et l'C1Cment D, est introduite la solution d'hydro- 
quinone. On place alors la cellule dans le thermostat stabilisC i f 0.2". L'Cquilibre 
de tempCrature Ctant atteint, on fait glisser les plans ri3dCs de facon amener les 
solutions en contact en (b). Cette surface de separation est alors repousde dans le 
milieu du champ optique [milieu de (a), (b)] par une surpression amenCe par un exds 
de solution en F et contrBlCe par le capillaire G, le robinet Rz Ctant fermC. La durCe 
du dCplacement est d'environ 5000 sec, assez lent pour perturber le moins possible 
la surface de separation des deux milieux. Puis on ferme les robinets RI et R3. 

I1 importe que les solutions ne supportent aucune vibration. Aussi la mesure se fait 
en vase fermC. De plus le thermostat est monte sur une suspension antivibratoire et 
les agitateurs sont attach& sur un bAti Ctranger au thermostat. 

L'image de la courbe 3C/3x, obtenue par le systeme optique de l'appareil de 
TisClius, est photographibe toutes les 1000 secondes, pendant 20000 sec. L'erreur 
introduite par la photographie peut amener une dispe~sion considbable des rCsnltats. 
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I1 faut obtenir un tracC photographique le plus fin possible tout en gardant une ligne 
de base bien dbfinie. I1 faut Cviter la diffraction par les grains du papier sensible. La 
precision de mesure des grandeurs S et H ainsi que l'Cvaluation du facteur k de 
1'Cqn. (2) dCpendent du trac6 photographique. On a CtC amen6 P standardiser les 
conditions d'bclairement et de rCv6lation du film. On a utilisC des microfilms KODAK 
M 135-36 avec des temps de pose compris entre 10 et 16 sec. 

Pour l'appareillage utilisC le terme k de l'Cqn. (2) est Cgal P G2, G Ctant le grandisse- 
ment suivant l'axe des x, dil P l'appareillage et P l'agrandissement photographique. 
Toutes les courbes 3C13x sont projetkes apandies et dessin6es de facon P mesurer les 
param6tres H et S. 

Rbultats ex$irimelztaux 
La Fig. 3 montre les courbes I , !H~ = g(t) obtenues pour trois temp6ratures pour 

un m&me rCglage k de l'ensemble expkrimental. Les points I / H ~  se placent sur des 
droites. 

Fig. 
t(sec) 

3. Courbes I / H ~  = g(t)  B trois temperatures pour un m6me coefficient k de l'appareillage. 
4 - 10-2 M hydroquinonedanso.5 M HeS04. S2/qnk = 0.65. 0.20'; A, 15"; 0,2 .8~ .  

On notera la perturbation due au deplacement de la surface initiale qui fait que 
les prenuers points ne sont pas sur la droite. Ce ddplacement augrnente la vitesse de 
diffusion et on peut voir que le prolongenlent de la droite 11H2 = g(t) coupe l'axe 
des abscisses en I point antCrieur au temps t = o. 

La variation des indices de rCfsactior, est proportionnelle P la temfirature puisque, 
pour un m&me rCglage k, nous avons pu obtenir, pour une sdrie d'exp6riences & 
2.8", 15" et 25", AS/S = f 1% (tempCrature exprimbe en degrCs centbsimaux). 
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MalgrC toutes les prCcautions prises les photographies ne sont pas parfaitement 
reproductibles. 1.e trace manuel des images agrandies introduit lui aussi une certaine 
dispersion. I1 convient donc de prendre la valeur moyenne de D sur plusieurs essais 
pour chaque temp6rature. 

La dispersion des r6sultats augmente lorsque la tempCrature croit et lorsque la 
dilution de la solution initiale augmente. Nous avons essay6 de partir de solutions 
plus diluCes en hydroquinone. Les surfaces des images sont proportionnelles aux 
concentrations et l'erreur relative augnlente quand ces surfaces diminuent. 

Pour les solutions 9.1% d'hydroqninone dans l'eau pure A 16" nous avons trouvC: 

Pour des solutions 4.10-2 M d'hydroquinone dans H2S0., 0.5 M nous avons obtenu 
A diffbrentes tempbratures: 

25' : D = 7.77 x 10-6 cm2 sec-1 f 0.14 

Discussion des rksultats 
On a vCrifi6 que les hypothbses de d6part Ctaient satisfaites. Les courbes I I H ~  = 

g(t)  Ctant des droites on peut donc remplacer les activit6s par les concentrations dans 
la loi de Fick, les coefficients de diffusion sont constants quand la concentrations 
diminue (lorsque t augmente) et les variations d'indice de rbfraction sont proportion- 
nelles aux concentrations. 

On n'a pas trouv6 de valeurs du coefficient de diffusion de l'hydroquinone dans 
l'acide sulfurique dans la littdrature. KRUGER ET GRUNSKY~ ont mesurC le coefficient 
de diffusion de l'hydroquinone dansl'eau parlamdthode de lacelule Bcouches, solutions 
B 1% et 2% & 16". Par un systbme d'int6gration.s graphiques ils ont obtenu D = 
6.78 x 10-6 cm2 sec-1. Le calcul ~ 'EULER leur a donnC D = 6.87 x 10-6 cm2 sec-1, 
valeurs en bon accord avec les valeui s dCterminCes ci-dessus. 

On connait la relation de Stokes-Einstein pour la diffusion de particules sphkriques 
de rayon r dans un milieu de viscosit6 7 : 

dans laquelle k est la constante de Planck et T la temp6rature absolue. 
Cette relation peut Ctre utilis6e pour le calcul des rayons des particules diffusarites. 

Elle est valable dans le cas de particules sph6riqves non chaig6es et dans le cas de 
certains ions7.8. 

I1 semblait int6ressant de voir s'il 6tait possible de l'appliquer au systPme CtudiC 
et, dans l'affirmative, d'obtenir des renseignements sur 1'Ctat de l'hydroquinone en 
solution, renseignements qu'on n'a pas acquis dans la litt6rature. 

En prenant pour valeurs de 7 les viscositCs de l'acide sulfurique 0.5 M mesur6es 
par KNIETSCH~ et en admettant pour la courbe 7 = f (T) une variation analogue B 
la m&me courbe pour l'eau, nous avons calcul6 Dq/T pour les diffbrerites valeurs de D 
obtenues : 
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hydroquinone dans l'eau: 
KRUGER (graph.) 16" : Dq/T = 0.259 x 1 0 - 9  

KROGER (EULER) 16' : Dq/T = 0.262 x 1 0 - 9  

nos exp6riences 16' : Dq/T = 0.260 x 10-9  

hydroquinone dans HzS04 0.5 M: 
nos experiences 2.8' : Dq/T = 0.258 x 1 0 - 0  

15' : Dq/T = 0.257 x 10-9 

25' : Dq/T = 0.259 x 1 0 - 9  

A la prCcision de 110s mesures, 1.1-1.8% sur D, le produit Dr/T est constant. En 
admettant que la relation de Stokes-Einstein s'applique nous pouvons alors calculer 
le rayon de la molCcule d'hydroquinone ce qui conduit 9: 

r = 2.80 A dans l'eau 

r = 2.81 A dans l'acide 

Ce rCsultat indiquerait un m6me Ctat d'hydratation de I'hydroquinone dans l'eau 
pure et dans l'acide sulfurique 0.5 M. 

On remarquera que le rayon obtenu est faible pour une molCcule de rnasse relative- 
ment ClevCe. On peut penser que le nombre de molCcules d'eau d'hydratation est 
faible. 

En terminant remarquons que la mCthode de la fente oblique de Philpot-Swenson, 
utilisCe habituellement pour des coefficients de diffusion de l'ordre de 10-7-10-6 cm2 
sec-'-a permis la mesure de coefficients D de l'ordre de 10-~-10-~ cm2 sec-1. On peut 
voir nCanmoins que la prCcision diminue quand la tempdrature augmente, c'est-A-dire 
quand la vitesse de diffusion augmente. On peut espCrer toutefois Ctudier un grand 
nombre de systhmes par ce moyen, puisque beaucoup d'ions ont des vitesses de 
diffusion de cet ordre. 

Comrne l'ont montrC, Q la fois, l'analyse du principe de la mCthode et les rdsultats 
expCrimentaux, cette dhtermination des coefficients de diffusion est particulihrement 
bien adaptbe au cas des solutions 6lectrochimiques en milieu Clectrolyte support, la 
prCsence d'un grand exds d'klectrolyte indifferent permettant de satisfaire aux 
hypotwses n6cessaires. Une restriction s'impose toutefois; il faut obtenir une varia- 
tion d'indice de rhfraction suffisante pour que les images soient nettes et assez 
grandes pour &tre prCcises. Ceci limite la dilution des esp6ces actives en solution. 
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On a adapt6 la mkthode de la fente oblique de Philpot-Swenson Q la mesure des 
coefficients de diffusion d'ions ou de molCcules en solutions contenant un exds  
dlBectrolyte support. Les essais ont CtC rCalisCs pour l'hydroquinone en milieu acide 
sulfurique 0.5 M. 

La dispersion des mesures varje de 1.2-1.8% entre 2.8" et 25". 
La relation de Stokes-Einstein s'applique au syst6me CtudiC. 
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SUMMARY 

Philpot-Svenson's oblique slit method for the measurement of the diffusion coefficients 
of ions or molecules in solutions containing an excess of supporting electrolyte has 
been adapted. The tests were carried out for hydroquinone in 0.5 M sulfuric acid. 

The scatter of the measurements varies from 1.2 to 1.8% between 2.8 and 25". 
The system studied follows the Stokes-Einstein relation. 
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INTRODUCTION 

I t  has been well recognized in the past ten years that the platinum electrode is not 
inert and that the surface is electrochemically oxidized and reduced in aqueous 
solutionsl-4. The electrode surface is covered with oxide film and/or an adsorbed 
oxygen layer in a certain potential range and the oxide films play a* important role 
in various electrochemical reactions on the platinum electrode@-8. Various metal 
oxides with hydrated surfaces usually exhibit ion-exchange adsorption in aqueous 
solutions, that is, a cation-exchange adsorption in alkaline solutions and an anion- 
exchange adsorption in acid solutionss. Cation-exchange adsorption on manganese 
dioxide and silica has been studied and formation of a surface complex as a new 
adsorption mechanism was proposed by the authorl0Jl. Since the plat&um electrode 
is covered with an oxide film, cations should be adsorbed in alkaline solutions and 
anions in acid solutions, on the electrode surface. In view of such an ion-exchange 
adsorption, cations and anions added to the electrolyte should affect oxygen reduction 
and oxygen evolution reactions at  platinum electrodes. In this paper the effects of 
anions and cations added to I M NaOH or I N HzS04 on the oxygen reduction and 
oxygen-evolution process will be described. 

Electrochemical reduction of oxygen at  platinum electrodes in alkaline or acid 
solutions has been studied by voltammetryl2-14, and chronopotentiometry~~~~5. The 
reaction is very much influenced by the surface condition of the platinum electrode. 
LAITINEN AND KOLTHOFF~~ and later, SAWYER AND INTERRANTE~~, reported that the 
half-wave potential of oxygen reduction on platinum is independent of the pH of the 
solution at pre-cathodized electrodes, but changes linearly with a slope of approxi- 
mately -60 mV per pH unit at  pre-oxidized electrodes. For the mechanism of 
oxygen reduction, the following three processes are frequently considered in dis- 
cussionsl2-15 (see p. 21). 

Although these equations are written for alkaline solution and the E r e d o  values are 
for alkaline solution, the corresponding equations for acid solution can easily be 
written. In the first mechanism**, oxygen is reduced directly to OH- by a four- 

* Present address: Research Laboratory, Union Carbide Corporation, Consumer Products 
Division, Parma 30, Ohio, U.S.A. 
** This is ordinarily considered as an over-all reaction, it could, however, be considered as a 
mechanism in those circumstances where no particular intermediate is recognized experimentally. 
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electron transfer process. This mechanism was supported with data obtained by 
BOCKRIS AND H u Q ~ ~  in highly purified 0.1 WO.OOI N H2S04; they pointed out that 
the exchange current for the reaction was so small that the reversible potential 
corresponding to eqn. (I) could be obtained only in highly purified solutions. In the 

0 2 + 2  Hz0+4  e + 4 OH' Eredo= + O . ~ O I  (1) 

chemical 
P t+t  OzfHzO ------+ Pt(0H)z 

4 
I EreaO= +0.155~' (2) 

Pt(OH)z+z e + Pt+2 OH- 

Oz+HzO+z e + OOH-+OH- 
t 

chemical 
OOH- - 

I 
-+ t O2+OH- 

second mechanism, the platinum surface is oxidized chemically by dissolved oxygen, 
the platinum hydroxide (or adsorbed oxygen) is then reduced electrochemically~2~~5. 
Comparing the observed half-wave potentialsl2.14 with the Eredo = +0.155 V, this 
mechanism is acceptable from a thermodynamic standpoint. The third mechanism 
was proposed by B E R L ~ ~  based on his experiments with carbon electrodes. Later 
YEAGER et al.18 showed by using 1 8 0  that a bond between the atoms in 0 2  is not 
broken in the electrochemical reduction on carbon. Until last year the only support 
for this mechanism on platinum electrodes was a qualitative detection of hydrogen 
peroxide by LAITINEN AND KOLTHOFF~~ and a quantitative determination of hydrogen 
peroxide by DELAHAY, who camed out the oxygen reduction experiments in 0.2 N 
KC1 solution (pH 6.9) on various metals and determined hydrogen peroxide in the 
solution by a polarographic method20. Recently the author21 has measured the 
coulombic efficiency for Hz02 formation in 0 2  reduction on platinum in acid and 
alkaline solutions. Of the three mechanisms, only (3) involves hydrogen peroxide as 
a product. The effects of anions and cations on the formation of hydrogen peroxide 
in oxygen reduction on platinum have been examined mainly in I M NaOHZ2. In 
the present experiments, the coulombic efficiency for hydrogen peroxide formation 
has beeh determined in I N H2S04 as well as I M NaOH, with and without added 
cations and anions. 

Oxygen overvoltage has been reviewed by BREITER~~. I t  was demonstrated by 
means of 180-labelled anions that the oxygen-evolution reaction at smooth platinum 
electrodes involves anions, at least in high concentrations (5.8-10 N) of HC10424 
and HICKLING AND  HILL^^ reported that oxygen overvoltage at  a smooth 
platinum electrode increased by 10-60 mV in I M KOH and 40--180 mV in I N 
HzS04 in the presence of 0.02 M KF. ERDEY-GRITz AND SHAFARIK~' showed that 
oxygen overvoltage on smooth platinum in I N H2S04 increased in the presence of 
large amounts (0.3-1.0 M) of cations in the following order: K+>A13+>NH4+> 
Zn2+>Na+>Mg2+>Li+. There seems to be no data on the effect of alkaline-earth 
metal cations on oxygen overvoltage in alkaline solution. I t  will be shown in this 
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paper that oxygen overvoltage in I M NaOH increased by 15 N go mV in the presence 
of 10-4-10-2 M of Ba2+, Srz+, Ca2+ on platinum and other metal electrodes. 

In the potential range involved in the oxygen-reduction and oxygen-evolution 
reactions on the platirlu~~i electrode, the electrode surface is covered with oxide film. 
Therefore, a knowledge of the surface condition of platinum in terms of oxide film 
and/or adsorbed oxygen is necessary in order to interpret the experimental results. 
For this purpose a brief sumniary on the adsorbed hydrogen, adsorbed oxygen and 
oxide films on anodized- and cathodized-platinum electrodes will be given. Some 
details will be given of an oxide film formed on an excessively anodized platinum 
electrode in H2S04 solution, since this oxide film has not often been described previ- 
ously. 

EXPERIMENTAL 

Oxygen reduction experiments were carried out in an ordinary polarographic H-cell 
with a fritted-glass layer in the centre. For coulombic efficiency measurements, 25 
ml of I M NaOH or I N HzS04 solution was put in to each arm of the H-cell. A 
rectangular platinum electrode of 16 or 18 cm2 apparent surface area was placed as 
a cathode in the solution in one arm, where pure oxygen gas (I atm) was bubbled 
through the solution during the experiments; another small platinum electrode (I cm2 
apparent surface area) was placed in the other arm as an anode. A constant current 
(1.0 mA in most of the experiments) was passed between the anode and the cathode 
for a measured time, usually 2-20 min. A portion of the cathode solution (usually 
20.0 ml) was taken out and acidified in the case of I M NaOH solution, and the 
hydrogen peroxide concentration was determined by a spectrophotometric method. 
The method21 is based on the formation of a yellow colour28 in the reaction between 
Hz02 and TiCL in 6 N HC1. By this method 5-100 pg of Hz02 in a 30-ml solution 
could be determined within an error of a few per cent when a 10-cm cell was used 
in the extinction measurements. 

Solutions were prepared from triply-distilled water. Sulfuric acid was purified by 
distillation twice in a current of air at about 210". The I M NaOH solution was 
purified by pre-electrolysis at a platinum cathode under a nitrogen atmosphere for 
at  least 30 h. Various salt solutions which were added to I M NaOH or I N H2S04 
solutions were prepared from chemicals of analytical-reagent grade without further 
purification. Decomposition of hydrogen peroxide in these purified solutions was 
negligible for 10-20 min in the absence of a platinum electrode. 

Two types of platinum electrode were used; one was pre-cathodized and the other 
pre-anodized in I M NaOH or I N HzS04 depending on the solution used for the 
oxygen reduction experiments. The cathodic or anodic treatment was canied out for 
about 20 sec at  a current density of 5 mA/cmz immediately before use. As will be 
discussed later, during most of the oxygen reduction experiments the pre-anodized 
electrode is probably covered with PtO2-film in both acid and alkaline solutions, 
and the pre-cathodized electrode covered at least partially with Pt(0H)a or a 
similar oxide in I N NaOH solutions saturated with oxygen. I t  is a common 
experience that the "activity" of platinum electrodes depends on the history and 
the pre-treatment of the electrodes. In the preliminary experiments, a few electrodes 
were etched in a hot aqua regia solution or treated in a boiling 6 N HC1 solution, or 
treated anodically and cathodically alternately, and then finally anodized or cathodiz- 
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ed as mentioned above immediately before the coulombic efficiency measurements. 
The efficiencies of the anodized electrodes, were not much different. Large differences 
occurred with the cathodized electrodes particularly in alkaline solutions; however, 
the relative effects of added anions and cations were the same with these electrodes. 
In this paper, therefore, a series of experiments shown in any one table or figure has 
usually been carried out with the same electrode at  our time. Furthermore, in the 
experiments to examine the effect of anions or cations, the electrode was tested 
before and after each experiment in a standard solution without additives to show 
that there had been no permanent change in the electrode. 

Current-potential curves for the oxygen reduction and oxygen-evolution processes 
were measured polarographically in the H-cell mentioned above. In these measure- 
ments, a small platinum electrode was placed in a solution stirred by 0 2  in one arm 
of the H-cell and a mercurous sulfate plus I N HzS04 (+0.667 V vs. N.H.E.) or a 
mercuric oxide plus I M NaOH (+o.115 vs. N.H.E.) electrode was placed in the other 
arm. These reference electrodes, which were also used in these experiments as counter 
electrodes, were not polarized more than a few millivolts even when 50-100 pA was 
diawn. All the potentials in this paper are expressed against N.H.E. and all the 
experiments described were carried out at  room temperature which was about 25". 

RESULTS AND DISCUSSION 

I .  Szcrface condition of platinum electrodes 
( a )  Anodized or cathodized electrode. I t  was shown previously by the author3129 and 

other investigators2 that current-potential curves of platinum electrodes taken 
between hydrogen evolution and oxygen evolution potentials in an aqueous solution 
saturated with inert gas gave a series of peaks due to reduction or formation of 

Potential vs. N.H.E.,volts 

Fig. I .  Schematic current-potential curves of platinum electrodes. (A), oxidation curve taken at 
a cathodized electrode from negative to positive potentials; (B), reduction curve taken at a 
cathodized electrode from 1.0 V to negative potential; (C), reduction curve taken at an anodized 

electrode from positive to negative potentials. 
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adsorbed hydrogen and platinum oxides or adsorbed oxygen. A schematic summary 
of these curves of an anodized or a cathodized platinum electrode is shown in Fig. I. 
The original curves were taken in I M NaOH3 with a potential scanning rate of 2.5 
mV/sec and these curves were then shifted to those in a solution of a=+ = I by 
assuming that the peaks moved exactly -59 mV/pH unit. The presence of four peaks 
(a,b,c,d) on the oxidation curve A and four peaks (a',b',c',df) on the reduction curve 
B, indicates that four redox couples A,B,C, and D exist on the surface of platinum 
electrodes. From the centre of the two conjugated peak potentials (a,af; b,bl; etc.), 
approximate standard redox potentials EA,EB,Ec, and ED were obtained and shown 
on the abscissa. I t  has been interpreted that the redox couples A and B are two forms 
of adsorbed hydrogen3.30-35; the redox couple C was not observed in I N HzS042.3 
and has not yet been identified, and the redox couple D is adsorbed oxygen and/or 
platinum hydroxide (Pt(0H)z). On the reduction curve of the anodized electrode 
(curve C), peak (d') was not observed but peak (c") appeared at  a more cathodic 
potential than (8). It was interpreted that the anodized electrode was covered 
with Pt02 - n H20 and the hydrated platinum dioxide film was reduced directly 
to P t  at peak (cn)3, by comparing the potential with the following value36.37: 

PtOa . n Hz0 + 4 H+ + 4 e ;t Pt + (n+2) He0 EreaO = +0.80 (4)  

( b )  Excessively anodized electrode. A new oxide film, which was not involved in the 
discussion above, was found on the surface of a platinum electrode which was ex- 
cessively anodized in HzS04. A platinum-wire electrode (apparent area, 0.53 cm2) was 
polished with fine emery in each case before the anodic treatment. I t  was then 

Potential vs. N.H.E..volt Potential vs. N.H.E.,volt 

Fig. 2. Effect of electrolysis time. The anodiza- Fig. 3. Effect of temperature. The anodization 
tion was camed out at IOO mA/cm2 in I N was camed out at IOO mA/cm2 for 15 min in 
HzS04 at 25O. The numbers I, 5, 15, and 30 are I N HOSOd at the temperatures indicated. 
the electrolysis times in min of the anodization. 
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anodized under various conditions as described in Figs. 2,3,4,5,  and 6, and current- 
potential curves were taken in Nz-saturated I N HzS04 at  25' from +0.87 V towards 
a negative potential at  3 mV per sec in the same manner as described previously3. 
I t  can be seen in Figs. 2-6 that there are three peaks (e, f, g) on these curves. We 
can see that the peak (f) remains almost unchanged regardless of the conditions of 

O L C h  ' 66 ' 014 ' 62 ' 0 ' I  
Potential vs. N.H.E., volt 

Fig. 4. Effect of current density. The anodization was carried out in I N HzSO4 for 15 min a t  
25O at  the following current densities: (A). 30 mA/cm2; (B), IOO mA/cm2; (C), 300 mA/cm2. 

Potential vs. N.H.E., volt Potential vs. N.H.E.,volt 

Fig. 5. Effect of the electrolyte solution. The Fig. 6. Curves taken consecutively. (A), 1st 
anodization was carried out a t  roo rnA/cma curve after the anodization a t  loo mA/cmZ 
for 15 min a t  25- in I N HzS04 (curve A), 0.1 N for 15 min in I N HzS04 a t  25O; (B), 2nd curve 

HeS04 (curve B), and I M NaOH (curve C). immediately after the 1st curve; (C), taken 
after the and curve after re-anodizing a t  IOO 

mA/cmz for I min in I N HzS04 a t  25'. 
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the anodizing; however, peak (g) increases with increasing anodizing time (Fig. 2), 
temperature of the solution (Fig. 3), and current density (Fig. 4) in the anodic 
treatment. The anodic treatment in I M NaOH did not show peak (g), see Fig. 5. 
Peak (g) appears in the same potential range as that of the peak (b) which is due 
to formation of adsorbed hydrogen (H+ + e +Hads). A repeat trial without re- 
anodization shows the normal two peaks for adsorbed hydrogens (Fig. 6) and a third 
trial after re-anodization (Fig. 6, curve C) shows a curve quite similar to curve C. in 
Fig. I. Therefore, peak (g) is not due to an enlargement of peak (b), but seems to 
be due to a new kind of oxide which is formed only by excessive anodic treatment 
at  high current density. Peak (f) reaches a steady state after a few minutes' anodiza- 
tion and does not change on further anodization (Fig. 2). Also, peak (f) is insensitive 
to temperature and current density in the anodization (Fig. 3, 4). Although peak (f) 
appears at  a little more cathodic potential than peak (c") (on curve C in Fig. I) which 
is due to reduction of PtOz . n HzO, this might be due to a somewhat more stabilized 
form of PtOz. n HzO. 

In order to obtain an X-ray diffraction pattern of the new oxide corresponding to 
peak (g), a platinum plate with a platinum wire lead was anodized at 300 mA/crnZ 
for IOO h in I N HzS04 at 35-45O. A yellow-coloured film appeared after anodization 
for 3 h, and the colour became deeper with continued electrolysis. Several X-ray 
diffraction patterns were taken from time to time during the anodization and the 
only diffraction peaks found were those of platinum metal. This might be due to the 
amorphous nature of the oxide film. This yellow oxide cannot be attributed to any 
impurity such as PbZ+ or Mnz+ which can be deposited as PbOz or MnOz, because 
the sulfuric acid solution was made of highly purified water and distilled sulfuric acid. 

The anodic oxide film on platinum was studied in connection with platinum-foil 
anodes used in the production of persulfate by electrolysis of a [HzSOd + (NH4)zS04] 
solution38. A yellow compound formed on an anodized platinum was described by 
R U E R ~ ~  as Pt(OH)2S04 . 3 Pt(OH)4. PtOz. Anodic oxidation of platinum was studied 
with a.c. superposed on d.c, current by ALTMANN AND BUSCH, who found that 
PtOz. n HzO came off the electrode40. Recently SHIBATA~~ found a large step just 
before the hydrogen evolution on a chronopotentiogram of a heavily anodized 
platinum electrode. This probably corresponds to the peak (g) described in this paper. 

I I 
0.4 0.6 0.8 1.0 

Potential vs. N.H.E.,volt 

Fig. 7. Current-potential curves of a platinum electrode (0.05 cmz) in nitrogen-saturated un- 
stirred I N H2SO4. The potential scanning rate was 3 mV/sec. KBr added: (A), o M ;  (B), I O - ~  M ;  

(C), 10-2 M ;  (D), 10-1 M. 
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Oxygen gas containing 15% of ozone by weight was produced at  very high current 
density on a platinum anode in a sulfuric acid solution (dl11 = 1.065)42. These in- 
formations from the literature indicate that the oxide film corresponding to peak (g) 
shown in Figs. 2 6  may not be a new oxide, but has not been well recognized. 

(c) Effect of Br-. The effect of bromide ion on the current-potential curves of a 
platinum electrode in I N saturated with nitrogen is shown in Fig. 7. Curve 
A in the figure is a process of formation of oxide film and/or adsorbed oxygen on 
the platinum electrode and this process is inhibited in the presence of small amounts 
of Br- (curves B, C, and D). A sharp rise of the current in the curves B, C, and D 
is due to oxidation of Br- ion. The results of Fig. 7 suggest that Br- ion is strongly 
adsorbed on the platinum surface in I N and prevents electrochemical oxida- 
tion of the platinum surface. 

2.  Effects of cations and anions on oxygen reduction 
(a) Coulombic efficiency. The effect of various cations and anions on the coulombic 

efficiency for production of hydrogen peroxide was examined at  a constant cur- 

TABLE 1 

EFFECT OF CATIONS IN I M NaOH 

No. Electrolyte Hz02 formed* Efficiency 
fpgf 1.2,ug) f % I  

I I M NaOH 72.0 68.0 
2 I M NaOH + 0.001 M CaClzb 49.5 46,7 
3 I M N ~ O H + O . O O I M S ~ ( C ~ O ~ ) Z  38.4 36.2 
4 I M N ~ O H + O . O O I M B ~ ( C ~ O ~ ) ~  22.4 21.1 

By electrolysis for 10 min at  a constant current of 1.0 mA a t  an anodized Pt  electrode 16 
cm* in area in a 25 ml of solution. 
b White precipitate, [Ca(OH)*], was in suspension. 

TABLE 2 

EFFECT OF ANIONS I N  I N HeS04 

No. Electrolyte Hz02 formedm Efficiency 
fpg 3r 1.0 pg) f % I  

5 1 N HzS04 15.0 14.2 
6 I N HzS04 + 0.033 M KF 18.7 17.6 
7 I N Has04 + 0.033 M KC1 32.8 30.5 
8 I N HzS04 + 0.033 M KBr 55.2 52.0 
9 I N HCI 39.2 36.9 

By electrolysis lor 10 min a t  a constant current of 1.0 mA a t  an anodized Pt  electrode 16 
cm* in area in a 25 ml of solution. 

rent of 1.0 mA for an electrolysis time of 10 rnin at  a platinum electrode 16 cm2 
in area. The results for an anodized platinum electrode are shown in Tables I 

and 2 for I M NaOH and I N HzS04, respectively. The efficiency values were 
calculated on the basis of Oz+HzO+z e + OOH-+OH- or 02+2 H++2 e + HzOZ. 
The efficiency values for a cathodized electrode were lower than those (Tables I and 
2) for an anodized electrode in both acid and alkaline solutions; however, the effects 
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of the addition of the anions and cations were relatively the same. Among the 
various cations and anions tested, only halide ions in acid solution, and alkaline- 
earth metal ions in alkaline solution showed any marked effect. 

So far as the coulombic efficiency for H202 production in alkaline solution is 
concerned, C104-, Nos-, COs2-, S0a2-, F-, C1-, Br-, Zn2+ had very little effect up 
to 3.3 x 10-2 M22. The marked effect of Ba2+, Sr2+, and Ca2+ ions on the efficiency 
was completely removed by adding EDTA (Na salt of ethylenediaminetetracetate) to 
the ~olution2~. 

(b) Effect of H202 decomfiosition. During the coulombic efficiency measurements, 
some hydrogen peroxide produced electrochemically may have been decomposed at  
the electrode as well as in the bulk solution, since platinum is a good catalyst for 
hydrogen peroxide decomposition43. I t  should therefore be expected that the longer 
the electrolysis time the greater would be the amount of decomposition. In order to 

Electrolysis time, min 

Fig. 8. Efficiency of hydrogen peroxide formation at  a pre-anodized platinum electrode for 
various electrolysis times in the following solutions: (A), I M NaOH; (B), I N HeS04 + 10-2 M 

KBr; (C), I N HCl; (D), I M NaOH + 10-2 M Ba(0H)z; (E), I N HzS04. 

TABLE 3 

PERCENTAGE OF HeOa PRODUCING ELECTROCHEMICAL REACTION ESTIMATED BY EXTRAPOLATION 

TO ZERO TIME 
-- 

At anodized Pt At cathodized PI 
Electrolyte f % I  f %) 

I N HzS04 8.5 
I N + I O - ~  M Br- 35.8 
I N HzS04 + I O - ~  M Br- 51.3 
I N HzS04 + 10-I M Br- 55.7 

I M NaOH 85-100s 
I M NaOH + 2 10-3 M Caz+ 50-65' 
I M NaOH.+ 2 . I O - ~  M Srz+ 4-45' 
I M NaOH + 2 . 1 0 - a  M Baz+ 25-30' 

Shows a range of values for 3 different Pt electrodes 
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find how much hydrogen peroxide was originally formed by the electrochemical 
process, the efficiencies measured for various electrolysis times were plotted against 
time as shown in Fig. 8. From the efficiency values obtained by extrapolation to zero 
time, one can see that oxygen is reduced to OOH- with an efficiency of 100% in I M 
NaOH at  an anodized platinum electrode. In other solutions an electrochemical 
process that produces hydrogen peroxide occurs to the extent of 15-60%, depending 
on the composition of the solutions. The efficiency values obtained by the extrapola- 
tion are shown in Table 3 for various concentrations of Br- and alkaline-earth metal 
cations, in I N HzS04 and I M NaOH, respectively. 

The catalytic activity of anodized or cathodized platinum electrodes on hydrogen 
peroxide decomposition was actually measured as follows. Twenty-five rnl of I N 
HzS04 solution containing Hz02 at  a concentration of 92 pglml was prepared with 
and without the addition of Br- and put in the H-cell in the above experiments. A 
platinum electrode was dipped in the solution and oxygen gas was bubbled in order 
to stir the solution as in the efficiency measurements. One ml of the solution was 
taken out every 3 min and the hydrogen peroxide concentration was determined 
spectrophotometrically. The results are given in Fig. 9, and show that the Hz02 

100 . . . . . . . . .  
A 

B 

0 0 

, , , j  
OO 2 4 6 8 10 

Time, min 

Fig. g. H202 decomposition in I N HzS04 with platinum electrodes. (A), represents six 
experiments with anodized or cathodized electrodes in I N HeS04 containing KBr (10-4,  10-3, 
10-1 M ) ;  (B), with an anodized electrode in I N H&OI; (C), with a cathodized electrode in I N 

HzSO4. 

concentration decreases almost linearly with time except in the presence of KBr 
(10-4-10-1 M). In a pure I N HzS04 solution, the decomposition rate is much greater 
with a cathodized electrode than with an anodized electrode. Previous investigators 
also reported that platinum lost its catalytic activity for decomposing Hz02 in HC1 
solution43~44~45. We may conclude that the coulombic efficiency of less than 100% 

in I N HzS04 containing Br-, is not due to decomposition of hydrogen peroxide, but 
due to at  least two electrochemical processes, one of which does not produce hydrogen 
peroxide electrochemically, or reduce Hz02 electrochemically by the reaction 

An experiment similar to that of Fig. 9 was carried out in I M NaOH with and 
without the addition of Ba2f. I t  was found that practically no hydrogen peroxide 
was decomposed without a platinum electrode in I M NaOH, and the decomposition 
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rate was much greater with a cathodized electrode than that with an anodized 
electrodezl. In the presence of Bat+ ion the decomposition rate was greater by about 
20% with either a cathodized or an anodized platinum electrode. 

The method described above, by which electrocherriical formation of Hz02 was 
found by extrapolating to zero-electrolysis time, has disadvantages. The determina- 
tion of very small amounts of hydrogen peroxide formed in a short electrolysis time 
was not accurate; moreover, it was felt that the electrode surface was changing to 
some extent during the first one or two minutes in the constant current electrolysis, 
since the potential was changing. 

In order to overcome these difficulties the following method was tried, using four 
differently treated platinum electrodes. Both the efficiencies (for 10 min of electrolysis 
at 1.0 mA) and the rates of hydrogen peroxide decomposition in a solution of 120 

pg H202/ml were measured for the four electrodes in I M NaOH with or without the 
addition of Ba2+. These results are plotted on a graph shown in Fig. 10. The four 

HpOz decomposition rate 

Fig. lo. Relation between the efficiency of Ha02 formation and H20e decomposition rate. The 
efficiency was measured a t  a constant current of I mA for 10 min and the decomposition rate 
was expressed in the decrease of He02 concentration (pg/ml) for the first 3 min. (A), in I M NaOH ; 

(B), in I M NaOH + 10-2 M Ba(OH)a. 

Potential vs. N.H.E., volt 

Fig. 11. Current-potential curves of anodized or cathodized platinum electrodes (apparent 
area 0.05 cm2) taken in oxygen gas-bubbled I N H2S04. The potential scanning rate was 1.2 
mV/sec. (Al), anodized P t  in I N HeS04; (Az), anodized Pt in I fl &SO4 + lo-' M KBr; (As), 
anodized Pt in I N H2S04 + 10-2 M KBr; (CI), cathodized Pt In I N HPSOI; (C2). cathodized 

Pt  in I N H2S04 + 10-8 M KBr; (Cs), cathodized Pt in I N HzSO4 + 10-2 M KBr. 
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points on each curve are for anodized, cathodized, aqua regia-treated, and heated (in 
air at  700') platinum electrodes, respectively. The points taken in I. M NaOH fall 
on one curve (A) and the points taken in [I M NaOH + 10-2 M Ba(OH)z] fall on 
the other curve (B). Extrapolation of curve A to zero decomposition rate goes to 
almost 100% efficiency and extrapolation of the curve B does not seem to go to zero. 
These results indicate that the electrode process of the oxygen reduction in I M NaOH 
with Ba2+ ion is different, at least to some extent, from that in pure I M NaOH, 
because if the low efficiency in the presence of Ba2+ is simply due to a higher rate 
of hydrogen peroxide decomposition both data should fall on curve A and the 
extrapolation to zero decomposition should go to 100% efficiency. We may conclude 
that oxygen is electrochemically reduced to OOH- at  platinum electrodes in I M 
NaOH, but in the presence of Ba2+ ion another electrochemical process takes place 
a t  the same time which does not produce hydrogen peroxide, or OOH- is electro- 
chemically reduced further. 

(c) Current-potential curves. Current-potential curves of platinum electrodes were 
taken in I N HzS04 and I M NaOH solutions under various conditions from positive 
to negative potentials. The results are shown in Figs. 11 and 12. The curves CI and 

Potential vs. N.H.E., volt 

Fig. 12. Current-potential curves taken at anodized or cathodized platinum electrodes (apparent 
area, 0.05 cm2) in I M NaOH. The potential scanning rate was 0.6 mV/sec. (Ao), anodized electrode 
in N2-saturated I M NaOH; (At), anodized electrode in 02-bubbled I M NaOH; (As), anodized 
electrode in 02-bubbled I M NaOH + 4 10-4  M BaCI2; (AS), anodized electrode in 02-bubbled 
I M NaOH + 4 - 10-3  M BaCl2; (Co), cathodized electrode in Nz-saturated I M NaOH; (Ct). 
cathodized electrode in 02-bubbled I M NaOH; (CZ), cathodized electrode in OZ-bubbled r M 
NaOH + 4 - 10-4 M BaC12; (Cs), cathodized electrode in Orbubbled I M NaOH + 4 .  10-3 M 

BaC12. 

A1 in Fig. 11 show that the potential where the electrochemical oxygen reduction in 
a pure I N HzS04 solution takes place with an appreciable rate, is about 140 mV 
more cathodic at  an anodized electrode than at  a cathodized electrode. This has 
already been found by voltammetryl4 and also by chronopotentiometry7. On ad- 
dition of bromide ion to the solution, the current-potential curves shift to more 
cathodic potentials (curves Az, As, Cz, C3). This means overpotential for the oxygen 
reduction increases in the presence of bromide ion. Small peaks indicated by C" with 
a small arrow on curves AZ and A3 are due to reduction of the oxide film (PtOz - n 
HzO) on the electrode surface. During the coulombic efficiency measurements in 
I N HzS04 (Table 2) with an anodized platinum electrode (18 cmz surface area), the 
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electrode potential was measured and found that to change from 0.74 to 0.70 V vs. 
N.H.E. during electrolysis for 10 rnin in pure I N HzS04, and from 0.50 to 0.37 V 
in (I N HzS04 + I O - ~  M KBr). Comparing these potential values with the results 
of Fig. 11, one may conclude that in the coulombic efficiency measurements (Tables 
2,3) oxygen was being reduced on the PtOz-covered surface a t  the anodized electrode 
in pure I N HzS04 and also probably on the bromide-adsorbed surface which had 
no oxide film in the I N H2S04 containing bromide. 

In alkaline solution, again oxygen is reduced at  more anodic potentials at  a 
cathodized electrode than at  an anodized electrode as shown by the curves C1 and 
A1 in Fig. 12. The overpotential for the oxygen reduction increases when Ba2+ is 
added, at  both anodized and cathodized platinum electrodes. The peaks (d') and (c") 
correspond to reduction on the electrode surface of Pt(OH)2 (or adsorbed oxygen) 
film, and PtOz n HzO, respectively. The electrode potentials during the coulombic 
efficiency measurement in I M NaOH (Table I) were -0.035 and +0.063 V vs. 
N.H.E. in pure I M NaOH for the anodized and the cathodized electrodes respectively, 
and -0.015 and +0.065 vs. N.H.E. in (I M NaOH + 5.10-3 M Bag+) for the 
anodized and the cathodized electrodes, respectively. Comparing these potentials with 
the reduction of the oxide films [peak (8) and (c")], one can conclude that in the 
coulombic efficiency measurements oxygen was being reduced on the PtO2-covered 
surface at the anodized electrode and on the Pt(0H)z-covered (at least in parts) 
surface at the cathodized electrode in I M NaOH regardless of the presence or 
absence of Ba2+ ion. 

(d) Influence of pH, current density and potential. The current efficiency for the 
hydrogen peroxide production in a neutral solution (pH 7.0) was measured at an 
anodized electrode. The results are shown in Table 4, which shows that the efficiency 
values (No. I, 2, and 3 in Table 4) fall between the efficiency values in I M NaOH 
and I N H2S04 solutions (Tables I and 2). Addition of bromide increases the efficiency, 

TABLE 4 

CURRENT EFFICIENCY FOR Hz02 FORMATION IN A NEUTRAL SOLUTION AT AN ANODIZED PLATINUM 

ELECTRODE 

No. Electrolyte Electrolysis time Hz02 formed. Efficiency 
(min ) (PC) I % )  

I 0.2 M NaAc + HAc (pH 7.0) 5 11.6 18.4 
2 0.2 M NaAc + HAc (pH 7.0) 10 18.7 17.6 
3 0.2 M NaAc + HAc (pH 7.0) I5 28.0 17.6 
4 0.2 M NaAc + HAc + 0.03 M KBr 10 46.7 44.0 
5 0.2 M NaAc + HAc + 0.1 M KBr 10 45.5 43.0 
6 Solution of No. 4 + 0.01 M ZnSO4 10 38.0 35.9 
7 Solution of No. 4 + 0.05 M ZnSOr 10 38.5 36.3 

a .4t an anodized electrode 18 cmz in area at a constant current of 1.0 mA. 

and addition of zinc ion decreases it a little, as would be expected from the results 
obtained above on the addition of anions and cations in alkaline and acid solutions. 

The efficiency for the hydrogen peroxide formation was also measured over a wide 
potential range in I M NaOH. The results are shown in Fig. 13, the measurements 
for which were carried out by passing a current of 1-18 rnA/electrode 16 cm2 in area 
for 2.5-15 min depending on the current. I t  can be seen from the figure, that the 
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efficiency values decrease with decrease in electrode potential. The factors contrib- 
uting to this would be as follows. First, in a cathodic potential range, the platinum 
surface is no longer covered with oxide film, but to some extent with adsorbed 
hydrogen and the catalytic activity for decomposing hydrogen peroxide may be 
greater than those at  anodic potentials where an oxide film exists on the surface. 
Decomposition of hydrogen peroxide on platinum has been considered as an electro- 
chemical pr0cess46~47 and therefore should be dependent on the electrode potential. 
Secondly, at the most cathodic potential (-0.775 V), 18 mA/16 cmz had to be passed 
in order to maintain the potential and this may be a little over the diffusion-limiting 
current. The diffusion-limiting current calculated (from il = nFDC/G) was 1.0 

mA/cm2, making the following assumptions: 6 = 0.005 cm for the gas-stirred solution, 
C = 0.8 x 10-6 molelcm3, n = 2, and D = 2.7 x I O - ~  cm2 sec-1. Thirdly, some 
other oxygen reduction processes and a hydrogen peroxide reduction process (e.g., 
OOH- + Hz0 + 3 e -t 3 OH-) are taking place to a greater extent at  the cathodic 
pote~tial than at  the anodic potential. 

Potential vs. N.H.E., volt 

Fig. 13. The efficiency values for Hz02 formation in the oxygen reduction process at platinum 
electrodes at various potentials in I M NaOH. (Ao), in I M NaOH at an anodized electrode; 
(A1), in I M NaOH + 1 0 - 2  M Ba(0H)Z at an anodized electrode; (Co), in I M NaOH at a cathodized 

electrode; (CI), in I M NaOH + 10-2  M Ba(0H)z at a cathodized electrode. 

At any rate, it is of interest to note that some hydrogen peroxide formation is 
certainly taking place even at a potential just before the beginning of hydrogen 
evolution and also that barium ion added to the I M NaOH still has the effect of 
decreasing the HzOz formation, although the electrode surface is not covered with 
oxide film at this cathodic potential. Further work is necessary to make this point 
clear. 

3. Effects of cations and anions on oxygen evolution 
(a) Platinum electrodes. Current-potential curves for the oxygen-evolution process 

were taken a.t a platinum electrode in I M NaOH from +o.6 V toward the more 
anodic direction. The effect of the addition NaC104, Sr(C104)~ and EDTA to the 
sclution are shown in Fig. 14. The results show that the electrode surface seems to 
attain a constant state after the first two successive curves (curves I, 2, 3), and the 
addition of 10-2 M NaC104 (and also KC1 in a separate experiment) has very little 
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effect (curves 3, 4). The overpotential for the oxygen-evolution process increases 
with increasing additions of Sr(C104)a (curve 5 ,  6,  7) and the addition of EDTA 
brings the curve back to the original position, probably because Sr2+ ions are com- 
plexed and no Sr2+ can be adsorbed on the surface. 

The increase in the overpotential for the three alkaline-earth ions at  the same 
concentration was in the following order: Ca2+>Srz+>Ba2+. However, the solubility 
of Ca(0H)z in I M NaOH is so small that the effect of Ca2+ could not be properly 
evaluated. 

There is some doubt concerning the function of EDTA in the experiment described 
above; it is possible that EDTA may be electrochemically oxidized on the platinum 
electrode in I M NaOH, in addition to fomGng a complex with Sr2+ ion. In order 

Potenti,al vs. N.H.E.,volt 

Fig. 14. Current-potential curves of an anodized platinum electrode (0.13 cm2 in surface area 
for the oxygen-evolution process in an 0 2  gas-bubbled I M NaOH solution. The potential scanning 
rate was 0.6 mV/sec. These curves were taken in the following order: (I), 1st run in I M NaOH; 
(2), 2nd run immediately after the 1st run in I M NaOH; (3). 3rd run immediately after the 
and run in I M NaOH; (4). in I M NaOH + 10-2  M NaC104 after curve (3) ; (5). in I M NaOH + 
10-2 M NaC104 + 1 0 - 4  M Sr(ClO4)2 after curve (4); (G), in I M NaOH + 10-2 M NaC104 + 
10-3 M Sr(Cl04)~ after curve (5); (7), in 1 M NaOH + 10-2 M NaC104 + 10-2 M Sr(C104)~ 
after curve (6); (8). repeated in the same condition as curve (7); (g), in I M NaOH + 10-2 M 

NaC104 + 10-2 M Sr(C104)~ + 2 .  10-2 M EDTA. 

Potential vs. N.H.E.,volt 

Fig. 15. Current-potential curves of a nickel electrode (about 0.2 cm2 in surface area) for the 
oxygen-evolution process in an oxygen gas-stirred I M NaOH solution taken a t  0.6 mV/sec. 
These curves were taken in the following order: (I), in I M NaOH; (2). in I M NaOH + 10-2 M 
NaC104; (3). in 1 M NaOH + 10-2 M NaC104 + 10-3 M Sr(C104)~; (4). in I M NaOH + 10-2 M 

NaClOa + 5-10-~ M Sr(C1Or)z; (5). as (4) + 10-2 M EDTA. 
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to examine this possibility, 25 rnl of (I M NaOH + 0.020 M EDTA) solution was 
electrolyzed in an H-cell with a platinum electrode (6.0 cm2) as anode a t  a current 
density of 1.0 mA/cm2 up to 60 min under oxygen gas stirring. The concentration 
of the EDTA was determined every 20 min by titrating a 5.0-ml portion of the 
solution with a standard solution of o.o~oo M ZnS04 using Eriochrome Black T as 
indicator. During the electrolysis the electrode potential rose from an initial value 
of +0.865 to +I.o55 V vs. N.H.E. at the end of the electrolysis. I t  was found that 
the concentration of the EDTA solution remained constant within analytical error 
even after 60 min. This suggests that EDTA is not oxidized electrochemically under 
these conditions. 

(b) Other electrodes. The same experiments as for the platinum electrode were carried 
out to confirm the effect of Ba2+, Sr2+, and Ca2+ in I M NaOH for nickel, palladium, 
nickel oxide, gold, and graphite electrodes. The results for a nickel electrode are shown 
in Fig. 15; the relative effect of Sr2+ and EDTA are essentially the same as for a 
platinum electrode except that oxygen evolutio~ takes place at  much lower potentials 
on nickel than on platinum. Tafel slopes were obtained from these current-potential 

TABLE 5 

INFLUENCE OF SrZf ON THE OXYGEN OVERPOTENTIAL 

Potential at 0.05 mA/cmz (us. N . H . E . )  Potential Tafel slopes ( m  Vldecade) 

Electrode I M N ~ O H  I M N ~ O H  + . IO-L increase I NUOH I M NaOH + 5- 10-3 

( V) M S~(C104)2 ( m  v )  M S~(C104)e 

Ni 0.678 0.738 60 72 85 
Pd 0.754 0.769 75 85 85 
Pt 0.785 0.875 90 57 80 
Ni@ 0.823 0.901 78 54 77 
Au 0.858 0.928 70 67 77 
Graphiteb 0.935 0.978 43 105 105 

Prepared by heating a nickel rod at 700' for 10 min. 
b A graphite rod for the spectrographic analysis. 

relations. These results are summarized in Table 5, which shows that the oxygen 
overpotential increases by 15-90 mV in the presence of 5 - 10-3 M Sr(C104)~ depending 
on the electrode material, and the Tafel slope increases only slightly in most cases 
when Sr(C104)2 is added in I M NaOH. 

4. DISCUSSION 

In order to understand the considerable effect of small amounts of anions and cations 
added to the electrolyte as described in the preceding sections, we must assume that 
these ions are adsorbed on the electrode surface. First the nature of the adsorption 
mechanism has to be discussed. 

Various metal oxides with hydrated surfaces generally have an ion-exchange 
property. The hydroxyl groups which exist on the surface of these metal oxides in 
aqueous solutions usually dissociate in two ways depending on the pH of the so- 
lutiong, that is 

IM-OH+/M++ OH- (in acid solutions) 

,M-OH+[MO- + H+ (in alkaline solutions) 
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where IM represents a metal atom on the surface of the oxide. These OH- or H+ 
ions ark held near the iM+ or jMO-, respectively. Therefore, anion exchange-ad- 
sorptions in acid solutio& and cation exchange-adsorptions in alkaline solutions take 
place as shown in the eqns. (7) and (8) respectively: 

IM+OH-+CI--+/M+cI-+OH- (7) 

IMO-H++M++:MO-M++H+ (8 ) 

The platinum electrode is covered with oxide film in a certain potential range; 
therefore, anion adsorption in acid solution and cation adsorption in alkaline solution 
should be expected on the electrode su~face. 

I t  has been shown that 0 2  is reduced on a PtOz-covered surface at an anodized 
electrode and on a surface covered with Pt(OH)2 (or adsorbed oxygen) at a cathodized 
electrode in I M NaOH (Fig. IZ) ,  and that a smali amount of BaZ+, Sr2+, and Ca2+ 
had a considerable effect (Table I). These ration effects can be explained on the basis 
of ionexchange adsorption. 

The anion effect on oxygen reduction found in acid solution, (Table z), can be 
explained on the basis of anion exchange adsorption; however, the electrode surface 
is no longer covered with oxide film i~ the presence of Br- ion during the oxygen 
reduction (Fig. 11). This anion effect in acid and neutral solutions, therefore, can only 
be a result of the specific adsorptioil of halide ions. The ir~fluences of such specific 
adsorption of halide ions on various electrode processes has frequently been described 
in the literature48149.50. 

I t  has previously been suggestedl0.11 that the nature of the divalent cation adsorp- 
tion on metal oxides is not due to a simple electrostatic attraction, as in an ordinary 
organic ion-exchanger, but to a kind of co-ordination bonding; a surface complex 
mechanism involving a six-membered ring with the surface atoms, which is much 
more stable than the ionic bonding, has been proposed. According to this mechanism 
the surface hydroxyl groups make a surface complex with Ba2+ ion, for example, as 
follows : 

If the adsorption force were an ordinary electrostatic attraction, Naf would be 
adsorbed rather than Ba2+ in I M NaOH, as follows: 

because the concentration of Na+ is far greater than that of Ba2+ and total molarity 
of the electrolyte is high in the experimental conditions of this paper51. 

I t  was shown that Ba2f. Sr2+, and Ca2+ ions had a marked effect on the oxygen- 
evolution process. This means these positively charged ions must have been adsorbed 
on the platinum electrode at such a positive potential. This also indicates that 
electrostatic attraction between the divalevt cation and the electrode surface is not 
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the adsorption force, but the surface complex formation described above is probably 
involved. 

One can summarize (see Table 6) a relation between the surface condition of the 
platinum electrode and the main piocess for oxygen reduction. At  the first Surface, 
Na+ ions may be held by an electrostatic attraction around the negatively-charged 

TABLE 6 

MAIN OXYGEN REDUCTION REACTION AT AN ANODIZED Pt ELECTRODE WITH VARIOUS ELECTROLYTES 

Electrolyte Electrode surface. 
Main Propor- 

tionb Potentiale 
reaction f %) 

us. N.H.E. 

. I 
JM-0-Na+ 

I M NaOH 
I 

(Surface I) 0 0 2  + 0 0 H -  80-100 -0.035 
I 

I M - 0 - ~ a +  
: I 
. I 
IM-0 

I M NaOH 
: I  \ 

(Surface 2) 0 Ba 0 2  + OH- 69-80 -0.055 
+ 10-8 M Ba2+ . I  / 

IM-0 

I 
0 

I N 
I 

(Surface 3) ~ M + S O ~ ~ -  Oo + Hz0 90-100 +0.737 
i I 

i 
I N (Surface 4) IM-Br 0 2  -+ HzOa 50-65 $0.497 
+ 10-2 M Br- I 

0 

IM represents the metallic atom in the metal oxide films on the electrode surface. 
b ~ r o ~ o r t i o n  of the main oxygen reduction reaction to the total current. 

Potential during the constant current electrolysis a t  1.0 mA/16 cmz. 

surface and in Surface 3, S042- ion may be held near the surface in the same way. 
Surface 4 shows the specific adsorption of Br-. Although the main electrochemical 
reaction for oxygen reduction was found to be dependent on the surface state of the 
platinum electrode, such as adsorption on the surface as well as on the electrode 
potential, the detailed mechanism of these electrode processes will have to be elucidat- 
ed by further research. 
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SUMMARY 

The effects of the addition 10-4-10-1 M of various anions and cations to I N H2S04 
or I M NaOH solutions on oxygen-reduction at pre-anodized and pre-cathodized 
platinurn electrodes were examined by measuring coulombic efficiency for formation 
of hydrogen peroxide (calculated on the basis of 0 2  + Hz0 + 2 e -+ OOH- + OH-) 
and also by current-potential curves. In I M NaOH, oxygen was reduced to hydiogen 
peroxide with an efficiency of almost 100% at  the pre-anodized electrode. However, 
in the presence of Ba2+, Sr2+, and Ca2+ in I M NaOH, the efficiency de- 
creased to 10-15% with increasing concentration of the ions. In I N H2S04, 
oxygen was reduced mainly to water and the coulombic efficiency for hydrogen 
peroxide formation was only 10-zo%, but in the presence of C1- and Br- ions this 
efficiency increased to go do^/,. Current-potential curves indicated that overpoten- 
tial of the oxygen reduction at  the platinum electrodes increased in the presence of 
Ba2+, Sr2+, and Ca2+ ions in I M NaOH, and in the presence of C1- and Br- ions 
in I N Hss0.1. Catalytic activity of the platinum electrodes for hydrogen peroxide 
decomposition in I I I f  NaOH and I A; H2S04 with and without the addition of the 
anions and cations was also measured. 

These results are discussed on the basis of ion-exchange adsorption of cations and 
anions on the oxide-covered platinum electrodes. I t  is concluded that the oxygen 
reduction on platinum is not one process, but at  least two processes including 
0 2  + Hz0 + 2 e + OOH- + OH- in alkaline solution and 0 2  + 2 H+ + 2 e -+ 
Hz02 in acid solution, and the proportion of hydrogen peroxide formation 
depends on the surface condition of the electrode, such as presence of oxide film 
and/or adsorption of anions and cations. 

Oxide films and/or adsorbed oxygen which exist on the platinum electrodes were 
summarized and a voltammetric study of a special oxide film formed on an excessively 
anodized platinum electrode was described. Overpotential of oxygen evolution on 
other metals and graphite as well as on Pt  in I M NaOH increased by I5 - go mV 
when Bas+, Sr2+, or Ca2+ ions were added to the electrolyte. 
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Derivative polarographic titration, originating from REILLEY. COOKE AND FUR MAN^. 
has only recently been applied for the determination of some substances in non- 
aqueous solutions. SHAIN AND SVOBODA~ have titrated weak organic acids with 
tetrabutylammonium hydroxide using acetone as solvent in the presence of two 
polarized Pt  micro-electrodes and have observed that the titration end-point coin- 
cided with the maximum potential difference obtained in the course of the titration. 
Such a maximum was more marked than the change of potential in classical po- 
tentiometry. The effect of the polarization of electrodes on the potential jump was 
studied by Ross AND SHAIN~ as well as by HARLOW, NOBLE AND WYLD*. The latter 
authors, titrating potentiometrically weak acids in ethylenediamine in the presence 
of a polarized Pt-electrode, have obtained potential jumps two to three times as great 
as those obtained with glass electrodes. SVOBODA~ has determined arnines in a mixture 
of m-cresol and acetonitrile by a derivative polarographic method. However, when 
attempting the determination of the same amines in glacial acetic acid, which is the 
most common solvent used in non-aqueous titrations, he neither obtained repro- 
ducible results nor a sharp maximum at  the titration end-point. 

A platinum electrode is unsuitable for the measurement of the acidity of a solution 
since it is not fully reversible; its potential is dependent upon time and the results 
are not reproducible. We have assumed that the addition of quinhydrone, which 
reacts reversibly in acid media, would eliminate this disadvantage of the Pt-electrode 
in glacial acetic acid. A similar effect can be expected from the use of other reversible 
reacting electrodes (antimony, hydrogen etc.). 

Derivative polarographic titrations have so far not been performed in the presence 
of quinhydrone electrodes. Antimony electrodes have mostly been applied for 
titrations in aqueous solutions. ENOKI AND MIRISAKA~ have used antimony electrodes 
in derivative polarographic titrations of acids and bases in aqueous and alcoholic 
solutions. BISHOP AND S ~ o ~ ~ 7 ~ 8 . 9  have used antimony electrodes in aqueous solutions 
and made detailed studies of electrode processes, examining various factors which 
alter the potential during titration. 

We have used antimony and quinhydrone electrodes in derivative polarographic 
titrations with perchloric acid of tertiary amines and salts of organic acids in a 
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mixture of glacial acetic acid and acetic acid anhydride. The properties of antimony 
and quinhydrone electrodes as well as the results obtained in their presence are 
presented in this work. 

EXPERIMENTAL 

Our experiments were performed with the apparatus shown in Fig. I. The current 
source was a 2-V lead storage battery. Titrations in the presence of quinhydrone were 
performed with electrodes of Pt-wire, 1.2 cm long, and 0.5 mm in diameter, which 
were sealed into glass rods so that their distance apart (2 cm) remained constant 

D 

Fig. I .  A, storage battery; B, decade resistance box; C, cell with electrodes; D, pH-meter, E 
magnetic stirrer. 

during the titration. We have also used Pt-electrodes of I cmz surface area, the 
distance between which could be arbitrarily changed. Tungsten electrodes, I-cm long, 
and 3 mm in diameter were also used. For titrations in the presence of antimony 
electrodes, two Radiometer electrodes were used. A resistance box from I kS1-11 MS1 
was used for the adjustment of the necessary current strength. The potential differ- 
ence between electrodes was measured by means of a Radiometer 22 p pH-meter. 
For the potentiometric determination of the substances under investigation, a glass 
electrode and a mercury-mercurous acetate (H~/H~~(CH~COO)Z)  electrode con- 
taining a saturated solution of sodium perchlorate in glacial acetic acidlo was used; 
for derivative polarographic titration in the presence of quinhydrone the solution was 
saturated with quinhydrone (Analar) prior to the titration. 

The solvent used was glacial acetic acid (Merck or Fluka p.a.), in a mixture with 
acetic acid anhydride (Carlo Erba or Kernika p.a.). 0.1 N perchloric acid solution was 
standardized with a solution of either sodium acetate or potassium hydrogen phtha- 
late in glacial acetic acid. A standard solution of sodium acetate was prepared from 
the appropriate amount of sodium carbonate (Merck p.a.), previously dried at 270'. 
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In titrations of hydrochlorides of organic bases a 3% mercuric acetate solution was 
added to the solvent mixture. 

Titrations of liquid amines (triethyl-, triheptyl-amine etc.) were carried out by 
taking a measured volume of the aqueous solutions of the amine prepared by weighing 
a definite amount in a volumetric flask and diluting to the desired volume. 

Preliminary investigations have shown that either the application of reversible 
electrodes or the presence of a reversible system in the solution can solve the problem 
of derivative polarographic titration in glacial acetic acid. The addition of quin- 
hydrone to the solution in the presence of platinum or tungsten electrodes or the use 
of antimony electrodes fulfilled the above requirement. 

Behaviour of quinhydrone electrodes 
Detailed investigations have shown that in the presence of quinhydrone a sharp 

maximum was obtained at  the end-point of the titration, the results of the analysis 
being fully reproducible. The rate of potential establishment depends upon the 
titrated substance. The common feature of all systems investigated so far. is that the 
potential is more rapidly established before the titration end-point, than at  the 
equivalence point and after. In order to determine which electrode process is charac- 
teristic for a titration, we have measured, in the course of titration, the chaiges of 
potential, at both the anode and the cathode with respect to a fibre-type saturated 

Number of equiv. 

Fig. 2. Changes of anodic potential (E.), cathodic potential (E,), and their difference (E), during 
the titration of a 3 . 1 0 - 8  M solution of antippine in the presence of quinhydrone electrodes. 

calomel electrode (S.C.E.), (Fig. 2). We have observed that the anode potential is 
slowly attained in the vicinity of the equivalence point and after it. In the course 
of the titration the potential increases constantly; in most of the titrated systems 
an enhanced potential jump appeared at  the titration end-point. On the other hand, 
the potential at the cathode is rapidly attained; it is also constantly increasing, i.e., 
is becoming more positive. An abrupt change of the potential also appears at the 
cathode, in dependence of the titrated system. I t  is important to note that the 

J. Eleclroanal. Chem., 8 (1964) 40-48 



DETERMINATION OF TERTIARY AMINES AND SALTS OF ORGANIC ACIDS (I) 43 

potential rise on the cathode is smaller than that on the anode. Accordingly, it is 
obvious, that the shape of the titration curve (depicted in Fig. 2) depends upon the 
electrode processes at both the anode and the cathode, whereas the rate of attainment 
of the potential difference depends only upon the process at  the anode. 

Our investigations have shown that the concentration of acetic anhydride effects 
the magnitude of the potential change at  the titration end-point. The maxima 
obtained are more enhanced in the presence of an excess of acetic anhydride, and 
the potential jump a t  the anode is from 300-400 mV per 0.01 ml of 0.1 N perchloric 
acid solution. We have therefore determined water content of glacial acetic acid by 
the Karl Fischer method", and have then added sufficient acetic acid anhydride so 
that the ratio acetic acid: acetic anhydride is 5 : I. However, when titrating some 
substances, for instance, caffeine and caffeine-sodium benzoate, an excess of acetic 
anhydride was necessary. 

The sharpness of the titration end-point is also affected by the size of the platinum 
electrode surface. An increase of surface results in a decrease in the maximum height. 
However, no significant differences in maximum height were observed using elec- 
trodes of 0.19 and I cm2. 

The amount of quinhydrone used affects neither the accuracy of the results nor 
the shape of the titration curves but the maxima obtained in the absence of quin- 
hydrone are significantly smaller thus rendering the estimation of the titration end- 
point more difficult; in addition, the results obtained are not in good agreement. 

Behaviour of antimony electrodes 
Antimony electrodes were found to be very convenient for titrations ot tertiary 

amines and alkali salts of organic acids. The height of the maximum depended upon 

Fig. 3. Changes of anodic potential (E.), cathodic potential (E,), and their difference (E), during 
the titration of a 3 10-2 M solution of sodium benzoate in the presence of two antimony elec- 

trodes. 
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the strength of the titrated base, e.g., in the titration of diethylaniline (K = 4.5 x 
10-8, in water) dissolved in a mixture of glacial acetic and acetic anhydride (I : I), 
a change in potential difference of about 140 mV per 0.1 ml of added perchloric acid 
solution was obtained at  the equivalence point. However, the change for caffeine 
(K = 4.1 x 10-14 in water), under the same experimental conditions, amounted only 
to about 15 mV per 0.1 ml of titrant. The sharpness of the titration end-point, as 
with the quinhydrone electrode, depended also upon the composition of the solvent, 
e.g., the change of potential difference at  the equivalence point of brucine dissolved 
in a mixture of acetic acid and acetic anhydride (6 : I) was 50 mV per 0.1 n ~ l  of 0.1 N 
perchloric acid solution but was 120 mV when the solvent consisted of equal parts 
(I : I) of acid and anhydride. Similar results were obtained with other titrating 
systems. 

By measu~ing the anode and cathode potential against a S.C.E. during titration, 
we obtained curves of bilogarithmic shape as with titrations carried out in the 
presence of quinhydrone (Fig. 3). The titration end-point, determined by measuring 
the changes of the anodic potential. is observed slightly before the equivalence point, 
but when determined from cathodic potential changes, i t  occurs slightly after the 
equivale~ice point. The deviations obtained are 0.02-0.03 ml of 0.1 N perchlo~ic acid 
solution. The same effect, although to a much less extent was observed also in the 
presence of quinhydrone electrodes. This phenomenon might be ascribed to the effect 
of concentration polarization, caused by constant current flow; therefore, the 
concentration of hydrogen ions at  the anode is increased and that at  the cathode is 
decreased. The curve obtained in derivative polarographic titration depicts the 
difference between the anodic and the cathodic potentials in the course of titration; 
its maximal value denotes the equivalence point. 

Titration procedures and resuits 
For each derivative polarographic titration in glacial acetic acid, 0.1-0.2 g of the 

substance to be titrated was weighed (taking into account the amounts taken in 
procedures given in pharmacopoeias). The determinations were carried out using 
pharmaceutical products, the purity of which were checked by potentiometric 
titration. The concentrations of the titrated solutions ranged from 0.03-0.05' M. 
Preliminary investigations indicated the possibility of titrating more diluted so- 
lutions. Satisfactory results were obtained for the titration of 0.01 M sodium hydro- 
gen phthalate with 0.01 M perchloric acid solution. 

The substances investigated behaved very differently when titrated, (Fig. 4). 
Sodium acetate, potassium hydrogen phthalate, sodium 9-aminosalicylate, sodium 
benzoate, procaine HC1, caffeine, I-phenyl-3-methyl-pyrazolone-5, isoniazide and 
antipyrine gave only one maximum corresponding to one equivalent of perchloric 
acid, whereas aminopyrine gave two maxima, the first of which was sharp and 
corresponded to one equivalent of perchloric acid. The other, although higher, could 
not be used as an end-point since it was not at  all sharp. Caffeine-sodium benzoate 
and quinine gave only one maximum corresponding to two equivalents of perchloric 
acid. 

The duration of the titration varied with different titrating systems (in the presence 
of quinhydrone electrodes, from 30 min to 2 h;  in the presence of antimony electrodes 
up to 40 min), because of the different rates of establishment of potential. The 
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potential was most slowly attained in the titration of novalgin, but it is imperative 
to wait until the equilibrium state at the electrodes is reached, otherwise the titration 
end-point cannot be determined. This difficulty was not encountered in the titration 
of other substances. 

- 
1 2 

Number of equiv. 

Fig. 4. Titration curves obtained with 0.1 M perchloric acid in the presence of quinhydrone 
electrodes: (A). 10-2 M solution of caffeine, resistance 50 kn; (B), 10-2 M solution of novalgin, 

resistance 10 kR; (C), 1 0 - 2  M solution of aminopyrine, resistance 80 kn. 

TABLE 1 

Sodium ben- 0.1 N HClOd Sodium ben- 
No. zoate taken consumed zoate found Solvent 

f g) fml)  (c) 

Mean value: 
Found by potentiometric titration : 

Zldl f o.oooz is the average deviation, - . 
("1 
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A comparison of the results obtained by derivative polarographic titrations in the 
presence of antimony electrodes, with those obtained in the presence of quinhydrone 
electrodes show that a sharper end-point is obtained with quinhydrone electrodes 
(Fig. 5). The advantage of antimony electrodes is that there is a more rapid establish- 
ment of potential. For titrations of hydrochlorides of organic bases carried out in the 
presence of mercuric acetate, the antimony electrodes become amalgamated and 
consequently the potential is less rapidly established. 

2001 - 
0.5 1.0 1.5 2.0 

Number of equiv. 

Fig. 5. Titration curves of 3 . 1 0 - 2  M solution of cinchonine in the presence of two quinhydrone 
(Pt) or two antimony electrodes. 

Derivative polarographic titrations give results of excellent reproducibility and 
high accuracy. For instance, Table I shows the results obtained in the determination 
of sodium benzoate by derivative polarographic titration with antimony electrodes. 
The results obtained using various titrating substances are given in Table 2. 
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SUMMARY 

Derivative polarographic titration of some tertiary arnines and salts of organic acids 
with perchloric acid in a mixture of glacial acetic acid and acetic anhydride, with two 
antimony or quinhydrone electrodes is described. The advantages of the method over 
potentiometric titration are that a sharper end-point is obtained and the use of a 
reference electrode and a salt bridge is avoided. The rather long time required for 
the titration of certain systems is a disadvantage. Quinhydrone electrodes give 
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sharper titration end-points than antimony electrodes, but titrations with the latter 
can be accomplished more rapidly. The results obtained are in very good agreement 
with those obtained by potentiometric titration and afford excellent reproducibility. 
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We have described in previous papersl.2 the titration of tertiary amines in glacial 
acetic acid by the method of derivative polarographic titration. In that work we 
studied the behaviour of antimony and quinhydrone electrodes, particularly the rate 
of the potential establishment and also the changes of anode and cathode potential. 
We have now extended our investigations further to the examination of the use 
of these electrodes for the determination of the end-point by the dead-stop method. 
This is a useful method for analyses in non-aqueous media and is well known for its 
simplicity and accuracy. 

In spite of its advantages, the dead-stop method has not often been applied to the 
titration of acids and bases. The first attempt in this direction was made by MANN~,  
who carried out titrations of acids and bases in the presence of quinhydrone electrodes 
and used the method for the determination of the acid and saponification numbers 
of oils, in a mixture of alcohol and benzene. He also obtained good results in the 
titrations of organic acids and bases in the presence of quinhydrone when he replaced 
the platinum electrodes with aluminium electrodes. However, this method did not 
give satisfactory results in solutions containing chlorides, nitrates, nitrites and strong 
oxidizing agents. A further improvement in dead-stop titrations was made by ENOKI 
AND MIRISAKA~, who used antimony electrodes. 

Of the above mentioned electrodes we have found that both the quinhydrone and 
the antimony electrode are useful for titrations in glacial acetic acid because of their 
reversibility, rapid establishment of equilibrium and also because they are corroded 
by few organic solvents. 

EXPERIMENTAL 

The analyses were performed with the apparatus depicted in Fig. I. The electromotive 
force e.m.f. necessary for the polarization of electrodes was obtained from a 2-V lead 
storage battery connected with a 100-Q potentiometer, Elektrozveze PON 210. The 
changes of current during the titration were measured with a multiflex-type galvano- 
meter, Radiometer GMV 13 b, the sensitivity of which was changed by connecting 
a potentiometer in parallel. Besides the electrodes described previouslyl.2, tungsten 
and aluminium electrodes of small area, in the presence of quinhydrone, were also 
used in this titration. 

J .  Electroanal. Chem., 8 (1964) 49-54 
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The preparation of solvents, standard solutiorl of perchloric acid and samples for 
titration have already been described in the previous work. 

The curves obtained in titrations in acetic acid by the dead-stop method are 
similar in shape to those obtained in aqueous solutions; with antimony electrodes the 
titration end-point is indicated by the current minimum (Fig. aa). The minima 

Fig. I.  A, lead accumulator; B, 100-a potentiometer; C, mirror galvanometer; D, I-kl'l poten- 
tiometer. 

Fig. 2. Titration curves of 3 - 1 0 - 2  M solution of antipyrine: (a), with two antimony electrodes; 
(b), with two quinhydrone electrodes. 

J .  Electroanal. Chem., 8 (1964) 49-54 
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obtained are clearly defined but their sharpness depends to a great extent on the 
composition of the solution used. An increase in the amount of acetic anhydride in 
the solvent mixture increases the sharpness of the titration end-point. This is illus- 
trated by the curves obtained in the titration of antipyrine in the presence of various 
acetic acid-acetic anhydride mixtures. (Fig. 3). A similar effect was observed when 

I ! : ! ! ! . ! !  
1 2 3 4 5 6 7 8 m l  

Fig. 4. Titration curves of 3 . 1 0 - 2  M solution of sodium salicylate in the presence of quinhydrone 
with two tungsten electrodes. 

Fig. 3. Titration curves of 3 1 0 - 2  M solution of antipyrine: (I), in pure glacial acetic acid; 
(II), (111). (IV), (V) and (VI), in solutions containing 10, 20, 40, 60 and So%, respectively, of 

acetic anhydride. 

J. Electroanal. Chem., 8 (1964) 49-54 
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9 V. VAJGAND, T. PASTOR 

quinhydrone electrodes were used, although the titration curves obtained by the use 
of quinhydrone electrodes are different in shape from those obtained with antimony 
electrodes. From the shape of the curve in Fig. zb, it is apparent that the current 
rapidly decreases at the titration end-point, and then remains constant. During the 
titration in the presence of quinhydrone the current is stable up to the equivalence 
point. Towards the equivalence point it begins to change slowly and, to obtain the 
stationary state one has to wait 5-20 min after the addition of reagent. After the 
titration end-point, each addition of titrating agent effects a small rise in current, 
but after some time the current slowly decreases to a constant value. As a result, 
the titration with quinhydrone electrodes takes rather a long time. We tried to 
overcome this disadvantage by using tungsten or aluminium electrodes, but these 
were unsatisfactory. With tungsten electrodes, which give titration curves of similar 
shape as those obtained using platinum electrodes (Fig. 4), the stationary state was 
attained even more slowly; in the titrations carried out with aluminium electrodes the 
end-point was not sharply defined (Fig. 5).  

Fig. 5. Titration curve of 7 .  1 0 - 8  M solution of narcotine in the presence of quinhydrone with 
two aluminium electrodes. 

Besides the advantages of the dead-stop titration in glacial acetic acid, such as the 
stability of current in the course of titration and the sharpness of the titration end- 
point, antimony electrodes exhibit also some undesirable properties. For example, the 
titsation of hydrohalides of organic bases in the presence of mercuric acetate causes 
the formation of antimony amalgam so that the electrode is very quickly corroded; 
in the tit ratio^? of strychnine nitrate the current fluctuates continually until the 
vicinity of the equivalence point, and then at the end-point becomes steady and 
remains so. However, in the titration of Iversal (p-benzoquinone-guanylhydrazone- 
thiosemica~bazone), in spite of the formation of a precipitate (which is formed during 
the titration and is dissolved after the titration. end-point), antimony electrodes gave 
good results, whereas the same titration was unsuccessful with quinhydrone elec- 
trodes. 

J .  Electroanal. Chew., 8 (1964) 49-54 
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The potential difference between the electrodes was varied from 40-100 mV. I t  is 
possible to apply a smaller potential difference using a more sensitive galvanometer. 
The current strength measured in the titrations was only 0.1-50 pA because of the 
very high resistance of the titrated systems. 

Using this method we have successfully titrated solutions in the concentration 
range 7 10-3-3 - 1 0 - 2  M. Theobromine and novalgin could not be titrated by this 
method. The titrated systems and the results obtained are presented in Table I. This 
table shows that the results obtained by the dead-stop method are in accordance with 
those obtained by potentiometric titrations, and that the reproducibility is excellent. 
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SUMMARY 

In this work, compounds containing tertiary nitrogen and salts of organic acids were 
titrated with perchloric acid by a dead-stop method in a mixture of glacial acetic acid 
a11d acetic anhydride. With antimony electrodes the stationary state was quickly 
established, the current was stable and the end-point was indicated by a sharp 
minimum in the current. Titrations in the presence of quinhydrone electlodes 
required a longer time and at the titration end-point the current was sharply reduced 
to a value which remained constant on further titration. 

The effect of various amounts of acetic anhydride on the sharpness of the end-point 
in the presence of antimony, and quinhydrone electrodes has also been studied. 
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ELECTROCHEMICAL BEHAVIOR OF COPPER IONS AND SILVER ION IN 
HYDRACRYLONITRILE AND SOME RELATED NITRILES 

FLOYD FARHA, JR. AND REYNOLD T. IWAMOTO 

Department of Chemistry, University of Kansas, Lawrence, Kansas ( U . S . A . )  

(Received March 11th. 1964) 

Voltammetry has been used to study the solvation of copper ions and silver(1) ion 
in a variety of nitrilesl-3 and alcohols415. In nitriles, the electrochemical reduction 
of copper(I1) ion to the metal proceeds in two separate steps. This behavior of copper 
ions in nitriles is in contrast to that in water, in which copper(I1) ion is reduced 
directly to the metal in one step, and is attributable to the combined effect of higher 
solvation energy of copper(1) ion and lower solvation energy of copper(I1) ion in these 
solvents than in water. In the alcohols, copper(I1) ion is reduced to the metal, also 
in two separate one-electron steps, but the behavior of copper ions is due solely to 
the lower solvation energy of copper(I1) ion in these solvents than in water. Hy- 
dracrylonitrile possesses two active functional groups, the OH-group and the CGN- 
group, through which it could solvate metal ions. In addition, this solvent has two 
conformers (gauche and trans) in equilibrium in the liquid state and a third (cis) that 
is obtainable, which could participate in the solvation of metal ions. The nature of 
solvated metal ions, particularly copper ions, in hydracrylonitrile and related 
nitriles, therefore, is of considerable interest. Use has been made of the potential of 
the copper(I1)-copper(1) couple and that of the copper(1)-copper couple in these 
solvents to investigate this problem. Infrared and visible spectral studies have been 
carried out, and the results substantiate the information obtained from the electro- 
chemicaJ study. 

~ecagse  the chemistry of silver(1) ion and of copper(1) ion, in general, are similar, 
the electrochemical behavior of silver(1) ion in hydracylonitrile and related nitriles 
has been examined and compared with that of copper(1) ion in the same solve~lts. 

EXPERIMENTAL 

The organic solvents were purified by treatment with appropriate reagents and 
fractional distillation. Absolute methanol, ethanol, I-propanol, and I-butanol were 
treated with calcium hydride and sodium borohydride, refluxed for an hour, then 
fractionally distilled. Hydracrylonitrile, 3-methoxypropionitrile, gethoxypropioni- 
trile, 3-isopropoxypropionitrile, 3-butenenitrile, and 3-chloropropionitrile were 
passed through a 2.5-cm (i.d.) x 35 cm column of neutral Woelm chromatographic 
alumina, activity grade I, and fractionally distilled under reduced pressure. Acetoni- 

J.  Electroanal. Chem., 8 (1964) 55-64 
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trile was dried over and distilled from phosphorus pentoxide. Propionitrile was 
distilled first from calcium hydride, then from a small amount of phosphorus pen- 
toxide. Ally1 alcohol was dried over anhydrous potassium carbonate and fractionally 
distilled after filtration from the potassium carbonate. 

Anhydrous lithium perchlorate, hexa-aquo-copper(I1) perchlorate, and anhydrous 
silver perchlorate (all G. F. Smith Chemical Co. products) were dried in a vacuum 
oven at 70" and stored over anhydrous magnesium perchlorate. Analysis showed the 
copper salt to be the dihydrate. Tetraethylammonium perchlorate was prepared by 
neutralizing a 10% tetraethylammonium hydroxide solution (Eastman) with 
reagent-grade 70:& perchloric acid, recrystallizing six times from water, and drying 
in a vacuum oven at 70'. Tris(4,7-dimethyl-I,IO-phenanthroline)iron(II) perchlorate 
was prepared as described previously6. 

Current-voltage curves were obtained with a Kelley-Jones-Fisher7 controlled- 
potential polarograph. All solutions were examined at 25 f 1'. An H-type polaro- 
graphic cell was used, with either a dropping mercury electrode or a rotating platinum 
electrode in one side arm. A saturated calomel electrode and a platinum-foil electrode, 
to function as the auxiliary electrode in a three-electrode system, were placed in the 
other side arm. A ca. I-cm length of 22-gauge platinum wire extending from the tip 
of a soft-glass tubingrotated at ca. 600 r.p.m. served as the rotating platinum electrode. 

One-tenth molar (0.10 M) tetraethylammonium perchlorate or lithium perchlorate 
solutions ca. 5 10-4 M in copper(I1) perchlorate were used in the electrochemical 
study. They were deoxygenated with purified nitrogen and protected from atmos- 
pheric oxygen during the course of measurement by passing nitrogen over the 
surf ace. 

A calibration curve of dielectric constant vs. capacitance reading of a Sargent 
Model V chemical oscillometer was used to obtain the dielectric constant of hy- 
dracrylonitrile, 3-methoxypropionitrile, 3-ethoxypropionitrile, 3-isopropoxypropioni- 
trile, 3-butenenitrile, 3-chloropropionitrile and the I : I ethanol-acetonitrilemix- 
ture. 

Visible spectral data were obtained with a Cary Model 14 recording spectrophoto- 
meter, and the infrared spectral data with a Perkin-Elmer Model 421 spectrophoto- 
meter. 

RESULTS 

Table I sununarizes the pertinent electrochemical data on the behavior of copper ions 
at the dropping mercury electrode and at the rotating platinum electrode in hy- 
dracrylonitrile, in several related nitriles, and in other solvents of importance to this 
study. Similar information for silver(1) ion is presented in Table 2. Each potential 
has been corrected to adjust for differences in liquid-junction potential among the 
solvents6. 

Eeorr.  =Et oxid. of tris(4,7~imethyl-l,l0-phe1~~nthroline)ir(II) (aqueous LiC104) - E+ oxid. of 

tris(4,7-dimethyl-l,l0-phenanthroline)iron(11) (solvent). 
Aqueous lithium perchlorate solution is the reference solvent. Table 3 contains the 

half-wave potentials for the oxidationof tris(4,7-dimethyl-I,IO-phenanthroline)iron(II) 
in the solvents used in this investigation. 

The infrared and visible spectral data are summarized in Table 4 and 5, respectively. 

J .  Electroanal. Chem., 8 (1964) 55-64 



58 F. FARHA, JR., R. T. IWAMOTO 

TABLE 2 

ELECTROCHEMICAL BEHAVIOR OF SILVER ION IN HYDRACRYLONITRILE, SOME RELATED NITRILES, 

AND OTHER PERTINENT SOLVENTSa* b* 

Et4NClO4 Lac104 
(Supportilzg electrolyte) (Supporting electrolyte) 

Solvent 

Eo'no(r),ne 
0.059 

Eo'nr(~),~r 
0.059 

n n 

Hydracrylonitrile 
I : I Ethanol-acetonitrilee 
I : I I -Butanol-propionitrile 
3-Methoxypropionitrile 
3-Ethoxypropionitrile 
3-lsopropoxypropionitrile 
3-Butenenitrile 
3-Chloropropionitrile 
Acetonitrile 
Propionitrile 
Acrylonitrile 
Ally1 alcohol 
Methanol 
Ethanol 
I -Propano1 
Hz0 

Acetonitrile 
3-Methoxypropionitrile 
3-Ethoxypropionitrile 
3-Isopropoxypropionitrile 
3-Butenenitrile 
3-Chloropropionitrile 
Propionitrile 
Acrylonitrile 
- -- 

~Al l  solutions are 0.1 M in supporting electrolyte. bAll E-values are us. S.C.E. @All E- and o.ogg/n- 
values are the average of two or more runs. dEach E-value has been corrected for junction poten- 
tial difference between the solvent system us. S.C.E. and aqueous lithium perchlorate solution us. 
S.C.E. (see RESULTS). eEquimolar mixture. 'Value from one run. 

DISCUSSION 

The potentials for the copper couples in water are: 

Cu+ + e = Cu; Eo = +0.28 V US. S.C.E. 

Cue+ + = CU+; E0  = -0.09 V us. S.C.E. 

These potentials and those in acetonitrile and in ethanol for the two couples indicate 
(i) that the solvation energy of copper(1) ion in acetonitrile is much greater than that 
in water, and in ethanol about equal to that in water, and (ii) that the solvation 
energy of copper(I1) ion is less both in acetonitrile and in ethanol than in water. 
Quantitatively, the solvation energy of copper(1) ion is the equivalent of 0.58 V [the 
difference between Eofcu(~) ,cu  (ethanol-LiC101) and EO'cUc~),cU (acetonitrile-LiClOd)] 
greater in acetonitrile than in ethanol, and that of copper(I1) ion is the equivalent 
of 0.1 V greater in ethanol than in acetonitrile. The latter value is obtained by adding 
0.58 V to the potential of the copper(I1)-copper(1) couple in ethanol and evaluating 
the difference between this calculated value for the copper(I1)-copper(1) couple in 
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TABLE 3 

HALF-WAVE POTENTIALS FOR THE OXIDATION OF ~~Is(4.7-DIMETHYL-1.10-PHENANTHROLINE)- 
IRON(II) PERCHLORATE 

Solvent system E, us. S.C.E. o.o59/n 

Solvent (0.1 M Et4NC104) 
Hydracrylonitrile 
I : I Ethanol-acetonitrile 
I : I Butanol-propionitrile 
3-Methoxypropionitrile 
3-Ethoxypropionitrile 
3-Isopropoxypropionitrile 
3-Butenenitrile 
3-Chloropropionitrile 
Acetonitrile 
Propionitrile 
I : I Hydracrylonitrile-acetonitrile 
Acrylonitrile 

Solvent (0.1 M LiC104) 
Hydracrylonitrile 
I : I Ethanol-acetonitrile 
I : I I-Butanol-propionitrile 
3-Methoxypropionitrile 
Acetonitrile 
Ally1 alcohol 
Methanol 
Ethanol 
I -Propano1 
I -Butan01 
Water 

*Taken from reference 6. 

TABLE 4 

INFRARED SPECTRAL DATA 

Medium VOH (stretching) vc N (stretching) 
(cm -1) (cm-1) 

Acetonitrile 2254 
Acetonitrile + Cu(C104)~ - 2 Hz0 a 2299 
Hydracrylonitrile 3420 (broad) 2250 
Hydracrylonitrile + Cu(C104)z. 2 Hz0 a 3420 (broad) unchanged 2300 
I : I Ethanol-acetonitrile 3420 (broad) 2257 
I : 1 Ethanol-acetonitrile + 3420 (development of a broad 2257 

Cu(C104)z . 2 HzOa shoulder on the lower 
frequency side of the band) 

I : I Hydracrylonitrile-acetonitrile + 3420 (broad)-unchanged 2300 
Cu(C104)z . 2 H2OS 

a hypothetical system in which copper(I1) ion is solvated by ethanol and copper(1) 
ion is solvated by acetonitrile, and that for EO'cUcl~, ,cUc~,  in acetonitrile. 

On the basis of this information, one would expect copper(1) ion in hydracryloni- 
trile to be solvated completely by the nitrile group and copper(I1) ion completely or 
almost completely by the hydroxyl group. If this were the case, the potential of the 
copper(1)-copper couple in hydracrylonitrile would be practically identical with that 
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in acetonitrile or propionitrile and the potential of the copper(I1)-copper(1) couple 
would be the same as that previously calculated for the hypothetical system in which 
copper(I1) ion is solvated by ethanol and copper(1) ion by acetonitrile. Essentially 
identical potentials for the copper(1)-copper couple in hydracrylonitrile and aceto- 
nitrile indicate that copper(1) ion in hydracrylonitrile is indeed solvated by the 
nitrile group. The potentials for the copper(I1)-copper(1) couple in hydracrylo- 
nitrile (EO' = f 0.92 V), in acetonitrile (ED' = +o.gz V), and in the hypothetical 
solvent system previously discussed (EO' = $0.84 V) suggest, however, that copper- 
(11) ion, contrary to the information just derived, is solvated by hydracrylonitrile 
also through the nitrile group. On the other hand, in I : I mixtures (on a molar basis) 
of ethanol and acetonitrile and of I-butanol and propionitrile, the potential of the 
copper(I1) -copper(I) couple indicates that copper(I1) ion is solvated, as expected, by 
the alcohol instead of the nitrile. Visible and infrared spectral data confirm this 
unusual situation. The visible s~ectrum of a hydracrylonitrile solution of copper(I1) 
perchlorate has an absorption band at 760-770 mp, identical with those in the 
spectra of acetonitrile and of propionitrile solutions, and that of I : I ethanol- 
acetonitrile solution of copper(I1) perchlorate has an absorption band at 810-815 mp, 
identical with those in the spectra of ethanol and of 2-propanol solutions. In the 
infrared spectral region, a hydracrylonitrile solution of copper(I1) perchlorate has a 
broad absorption band at ca. 3420 cm-1, identical with that in the spectrum of 
llydracrylonitrile, and a new C =N band at  2300 cm-l,50 cm-1 higher than the C =N 
stretching band in hydracrylonitrile. The new C=N band appears at  the same 
frequency at which a similar band appears in acetonitrile solutions of copper(I1) 
perchlorate as a result of copper(I1) ion-nitrile interaction. For I : I ethanol- 
acetonitrile solution of copper(I1) perchlorate, however, the C =N stretching band is 
unaffected and the OH stretching band has a broad shoulder on the lower frequency 
side of the band, indicating participation of ethanol in the solvation of copper(I1) 
ion. 

The solvation of copper(I1) ion by hydracrylonitrile through the nitrile group 
rather than the oxygen atom of the hydroxyl group as in I : I ethanol-acetonitrile 
and I : I I-butanol-propionitrile mixtures can be accounted for if the extent of 
hydrogen bonding in hydracrylonitrile were much greater than in the alcohol- 
nitrile mixtures. Extensive hydrogen bonding would decrease the availability of 
oxygen sites for solvation of copper(I1) ion, favoring solvation by the nitrile group. 
From the OH stretching region of the infrared spectra of hydracrylonitrile and of the 
I : I nitrile-alcohol mixtures, hydrogen bonding in these two solvent systems, 
however, appears to be practically the same. Except for a factor of two difference 
in absorbancy, the band position and shape are identical. Because the number of 
hydroxyl-containing molecules in the I : I alcohol-nitrile mixture is approximately 
one-half that in hydracrylonitrile, the absorbancy of the OH stretching band in the 
mixtures is expected to be only one-half of that in hydracrylonitrile. Preferential 
solvation of copper(I1) ion by the nitrile group in hydracrylonitrile, however, is not 
due to this solvent having twice as many hydroxyl-containing solvent molecules as 
the alcohol-nitrile mixtures, because electrochemical and spectral studies of I : I 
hydracrylonitrile-acetonitrile solutions of copper(I1) ion show that in this latter 
mixture divalent copper ion is solvated also by the nitrile group. 

We offer the following explanation for the different modes of solvation of copper(I1) 
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ion by hydracrylonitrile and by I : I alcohol-nitrile mixtures. Because of the polar 
nature of the solvent, in hydracrylonitrile the solvent molecules in the co-ordination 
sphere of copper(I1) ion are oriented with the less polar end (the nitrile group) co- 
ordinated to copper(I1) ion and the more polar end (the hydroxyl group) sticking out 
and forming a polar outer sheath. Although the stability of this copper(I1) species 
is less than if the hydracrylonitrile molecules were arranged in the co-ordination 
sphere with the oxygen atom of the hydroxyl group attached to copper(I1) ion, the 
decrease in stability of the solvated copper(I1) ion is adequately compensated for by 
greater interaction between the solvent and the solvated copper(I1) ion. In alcohol- 
nitrile mixtures, the polar solvated system likewise favors the more polar solvated 
species. But, in this case, alcohol-solvated copper(I1) ion with an outer sheath 
containing OH groups is more polar than nitrile-solvated copper(I1) ion with an 
outer sheath consisting only of alkyl groups. To check this explanation, visible 
spectral studies with nitromethane and 1,2-dichloroethane solutions were carried out. 
The results are summarized in Table 5. The shift in the absorption band from 760-770 

TABLE 5 

VISIBLE SPECTRAL DATA FOR C~(C104)z ' 2 Hz0 SOLUTIONS a 

Medium ~Lz. 
fmpl 

Acetonitrile 760-770 
Propionitrile 760-770 
Hydracrylonitrile 760-770 
Ethanol 
2-Propanol 

815 

I : I Ethanol-acetonitrile 
815 

I : I Hydracrylonitrile-acetonitrile 
815 

760-770 
Nitromethane, I M ethanol 805 
Nitromethane, I M acetonitrile 770 
Nitromethane, 0.5 M hydracrylonitrile 780 
Nitromethane, 0.25 M ethanol and 0.25 M acetonitrile 800 
I,Z-Dichloroethane, I M ethanol 
I,Z-Dichloroethane, I M acetonitrile 

805 

I,Z-Dichloroethane, 0.5 M hydracrylonitrile 
780 
805 

I,Z-Dichloroethane, I M ethanol and I M acetonitrile 795 

'0.04 M solutions. 

mp for hydracrylonitrile solutions of copper(I1) ion and from 780 mp for nitromethane 
solutions of copper(I1) ion 0.5 M in hydracrylonitrile to 805 mp for 1,2-dichloroethane 
solutions of copper(I1) ion 0.5 M in hydracrylonitrile, and from 800 mp for nitro- 
methane solutions of copper(I1) ion 0.25 M in ethanol and 0.25 M in acetonitrile to 
795 mp for 1,2-dichloroethane solutions of copper(I1) ion I M in ethanol and I M 
in acetonitrile is in accord with the explanation. I,Z-Dichloroethane, a less polar 
medium than hydracrylonitrile or nitromethane, favors the less polar form of hy- 
dracrylonitrile-solvated copper(I1) ion, the one in which copper(I1) ion is co-ordinated 
to the oxygen atom of the hydroxyl group. With the mixtures containing ethanol and 
acetonitrile, in polar nitromethane medium (dielectric constant, 36) the polar ethanol- 
solvated copper(I1) ion is the favored form, whereas in less polar 1,2-dichloroethane 
medium (dielectric constant, 10) the non-polar acetonitrile-solvated copper(I1) 
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ion is the favored species. One can account for the solvation of copper(I1) ion by 
acetonitrile in I,Z-dichloroethane containing ethanol and acetonitrile as due to the 
low dielectric constant medium favoring extensive hydrogen bonding between or 
among ethanol molecules making them less available for solvation of copper(I1) ion. 
However, the visible spectrum of dichloroethane solutions of copper(I1) ion containing 
hydracrylonitrile indicates that this is not the primary reason. In I,Z-dichloroethane 
solution of copper(I1) ion 0.5 M in hydracrylonitrile, hydrogen bonding is expected to 
be just as extensive, but the absorption band for solvated copper(I1) ion occurs at 
805 mp, indicating that the increase in the extent of hydrogen bonding because of 
the lowering of the dielectric constant of the medium is not sufficient to prevent 
preferential solvation of copper(I1) ion by the hydroxyl group. 

Although the gauche conformers are present in the liquid state and the cis con- 
formers are obtainable, the fact that the potentials of each copper couple in hy- 
dracrylonitrile and the three alkoxypropionitriles are identical and the visible and 
infrared spectral data for hydracrylonitrile solutions indicate that these conformers 
are not the forms of hydracrylonitrile or the three alkoxypropionitriles involved in 
the solvation of copper ions. If thegauche or cis conformer were involved, considerable 
solvent effect would have been observed as a result of intramolecular and inter- 
molecular interactions of solvent molecules in the co-ordination sphere because of 
differences in size among the hydrogen and the alkyl portions of the HO-and RO- 
groups in the four substituted propionitriles. 

3-Butenenitrile, which has two functional groups (an olefinic group and a nitrile 
group) capable of solvating copper(1) ion, is also an interesting solvent. The potentials 
for the copper(1) -copper and copper(1) -copper amalgam couples show clearly that 
the solvation energy of copper(1) ion in 3-butenenitrile is similar to that of copper(1) 
ion in propionitrile, and, therefore, that copper(1) ion is solvated by 3-butenenitrile 
through the nitrile group rather than the olefinic group. The slightly positive values 
of the two copper(1)-copper couples and the copper(I1)-copper(1) couple in 3- 
butenenitrile compared to those in propionitrile can be attributed to the lower 
basicity of the nitrile group in 3-butenenitrile than in propionitrile. This character 
of the nitrile group in 3-butenenitrile is in accord with the more acidic nature of 3- 
butenoic acid compared with that of butanoic acid (Ks-butenoi~~ id /Kb~tan~ic  s~id=2.55)~. 

The more positive potentials of the copper(I1) -copper(I) couple and the copper(1) - 
copper or the copper(1)-copper amalgam couple in 3-chloropropionitrile than in 
propionitrile reflects the decrease in basicity of 3-chloropropionitrile resulting from 
the electron-withdrawing inductive effect of the chlorine atom on the nitrile group. 
A similar inductive effect of the substituents in the 3-position on the nitrile group 
in hydracrylonitrile, methoxypropionitrile, ethoxypropionitrile, and isopropoxy- 
propionitrile accounts undoubtedly for the more positive potentials for the two 
copper(1)-copper couples and for the slightly more positive potentials of the 
copper(I1)-copper(1) couple in these nitriles than in propionitrile. With regard to the 
potentials of the copper(I1) -copper(I) couple in these gsubstituted nitriles, decrease 
in solvation energy of copper(1) ion should shift the potential of the copper(I1)- 
copper(1) couple to negative values, but this effect is compensated for by a decrease 
also in the solvation energy of copper(I1) ion, which shifts the potential of the 
copper(I1)-copper(1) couple to positive values. This analysis of the basic character 
of the substituted nitriles is consistent with the more acidic character (as indicated 
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by the pK values) of 3-chloropropionic acid (pK = 4.02) and ghydroxypropionic 
acid (pK = 3.73) than of propionic acid (pK = 4.88). 

Interestingly, the electrochemical data reveal no pronounced effect of ion-pair 
formation between cations and perchlorate ions in these nitriles. For example, the 
formation constants in acetonitrile9 of 1 0 1 . ~ ~  for Et4N+, C104-; 102.~ for Lif, picrate-; 
and < 101.0 for Et4N+, picrate- indicate that the extent of ion-pair formation between 
lithium ion and perchlorate ion is greater than between tetraethylammonium ion and 
perchlorate ion and, therefore, the concentration of free perchlorate ion is much 
higher in the tetraethylammonium perchlorate solution of a given nitrile than in the 
lithium perchlorate solution. The potentials of the copper couples in tetraethyl- 
ammonium perchlorate solutions, however, show no tendency to be more negative 
than those in lithium perchlorate solutions. In addition, in spite of a decrease in 
the dielectric constant of the solvent in the series methoxypropionitrile, ethoxypropio- 
nitrile, .and isopropoxypropionitrile, the potentials of the copper(I1) -copper(I) and 
of the two copper(1)-copper couples in these nitriles do not reflect any increase 
in the extent of ion-pair formation between each of the copper ions and perchlorate 
ion. In fact, the potential of the copper(I1)-copper(1) couple shifts in the opposite 
direction from that expected on the basis of increase ion-pair formation between 
copper(I1) ion and perchlorate ion as one moves down the series from methoxypropio- 
nitrile to isopropoxypropionitrile. 

Except for the fact that silver(1) ion is reduced at  potentials more positive than 
those at which copper(1) ion is reduced, the data in Table 2 on the electrochemical 
behavior of silver(1) ion are similar to those for copper(1) ion. The potentials of the 
silver couples show that the same factors which govern the solvating ability of the 
nitriles for copper(1) ion influence the solvating ability of the nitriles for silver(1) ion. 
Some interesting features of the data are: (i) the identical potentials for the reduction 
of silver(1) ion in water and in the alcohols; (ii) the greater ease of reduction of silver 
ion at the dropping mercury electrode because of amalgam formation than a t  the 
rotating platinum electrode, and (iii) the more negative potential at which silver(1) 
ion is reduced in allyl alcohol than in I-propanol, which indicates that the olefinic 
group in the alcohol is involved in the solvation of silver(1) ion. Participation of the 
olefinic group in the solvation of silver(1) ion in allyl alcohol is not surprising since 
silver(1) -ally1 alcohol complexes have been reported in the literaturel0Jl. 
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SUMMARY 

The electrochemical behavior of copper ions in hydracrylonitrile and related nitriles 
has been investigated. It is of interest to note that in hydracrylonitrile copper(I1) ion 
is solvated by the nitrile group, whereas in I : I alcohol-nitrile mixtures, it is solvated 
by the hydroxyl group. This unusual situation appears to be due to the fact that 
hydracrylonitrile (dielectric constant, 6 9 ,  I : I ethanol-acetonitrile mixture (di- 
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electric constant, 3z), and I : I I-butanol-propionitrile mixture are polar solvent 
systems and, therefore, favor the more polar solvated form of copper(I1) ion. This, 
in hydracrylonitrile has the solvent molecules oriented with the nitrile group attached 
to copper(I1) ion and the hydroxyl group sticking out and forming a polar outer 
sheath and in I : I alcohol-nitrile mixture has alcohol rather than nitrile molecules 
in the co-ordination sphere. Nitrile-solvated copper(I1) ion with an outer sheath 
consisting only of alkyl groups behaves like a non-polar solute. 

In view of the absence of any solvent effect on the potentials of the copper couples 
in hydracrylonitrile, 3-butenenitrile, and in the alkoxypropionitriles, copper ions are 
most likely solvated by the trans conformer of these solvents. The effect of substi- 
tuents in the 3-position in propionitrile i .e.,  on the basicity of the nitrile group on 
the potentials of the copper couples, is consistent with the influence of the substi- 
tuents on other functional groups in different compounds. 

Except for the fact that silver(1) ion is reduced at potentials more positive than 
those at which copper(1) ion is reduced, the electrochemical reduction of silver(1) 
ion in hydracrylonitrile and related nitriles is sirnillr to that of copper(1) ion. 
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INTRODUCTION 

If an electric discharge is passed to a conducting solution from an electrode situated in 
the gas space above the surface, remarkable chemical reactions can be brought about 
in the liquid phase and the process is referred to as glow-discharge electrolysis (GDE). 
I t  differs fundamentally from processes involving electric discharges between metallic 
electrodes in gases since in GDE the solution itself is one of the electrodes and the 
reactions of interest are those which occur within the liquid phase. In the usual 
experimental arrangement, the electrode above the surface is the anode while the 
cathode is immersed in the electrolyte; once the discharge has been started, it can be 
maintained at voltages of 500 V upwards with the gas or vapour at reduced pressure 
and substantial currents can be passed to the liquid surface. The technique first 
attracted attention as a method of carrying out electrolysis without a solid electrode 
in contact with the electrolyte solution, but it was soon realised that the chemical 
effects produced were far in excess quantitatively of those predicted by Faraday's 
Laws. Recent work has shown that charge transfer is only a minor factor in GDE, and 
current views consider that the chemical effects are produced by charged particles 
which are accelerated in the potential fall near the electrolyte surface and enter the 
liquid with energies which may be of the order of IOO eV. These can dissociate or 
excite solvent molecules by collision, in addition to entering into charge-transfer 
reactions, and the chemical effects are analogous to those produced by ionising radia- 
tions particularly low energy alpha particles. I t  is found that quantity of electricity is 
still the most important variable in determining the amount of chemical change 
brought about, since it governs the total number of charged particles entering the 
liquid phase, but we now have a new type of electrolysis arising from energy transfer 
in addition to the charge transfer of conventional electrochemistry. 

HISTORY 

The earliest observations on GDE were those of GUBKIN~ (1887) who effected reduc- 
tion of metallic salt solutions using a glow-discharge cathode, and K L ~ ~ P F E L ~  (1905) 
who liberated iodine from potassium iodide electrolytes using a glow-discharge anode. 
MAKOWETSKY~ (1911) showed that in the GDE of dilute sulphuric acid solutions, 
hydrogen peroxide was one of the main products in solution; the yield was greater 
than I equiv./F but when the amounts of hydrogen and oxygen evolved were taken 
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into account an overall oxidation balance was maintained. KLEMENC and co-workers4 
(1914-1954) in an extensive series of papers studied a wide range of aqueous elec- 
trolytes including sulphuric acid solutions, halides and oxy-halogen salts, oxidisable 
substances such as ferrous and stannous salt solutions, and some organic substrates. 
The conditions employed frequently led to results of a complex nature, but it was 
clearly established that in general two types of reaction occurred which were distin- 
guished as polar and apolar reactions respectively. The first corresponded to the nor- 
mal charge-transfer reaction to be expected on electrolysis, but the latter, which 
often predominated, corresponded in general to oxidation accompanied by evolution 
of hydrogen from the solution. KLEMENC'S final view as to the mechanism of GDE 
was that the apolar reaction arose from the formation of OH radicals in the cathode 
fall in the discharge; these dissolved in the surface of the solution and reacted with 
the oxidisable species present. Recent fundamental investigations by HICKLING and 
associates5 (1950-1964) have concentrated on the study of very simple systems. These 
seem to show that the reactions originate in the liquid phase and closely resemble 
those brought about by ionising radiations. Initial decomposition of solvent molecules 
is considered to be followed by interaction of the radicals produced in competition 
with the scavenging action of reactive species in solution, and many of the concepts 
of radiation chemistry can be applied to the situation. Miscellaneous paperse on 
particular aspects and applications of GDE are fairly numerous, and a somewhat 
similar process-that of spark electrolysis at  atmospheric pressure-has been stu- 
died particularly by DE B E C O ~ .  

EXPERIMENTAL TECHNIQUE 

The experimental cell can take many forms; two convenient types are shown in Fig. I.  

Where it is desirable to prevent products produced in the glow-discharge from being 
reduced at the cathode, an H-cell may be used with anode and cathode compartments 
separated by a sintered-glass diaphragm; otherwise a one-compartment cell with the 
cathode immersed directly in the solution may be employed. The cell is closed by 
ground-glass or rubber stoppers carrying the cell components. The anode may be a 
platinum wire attached to a tungsten rod sealed into a glass holder; the nature of the 

gas 

vacuum vacuum 
line 

,- 

Fig. I. Cells for glow-discharge electrolysis. 
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cathode is not usually important but on a small scale a platinum-foil electrode is 
convenient. I t  is often useful to have the anolyte stirred and this can be done by a 
magnetic stirrer. Considerable heat is dissipated in the discharge and the cell is 
therefore almost completely immersed in a suitable coolant bath; for GDE with 
aqueous solutions, circulated tap water is adequate. Where the solvent is particularly 
volatile i t  is advantageous to have a reflux condenser in the exit from the anode 
compartment. The anode and cathode compartments are connected to a vacuum line 
in which a constant pressure in the range 25-250 mm can be maintained by a float 
manostat. Where it is desired to control the gaseous atmosphere in the discharge, 
provision is made for admitting a slow stream of gas through the cell during elec- 
trolysis; this is also desirable with aqueous electrolytes to prevent any explosion risk 
due to accumulation of hydrogen and oxygen in the system. 

Current is best supplied from a rectifier of adjustable voltage (0-1500 V) through 
an ammeter, hydrogen-oxygen coulometer of the Lingane type, and a suitable ballast 
resistor. The last is necessary to maintain the discharge stable and should give a 
voltage drop of 100-200 V; resistors of 1000-10,ooo according to the current being 
passed are suitable. To start the discharge, a pulse from an induction coil or high 
voltage transformer can be used, or the anode may be touched momentarily to the 
liquid surface. Once initiated, the discharge is very steady and currents in the range 
0.02-0.2 A can readily be used with the anode at distances of up to I cm from the 
surface; voltage across the cell varies with the anode-to-liquid distance and with the 
resistance of the solutiotl but is usually in the range 500-800 V, and the major part of 
this voltage drop (about 400 V) occurs very close to the liquid surface. 

If the electrode above the surface is made a cathode instead of an anode, most of 
the voltage drop occurs near it and there is only a relatively small anode fall near the 
liquid surface. The chemical effects produced in the solution with this arrangement 
are small and the metal electrode becomes white hot and may melt. If it is desired to 
operate a glow-discharge cathode in this way, it is necessary to have a massive metal 
electrode above the surface and a platinum cone with the point towards the liquid can 
be used. Alternating current can be used for GDE, but most of the chemical reaction 
produced occur during the half cycles in which the electrode above the surface is 
positive. 

A method has recently been worked out* of effecting GDE at atmospheric pressure 
with very simple apparatus. In this method, which is termed contact glow-discharge 
electrolysis (CGDE), the anode is a thin wire which is immersed in the electrolyte. On 
passing a small current, conventional electrolysis occurs, but if the current is progres- 
sively increased, a point is reached at  which the electric power dissipated near the 
electrode surface is sufficient to vaporise the solvent locally. The anode then becomes 
'enveloped in a sheath of vapour through which GDE occurs. The chemical effects 
produced are similar to those obtained with the more usual arrangement, but the 
discharge is automatically initiated and maintained and the overall voltage necessary 
may be as low as 500 V. 

DISCHARGE CHARACTERISTICS 

With a wire anode above the solution surface, the discharge appears as a sharply 
defined cone between the tip of the anode and a circular glow-spot in the electrolyte 
surface; occasionally the glow-spot appears as a slowly rotating clover-leaf pattern. 
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If a disc or plate anode is used, the discharge will normally emanate from one point 
although this may wander over the anode surface. The colour of the discharge depends 
upon the nature of the vapour present ; with aqueous electrolytes in air it is pink-blue, 
and with solutions in liquid ammonia it is yellow-green. 

The area of the glow-spot varies with experimental conditions tending to rise with 
increase in current and with anode-to-solution distance, and to decrease with rise in 
pressure; it seems to be largely independent of the nature and concentration of the 
electrolyte and the temperature. The current density (CD) of the discharge at  the 
liquid surface is an important parameter; it is usually taken to be the current passing 
divided by the area of the glow-spot. At a given pressure and electrode distance, the 
CD is substantially independent of the current passing, over a considerable range; any 
change is in fact in the direction of a slight decrease in CD with increase of current. 
Increase of electrode-solution distance also decreases the CD but again the effect is 
relatively small. The largest variation in CD is produced by change of pressure, and 
for aqueous solutions under the usual conditions employed the relation I/$ = 0.03 
holds fairly well where I is the CD in A cm-2 and p is the pressure in cm of mercury. 
Thus over the range 50--250 mm pressure the CD can be varied from 0.15-0.75 A cm-2. 
With solutions in liquid ammonia the CD values are of the same general order of 
magnitude. 

The distribution of potential within the discharge has been investigated using a 
horizontal platinum-wire probe-electrode and measuring with a valve voltmeter its 
potential relative to the liquid at various distances f ~ o m  the surface. This reveals a 
state of affairs similar to that found in discharge between metallic electrodes in a gas 
at  reduced pressure. The major potential drop occurs in the cathode fall near to the 
liquid surface, and this is independent of nearly all experimental variables. Thus in 
Fig. 2 are shown the probe voltages in the GDE of an aqueous electrolyte at  various 

I 
I 1 I 

400 500 600 
Probe voltage. (V) 

Fig. 2. Measurement of potential drop near liquid surface at pressures: (I ) ,  27 ;  ( z ) ,  50; (3). 100 mm 
mercury. 

pressures. I t  was not practicable to have the probe nearer the surface than I mm, but 
it can be seen that the three curves intersect at a distance of about 0.05 cm from the 
surface and that the voltage here is about 415 V. This value was found to be substan- 
tially constant, independent of current, electrode distance, pressure, gaseous at- 
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mosphere, and nature and concentration of the electrolyte. It presumably represents 
the cathode fall for a discharge through water vapour to a liquid water cathode. The 
total voltage across the discharge contains also the fall of potential in the positive 
column, which depends upon its length and upon the pressure, and the anode fall 
near the electrode above the surface. These contributions are much smaller than the 
cathode fall and apparently play little or no part in the production of chemical reac- 
tions in the liquid phase. Thus the cathode fall of 415 V is a minimum voltage to 
which the total applied voltage tends at very small anode-liquid distances, and it is 
noteworthy that in the technique of CGDE the minimum value for glow-discharge 
has been found to be closely similar at  410 V. I t  would be expected that changing the 
nature of the liquid would affect the cathode fall, and with liquid ammonia as solvent 
the observed value is 390 V; again i t  is independent of most experimental variables 
andoccurs within about the same distance of the solution surface. 

When the electrodeabove the liquid is made a cathode the nature of the discharge is 
changed completely. The cathode fall now occurs close to the metal electrode, which 
becomes very hot, and the cathode glow spreads over its surface. The discharge to 
the solution appears as a narrow cylindrical pencil of light and the glow-spot in the 
liquid surface is very small, usually about 2-3 mrn in diameter, leading to a very high 
CD of about I A cm-2. The fall of potential near the liquid is now the anode fall in the 
discharge and is about 30 V. When 50-cycle alternating current is used for GDE the 
discharge is not continuous but stops and restarts twice in each cycle with an appre- 
ciable gap between the successive anodic and cathodic pulses each of which exhibits 
ts  normal DC features. 

CHEMICAL RESULTS OF GLOW-DISCHARGE ELECTROLYSIS 

Water 
When aqueous solutions of inert electrolytes are subjected to GDE the products 

arise from the decomposition of water and consist of hydrogen, oxygen, and hydrogen 
peroxide. Hydrogen peroxide is initially formed in an amount proportional to the 
quantity of electricity passed, but the yield is higher than would be expected elec- 
trolytically; the excess oxidation over that possible by charge transfer is balanced by 
an equivalent amount of hydrogen liberated into the gas phase, As the hydrogen 
peroxide accumulates in the solution, a decomposition reaction due to the glow- 
discharge sets in and, ultimately, a stationary concentration is reached when it is 
decomposing as fast as it is formed. 

The amount of hydrogen peroxide produced by a  give^^ quantity of electricity is 
largely independent of the current used and cf factors affecting the discharge such as 
the electrode distance, the power dissipated, the shape and size of the electrode, the 
pressure, and the nature of the gaseous atmosphere, indicating that it probably arises 
by a reaction in the liquid rather than in the gaseous phase. In  considering the results 
of GDE quantitatively, the yield is usually expressed in equivalents or moles per 
faraday (equiv./F or mole/F) and it is convenient to distinguish between the integral 
and differential yield. The integral yield represents the amount of substance formed 
or consumed for the passage of a given quantity of electricity. The differential yield 
expresses the instantaneous rate of the process in equiv./F or mole/F at a particular 
point in electrolysis when the concentrations of substances in the solution can be 
specified. This differential yield will be denoted by G and it is particularly significant 
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at the start of GDE. I t  is analogous in some ways to the quantity used in radiation 
chemistry where the yield is expressed in molecules/~oo eV, but it should be emphasis- 
ed>hat as used here it is a yield for a given quantity of electricity and this will only be 
proportional to the electrical energy put in if a constant voltage term is involved. The 
initial G-value for production of hydrogen peroxide varies from about 1.1 equiv./E in 
0.05 M sulphuric acid to 1.8 equiv./F in 0.05 M sodium bicarbonate solution; in 
strongly alkaline solutions no hydrogen peroxide can be detected, probably owing to 
its ready anodic decomposition by discharge of the HOz- ion. With any given elec- 
trolyte, G increases with increasing electrolyte concentration up to a limiting value, 
and it is also favoured to some extent by factors tending to increase CD in the glow- 
spot, such as rise of pressure. As hydrogen peroxide accumulates in the anolyte, G 
decreases and ultimately approaches zero, the integral yield then tending to a limiting 
value. This behaviour is due to a decomposition reaction which hydrogen peroxide 
itself undergoes on GDE; this reaction can be studied by carrying out GDE with 
hydrogen peroxide solutions of higher concentration when negative G-values are 
observed. Variation of the integral yield of hydrogen peroxide with quantity of elec- 
tricity passed, and variation of the differential yield of hydrogen peroxide with 
concentration are illustrated in Fig. 3 for 0.04 N sulphuric acid as anolyte. 

Fig. 3. Integral and differential yields of hydrogen peroxide. 

Assuming that the rate of formation of hydrogen peroxide is proportional to the 
current and its decomposition is dependent both on the current and upon its con- 
centration, we may write 
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where (HzOz) is the integral yield; Go, the initial differential yield; I, the current; and 
k, a coefficient for thedecomposition reaction. On integration and application of the 
condition that there is no hydrogen peroxide present at  the start of electrolysis, the 
equation becomes 

v 
(HaOz) = - (I  - e -co*q/v) 

k 

where q is the quantity of electricity and V the volume of the solution. This equation 
fits the experimental results very closelyg. The stationary concentration of hydrogen 
peroxide which can be achieved by GDE in sulphuric acid varies from about 0.03 N 
at  50 mm to 0.12 N at 760 mm pressure. 

Although the formation of hydrogen peroxide is not substantially dependent upon 
the nature of the gas present above the electrolyte, the yields tend to be somewhat 
higher with air or oxygen than with nitrogen, and to be slightly lower if hydrogen is 
used. The presence of chloride ions in the electrolyte seems unfavourable to hydrogen 
peroxide production, and the presence of 0.02 M NaCl in the sulphuric acid completely 
inhibited its formation although the chloride ion was not itself appreciably consumed. 

Spark electrolyses of solutions of inert electrolytes furnishes very similar yields of 
hydrogen peroxide to those obtained in GDE and the effects of alkalinity, chloride 
ion, and gas atmosphere are closely parallel?. 

Aqueous solutiolzs qf oxidisable substrates 
The anodic GDE of oxidisable substances in water such as ferrous, stannous, and 

cerous salts, potassium ferrocyanide, and sodium azide, brings about considerable 
oxidation, and yields as high as 7 equiv./F can be realised. In dilute solutions there is 
usually hydrogen peroxide formation as well as oxidation of the substrate; with 
increase in substrate concentration, peroxide formation diminishes and the oxidation 
yield increases towards a limiting value. The results are best displayed by plots of G 
(oxidation) and G (HzOz) against concentration of substrate, and in Fig. 4, typical 
graphs for ferrous, cerous, azide and ferrocyanide ions are shown. In general it is seen 
that the differential oxidation yield increases with increasing concentration and 
approaches a limiting value asymptotically; the ferrocyanide case is abnormal here in 
that, over a substantial range of concentrations, the yield is accurately proportional 
to the concentration, and the limiting value is attained abruptly when the concentra- 
tion is 0.125 M. The behaviour at  low concentrations depends on the reaction of the 
substrate or its oxidation product, with hydrogen peroxide. Where the substrate is 
readily oxidised by hydrogen peroxide, as is the case with ferrous sulphate, there is a 
finite oxidation yield even as the substrate concentration tends to zelo. On the other 
hand, where the oxidation product can be reduced by hydrogen peroxide, as for 
example with ceric sulphate, a certain minimum concentration of substrate is neces- 
sary for any net oxidation to occur. I t  should be noted that with ferrocyanide even at 
the highest concentrations there is still a finite yield of hydrogen peroxide. From 
Fig. 4 it is seen that at the highest ferrous ion concentrations, G (oxidation) tends to a 
limiting value in the region of 7 equiv./F, and about the same limit is reached with 
azide ions; with fe~rocyanide ions it is about 5.7 and with cerous ions just over 5 
equiv./F. 

The above results refer to GDE in an inert atmosphere of nitrogen. Working with 
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oxygen-saturated solutions of ferrous sulphate the linliting G-value is notably in- 
creased to about 12.5 equiv.lF, but with the other substrates the presence of oxygen 
has little effect. In the formation of hydrogen peroxide in inert electrolytes a salt 
effect has been noted whereby the yield is increased by raising the electrolyte con 

Gram ions per litre 

Fig. 4. Oxidation of various substrates: (I),  G (oxidation); (2). G (HsOz). A, ferrous ion; B, cerous 
ion; C, azide ion; D, ferrocyanide ion. 

centration. Where the substrate is oxidised by hydrogen peroxide, as in the ferrous 
case, a similAr rise in oxidation yield occurs, but where the substrate is fairly stable 
to hydrogen peroxide, as with ferrocyanide and azide, little salt effect is apparent. 
With cerous sulphate, where the oxidation product is reduced by hydrogen peroxide, 
the addition of sodium sulphate to the medium decreases the oxidation yield. I t  has 
been mentioned that chloride ion can inhibit the formation of hydrogen peroxide and 
i t  is also found to decrease the oxidation yields appreciably except with ferrocyanide 
where the production of ferricyanide is scarcely affected. In general increase of CD in 
the glow-spot, e.g., by rise of pressure, is unfavourable to oxidation of substrate unless 
this is itself oxidised by hydrogen peroxide, when there is very little change. 

Other reactions in  water 
With sulphuric acid solutions of concentration greater than I M, GDE produces 

persulphuric acid, HZSZO~, and permonosulphuric acid, HzS05, in addition to hydrogen 
peroxide4; the yields are increased by the addition of potassium fluoride, and dimin- 
ished in the presence of hydrochloric acid. GDE of solutions of halides and oxy- 
halogen salts yields very complex results; some liberation of halogen may occur, and 
with iodides this can predominate, but both formation and reduction of oxy-halogen 
salts frequently takes place and the net process after a short time is often liberation 
of oxygen. I t  seems likely that in some cases a chain reaction may be involved; thus 
in the electrolysis of sodium chlorite solution a yield of 34 equiv. of oxygen/F has 
been reported4. GDE of aqueous solutions of organic compounds has not so far been 
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very thoroughly investigated, but observations with ethanol, formic and acetic acids 
show that there is general oxidation accompanied by the evolution of hydrogen and 
sometimes the formation of hydrocarbon+. BROWN, WILHIDE AND ELM ORE^ have 
reported that GDE of a solution of formamide in dilute sulphuric acid will produce 
oxamide, (CONH2)2, a reaction which they attribute to free OH-radicals. GDE of an 
aqueous solution of acrylonitrile will readily bring about polymerisation, and this has 
been suggested10 as a general method for initiating polymerisation of monomers 
present either in solution or in emulsion form. 

Non-aqueozs reactions 
HICKLING AND NEWNS~ have found that with liquid ammonia as a solvent and 

solutes such as ammonium nitrate, GDE produces hydrazine as the main product in 
solution. The initial G (N2H4) yield is about 2.5 moles/F and this falls off slowly as 
hydrazine accumulates in the liquid, but stationary concentrations as high as 2 M 
can be reached. Anhydrous hydrazine can be readily isolated from the resulting 
solution by distillation, and GDE has been suggested as a useful route for the syn- 
thesis of this substancell. Anodic GDE in liquid ammonia shows many features 
similar to those observed in aqueous solutions. The cathode fall of 390 V is only 
slightly less than with water, the main product, hydrazine, is analogous to hydrogen 
peroxide; its formation is again largely independent of conditions in the discharge on 
the vapour side of the interface, and hydrazine itself like hydrogen peroxide is 
ultimately decomposed by GDE when its concentration is sufficiently high. I t  is 
apparent that there is a general pattern of reaction beginning to emerge. 

So far, work on GDE in other non-aqueous systems is limited to the observations 
of CADY, EMELEUS AND  TITTLE^ using liquid sulphur dioxide with small amounts of 
water present to render it conducting. With both a glow-discharge anode and cathode, 
sulphuric acid and sulphur were produced as the main final products; the yield of 
sulphuric acid was greater with a glow-discharge anode and amounted to about 14 
moles/F, while about 5 g atom/F of sulphur was formed in both cases. 

Cathodic GDE 
As already mentioned, glow-discharge with a cathode above the surface is far less 

productive of chemical reaction than when the more usual anodic arrangement is 
employed. I t  might at  first sight be thought that cathodic GDE would produce 
chemical reduction in the liquid phas since it corresponds to the introduction of elec- 
trons. T H O N ~  found that solutions of salts of silver, gold, and platinum could in fact 
be reduced to the metallic state, but in general, with other metallic salts only a 
precipitate of the hydroxide of the metal could be formed in the glow-spot. More 
recently12 a full investigation of cathodic GDE has shown that the reactions produced 
are generally of the same type as in anodic GDE but on a much diminished scale, and 
any reductions which occur seem to be due to hydrogen peroxide. Thus with dilute 
sulphuric acid even in a hydrogen atmosphere a small yield of hydrogen peroxide is 
obtained with a G (Hz04 value of 0.04 equiv./F; with a ferrous sulphate electrolyte, 
oxidation occurs with a limiting value at high ferrous concentrations of 0.28 equiv./F. 
Both these values are markedly increased in the presence of oxygen to 0.15 and 1.9 
equiv./F respectively. On the other hand using solutions of ferric salts no certain 
reduction has been established; some reduction does occur with ceric, dichromate, 
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and ferricyanide solutions but this may be due in part to hydrogen peroxide. The 
general conclusion seems unavoidable that in cathodic GDE the reactions are qual- 
itatively similar to those in anodic GDE, but that the effects are much smaller 
because there is only a small potential drop at  the liquid surface. 

THE MECHANISM OF GLOW-DISCHARGE ELECTROLYSIS 

I t  now seems possible to make an approach at  constructing an integrated picture of 
the processes giving rise to the characteristic features of GDE. From the experimental 
results the following general conclusions seem to emerge. 

I. The products of GDE seem largely independent both qualitatively and quan- 
titatively of conditions existing in the gas or vapour phase. Thus the amount of 
dissipated power, which can be varied widely by change of current or electrode- 
solution distance, is without effect nor does the nature of the gas present affect the 
results substantially. Furthermore, experiments have been carried out seeking to 
imitate the results of GDE by passing a discharge between metallic electrodes just 
above the liquid surface, but they have all been unsuccessful. Thus the indication is 
that the chemical reactions arise primarily in the liquid phase. 

2. The initiation of chemical reaction seems to be bound up with the fall of potential 
near the liquid surface and this is independent of most experimental variables. 
Quantity of electricity passed is the chief factor controlling the yields, and this 
strongly suggests that i t  is the amount of electrical energy put into the system due to 
the field near the surface which determines the kind and amount of chemical reaction. 

3. The chemical reactions produced in GDE are analogous to those which arise by 
the action of ionising radiations on the liquids concerned, and the similarity is 
particularly striking if the effects of alpha particles are considered. These radiation 
processes are usually interpreted by reactions of radicals arising from the break-up of 
solvent molecules, and similar mechanisms involving OH and NHz radicals will 
account plausibly for many of the GDE reactions in aqueous and ammoniacal solu- 
tions. 

I t  seems somewhat improbable that electrons can be emitted directly from the 
surface of a liquid electrolyte (although this was in fact suggested by B R A U N B E K ~ ) ,  

and if this is so it follows that in experiments with a glow-discharge anode the current 
must be conveyed by positive gaseous ions which are driven into the liquid from the 
gas phase and subsequently discharged. The fact that the nature of the gas present 
has usually little influence on the process, suggests that the discharge may well pass 
ultimately through solvent vapour in all cases and this is not unlikely since the local 
temperature under the glow-spot must be relatively high. With aqueous solutions we 
shall thus have the ions present in ionised water vapour ; we have no certain knowledge 
what these will be at the pressures used in GDE, but observations made with the mass 
spectrometer at much lower pressuresl3have shown that the main positive ion present 
is HzO+, and for simplicity this will be assumed to be the species carrying the charge 
across the interface. These ions will be accelerated in the cathode fall near the liquid 
surface and will enter the liquid with considerable energies. The maximum energy 
which they could have wm~ld be 415 eV if they passed through the cathode fall 
without any loss of energy. In practice, of course, much of this energy will be dis- 
sipated in collisions in the vapour phase and the average energy will depend on the 
mean free path of the ions in the discharge. Attempts to calculate this have not, so 
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far, led to meaningful results. If the cathode fall is taken as 415 V extending uniformly 
over 0.05 cm, and the temperature is taken as the boiling point of the solution, then 
at  50 mm pressure a value of about 4 eV for the energy is obtained, but this is certainly 
much too low, and the experiments of CHAUDRHI AND OLIPHANT'~ have shown that 
the energies of ions passing through a cathode fall can be much greater than the 
values obtained by calculations of this kind. What seems clear is that the gaseous 
ions may well enter the liquid with energies adequate to bring about dissociation of 
water molecules, and comparison with radiation chemistry suggests that an average 
energy of ca. IOO eV is a plausible value. 

The penetration of these ions into the liquid phase will be very small. Comparison 
with slow alpha particles15 suggests that a linear energy transfer value of at  least 10 

eV/A would be probable, and this would imply a range of only some 10 A. A very 
rough idea of the range may also be obtained by treating the ions as neutral particles 
slowed down by the viscous drag of the liquid as given by Stokes' Law, and this leads 
also to an order of magnitude of 10 A. Thus the primary reaction zone will be a very 
thin disc in the surface of the solution of area ca. 0.5 cm2 and thickness perhaps 10 A. 
Within this primary reaction zone the bombarding ions will each ionise or activate 
several water molecules by collision, and one water molecule per ion will be broken 
up by charge transfer, thus : 

collision 

-. 
HzO+ 2 OH + HsO+ 

ionisation Hz0 -+ "2 H + O H -  

activation HzO* rrr' OH + H (b) 

charge transfer 

The ultimate result in all cases is the production of free OH-radicals and sometimes 
H atoms. However, because the excited species are packed so closely together there is 
a good chance that the precursors of the free radicals may interact thus: 

giving amolecular yield of Hz02 and Hz, and of course geminate recombination between 
precursors or free radicals may reform water molecules. Thus a mixture of OH, H, 
Hz02 and Hz will be diffusing out of the primary zone, the relative amounts being 
governed by spatial considerations. As these diffuse into the body of the solution we 
shall have a secondary reaction zone in which they may interact with one another or 
be scavenged by reactants in the solution. The situation is diagrammatically re- 
presented in Fig. 5. In some ways the primary reaction zone may be likened to aspurin 
radiation chemistry; within the disc, conditions will not be uniform but will consist of 
many separate hot spots of activity around each inconling ion, but as the ~adicals and 
molecular products diffuse away from their initial positions they will merge into a 
single downward drift into the solution and in this sense the reaction zone may be 
considered as a single spur which is locatedin a fixed position and constantly renewed. 
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As the radicals and products diffuse into the body of the electrolyte they will 
interact among themselves and with any reactive substrate in the solution. The main 
reactions which seem to be of importance in GDE are as follows: 

interaction of radicals and products 

H + OH -+ Hz0 

OH + OH + HeOz 

H + H  +Ha 

OH + Hz02 -+ Hz0 + HO2 

followed by OH + H02 -+ Hz0 + 0 2  

interaction with substrate 

Hz02 + possible oxidation and reduction 
reactions with substrate and its 

(k) 

oxidation products. 

On this basis many of the features of GDE can be understood qualitatively and in 
part quantitatively. Thus in aqueous solutions of inert electrolytes the chief product 
in solution will be hydrogen peroxide, arising pa~t ly  in the primary zone by reactions 
(d) and (e), and in the secondary zone byreaction (g). As it accumulates in the solution, 

DISCHARGE 
100 eV H20' 

PRIMARY REACTION ZONE 

1' SECONDARY REACTION ZONE \\ 

BULK SOLUTION 

Fig. 5. Reaction zones. 

reaction (i) will increase in speed until ultimately, at  a certain hydrogen peroxide 
concentration, it will be decomposed as fast as it is formed. Alternatively, starting 
with a more concentrated hydrogen peroxide solution, it will be decomposed on GDE 
by reaction (i) until the stationary state is again reached. Increase of CD would be 
expected to favour production of hydrogen peroxide by reactions (d), (e) and (g), and 
hence increase its yield and also the stationary coizcentration. This is in general 
conformity with what is found, e.g., for the effect of pressure; in some recent workla 
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very high CD values have been achieved by the use of a condensed glow-discharge. 
Here a condenser charged to ahigh voltage is periodically discharged between the 
anode and the surface of the solution; each discharge is of very short duration but 
corresponds to a momentary very high CD. Using this technique with a dilute sulphu- 
ric acid electrolyte, G (HzOz) was found to be increased from 1.1 to 2.0 equiv./F and 
the stationary concentration from o .03 to o. I I N under otherwise identical conditions. 
In so far as some of the hydrogen peroxide arises from reaction (d), increase in salt 
concentration would be expected to increase the yield, as is again found in practice. 
The effect of chloride ion in reducing the yield of hydrogen peroxide is probably due 
to its removal of OH-radicals, e.g. by the reaction 

C1- + OH + C1 + OH- 

followed by C1 + H + Cl- + H+ 

or C1 + OH + HOCl 

and subsequent decomposition. The rise in yield of hydrogen peroxide in oxygenated 
solutions is probably due to reduction of oxygen by hydrogen atoms to HOz radicals 
and their subsequent interaction 

H + 0 2  + HOz 

2 H0z  -+ Hz02 + Oz 

When an oxidisable substrate is present i t  will react with the radicals and products 
present in the secondary reaction zone and nlay in some cases be able to penetrate 
into the primary zone and ~eac t  with precursors of the radicals, although this is 
probably exceptional. With ferrous ions, which can be oxidised by OH, HzOz, and 
HOz, one would expect G (oxidation) to increase with increasing ferrous ion con- 
centration as reactions (j) and (k) become increasingly effective competitors with 
reactions (f),  (g), (h) and (i), and the limiting oxidation yield at  very high ferrous ion 
concentrations should measure the sum of the OH and Hz02 emerging from the 
primary reaction zone. Under the conditions normally used this is about 7 equiv./F. 
In the presence of oxygen the formation of HOz radicals from H atoms would be 
expected to increase the oxidation yield, as is observed. With other oxidisable sub- 
strates a similar state of affairs will exist, but where they are not oxidised by hy- 
drogen peroxide the yield will be lower, and indeed if the oxidation product is reduced 
by hydrogen peroxide, as are ceric salts, the yield will be lower still. Whether the 
presence of oxygen has any effect will depend upon whether the substance can be 
oxidised by HOs radicals. The abnormal features shown by ferrocyanide might be 
explained by suggesting that in virtue of its high negative charge the Fe(CN)&- ion 
can act as a scavenger within the primary reaction zone for HzO+ ions which may be 
precursors of the OH radicals produced by dissociation of water molecules. On this 
basis the probability of a HzO+ ion reacting before decomposing would be directly 
proportional to the ferrocyanide concentration, and at  a particular concentration all 
the HzO+ ions might react within their average life period. It is noteworthy that in 
the ferrocyanide case there is a finite yield of about 0.5 equiv./F of hydrogen peroxide 
even at  the highest substrate concentrations, and the limiting G (oxidation) for 
ferrocyanide is about 5.7. If these values are taken to represent the molecular yield 
of hydrogen peroxide from the primary zone and the yield of OH radicals or their 
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precursors, respectively, the limiting oxidation yields in other cases can be calculated 
according to the reaction of the substrate or its oxidation product with hydrogen 
peroxide. Thus with ferrous and azide ions the limiting G (oxidation) would be 6.2, 
and with cerous ions 5.2;  the experimental results do not coincide precisely with these 
but the general pattern is followed. 

The above discussion has referred to limiting oxidation yields when the substrate 
concentration is high enough for the oxidising species to be scavenged completely. At 
concentrations lower than this, the yields will be governed by the competition of the 
reactions (f), (g), (h), (i) (j), and (k) under the circumstances of experiment. If we 
suppose that a constant yield of n equiv./F of OH emerges from the primary zone, 
and that the velocities of the competing reactions are vf, v,, . . . etc., then (neglecting 
the molecular yield of hydrogen peroxide which is usually small) G-values ca.n' be 
written down as follows: 

inert electrolytes G (HeOz) = n(v,  - vc)/(vr + v ,  + vi) 
ferrous ion G (oxidation) = n(vj  + vg ) / ( v f  + v g  + vr) 
cerous ion G (oxidation) = n(vj - vr) / (vf  + v g  + v,) 

assunling that hydrogen peroxide reacts quickly and completely with ferrous and 
ceric ions in the last two cases. The velocity terms will involve, of course, the con- 
centrations of the radicals in the secondary reaction zone, and these will vary as they 
advance into the solution. Thus we have a very complex problem in kinetics, analogous 
in some ways to the mixing of reactants in flow-systems, which would require for its 
solution a complete knowledge of the concentration profiles of all the reacting species 
in the zone. This problem has not yet been solved, but the results of some very crude 
approximations are not without interest. The velocity, vj ,  of reaction with substrate 
must involve the substrate concentration and thus in the ferrous case, for example, the 
given expression may be re-written 

G (oxidation) = n([Fe2+] + A)/([Fe2+l + A + B) 

The quantities A and B will depend upon the concentrations of the reactive radicals 
and cannot therefore be independent of [Fez+], but over a limited range of substrate 
concentrations this type of expression has been founds to fit experimental results 
fairly closely if A and R are given empirical values and n is about 7. If the equations 
for G (H~02) and G (oxidation) for ferrous ion are compared, it is seen that at  very low 
ferrous ion concentrations when v j  + o, the limiting oxidation yield should approx- 
imate to the hydrogen peroxide yield under conditions such that vt is very small. 
Thus G (oxidation) [Fez+] + o should give an upper limit to G (HzOz) in ivert elec- 
trolytes. The limiting oxidation yield is in fact 2.5 equiv./F and G (HzOz) yields up to 
about 2 equiv./F have been observed in practice. 

GDE in liquid ammonia can be interpreted very similarly to that in aqueous 
solutions with the amino radical, NHz, as the main reactive entity in place of the 
OH-radical. In the primary reaction zone the analogous reactions will be: 

collision 

activation NH3* N-t NHz + H (0) 
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charge tralzsfer 
NHs+ + NH3 -+ NHz + NH4+ 

A molecular yield of hydrazine may result from interaction of precursors of NH2, thus : 

and diffusing out of the primary zone will be a mixture of NH2, H, N2H4 and Hz. 
Interaction between these can lead to reformation of ammonia 

dimerisation to hydrazine and to hydrogen 

NH2 + NHz + NzH4 

and decomposition of hydrazine by NHa-radicals 

NHz + NzH4 + NzHs + NHs 

followed by NeHa + NHz + Nz + Hz + NHs 

The formation of hydrazine and its build-up to a stationary concentration follows on 
this scheme, and the experimental values suggest that about 12 equiv. NHs/F are 
probably produced. 

GLOW-DISCHARGE ELECTROLYSIS AND RADIATION CHEMISTRY 

Whatever its detailed mechanism may be, GDE is undoubtedly a form of electrolysis 
in which some of the electrical energy put into the system initiates decomposition of 
solvent molecules by a process additional to ordinary charge transfer, and it are the 
reactions of the radicals resulting which determine the chemical changes brought 
about. An attempt has been made here to develop a consistent picture of the process 
in terms of gaseous ions accelerated in a constant cathode fall communicating their 
energy to solvent molecules in the liquid state, and this permits the fruitful use of 
many of the concepts and ideas developed in radiation chemistry. Other explanations 
are, however, possible. It could be suggested that solvent vapour is dissociated in the 
the cathode fall and that the radicals produced then disolve in the liquid and bring 
about +action. This view was latterly held by KLEMENC~ and i t  is impossible to 
exclude it, but it does not seem to fit the experimental facts so closely, in particular 
the substantial independence of GDE of conditions in the gas phase. Also DEWHURST, 
FLAGG AND WATSON~, by interposing a grid between the electrode and liquid surface, 
claim to have shown that charged particles are involved in bringing about oxidation. 

While there are very close similarities in the chemical effects of GDE and the radio- 
lysis of solutions, particularly when the radiation concerned consists of slow-moving 
alpha particles, some important differences should also be noted. Although the ener- 
gies of the bombarding particles in GDE are extremely low per particle as compared 
with any type of ionising radiation, the dose-rate is very much greater. Thus with a 
current of 0.075 A the number of univalent gaseous ions reaching the solution surface 
per minute is 2.8 x 1019 and, assuming them to have an average energy of IOO eV, 
this corresponds to a dose-rate of 2.8 x 1021 eV/min. The ionising radiations em- 
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ployed in conventional radiation chemistry have energies in excess of 104 eV, but the 
dose-rates which can be achieved are only of the order 1016-1020 eV/ml min. In 
consequence of the high dose-rate the energy put into the solution in a typical GDE 
experiment is about 1021 eV/ml, while in radiolysis experiments doses of about 1018 

eV/ml are common. The amount of chemical change in GDE is thus much greater 
than in radiolysis and the concentrations of substrate which are convenient to use are 
much higher. Thus in GDE the substrate is able to diffuse into and scavenge the 
region where the radicals are being formed, and the characteristic feature of the 
phenomenon is the marked dependence of the nature and quantity of the products on 
the substrate concentration. In the radiolysis of solutions, the concentrations of 
solute are usually kept low so that such scavenging within the tracks of the ionising 
particles is rninimised. Secondly, in GDE the dose is confined to a very small reaction 
zone, whereas in alpha and gamma radiolysis the chemical reactions take place both 
homogeneously in the bulk of the solution and heterogeneously in the transient hot- 
spots of activity or spurs (life-time ca. 10-9 sec). In the steady-state condition whichis 
achieved in GDE, the profile of the free radical concentrations will show a continuous 
variation from a high value in the surface to zero at  a short distance within the solution. 
Thus all reaction will occur in a heterogeneous region and will arise from the penetra- 
tion of the substrate up the concentration gradient. This will account for the absence 
of a "concentration independent" region and will mean that the distinction between 
radical and molecular yields will lose much of its significance. 

SUMMARY 

The methods and results of glow-discharge electrolysis have been reviewed and an 
attempt has been made to pick out the essential features of the process. I t  is inter- 
preted as a form of electrolysis in which energy transfer as well as charge transfer is 
involved, and this serves to break up solvent molecules into reactive radicals which 
produce the chemical reactions observed. The energy is conveyed by gaseous ions 
accelerated in the electrical field near the liquid surface, and the process has much in 
common with radiolysis in which the individual particles are of low energy but the 
dose-rate is extremely high. 
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Short Communication 

A note on the design and handling of a 
stationary drop electrode 

Several authorsl-4 have published descriptions of the construction of stationary 
drop electrodes. The pri~~ciple of this type of electrode is well known and its application 
in the elucidation of electlode processes and in analytical chemistry has already been 
describeds-6. 

Fig. I .  Stationary drop electrode. K, capillary; R, reservoir: S, screw with the piston; L, nut; 
M, mantle with scale; C, plug socket; I and 2, packings. 

An ideal electrode of this type should fulfil the ~ollowing conditions. 
(I) The surface of the mercury drop that forms the electrode should be well repro- 

ducible. 
(2) The material, from which the electrode is built, and which contacts mel.cury, 

should not contaminate the mercury surface by surface-active substances. 
'(3) The electrode should be insensitive to changes in ambient temperature. 
(4) The electrode should be robust and at  the same time easily handled. 
(5 )  The capillary should be easily replaceable. 
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(6) The electrode should permit working with small quantities of amalgams 
prepared independently of the electrode. 

In this note, an electrode fulfilling these conditions, is described. A preliminary 
description of this type of the electrode has been given in the review by R ~ H A ~ .  

The electlode (Fig. I) consists of the following main parts: a capillary (K), a 
reservoir (R), and a nut (L) with screw (S) and piston. The reservoir and nut are 
made of plexiglass and the piston-with-screw of stainless steel. The packing (I and 2) 

is made of teflon. The outer diameter of the reservoir is 30 mm, the inner 3 mm, and 
the diameter of the piston is usually 2 mm. The pitch of the screw is 0.7 mm. The 
shift of the piston can be read on the scale engraved on the mantle (M). The nut is 
connected with the reservoir by means of three screws. Fastening of the screws 
results in the deformation of the packing which in turn ensures an air-tight passage 
of the piston. The capillary is fixed in the reservoir in a similar way. The side hole 
in the nut enables mercury which can accidentally enter this space during filling, 
to be removed. Electrical contact with merculy is ensured by the piston; the lower 
end of the screw has the form of a plug socket (C). The inner diameter of the capillary 
is usually 0.1-0.2 mm, the last 20 mm of length being drawn out to a diameter of 
about 0.08 mm. For some work it is useful to treat the capillary with silicone, in the 
usual way for making glass hydrophobic. 

When fiist filling the electrode with mercury or when exchanging the capillary, 
the piston is shifted towards the lower end of the reservoir. The space above the 
piston is fully filled with mercury, the capillary is carefully put in, and by fastening 
the screws in the upper part of the reservoir, the reservoir is closed. This operation 
usually allows sufficient removal of the air which can easily be checked by observing 
that during regular turning of the screw a drop is uniformly formed at the orifice of 
the capillary. If some air has been left in the reservoir, the drop is formed instantane- 
ously, because the space filled with air is first compressed and only after reaching a 
certain pressure is the drop formed. The presence of air in the reservoir results in 
decrease of reproducibility. Another criterion of the adequate filling of the electrode 
is stability (constant position) of the meniscus when the electrode is turned upwards. 
When the electrode has not been correctly filled, the rest of the air is best removed 
by turning the screw in such a direction as to draw mercury back into the reservoir. 
The orifice of the capillary is tightly connected with a well-fitting injection syringe 
and the space inside the capillary and reservoir is evacuated. By turning the screw 
in the opposite direction mercury is pressed into the evacuated space. Refilling of 
mercury into the reservoir is carried out by sucking in mercury from a flask or beaker 
placed under the tip of the capillary and shifting the piston towards the bottom of 
the reservoir. When the electrode is not in use, the orifice should first be washed with 
distilled water by alternate sucking in and out, then the tip of the capillary cleaned 
with a filter paper, and finally the meniscus drawn some 10 mni above the orifice 
and the capillary left to dry in the air. 

When these principles for handling the electrode are followed, the drop of mercury 
is firmly held at  the orifice of the capillary and the surface of the drop is reproducible 
to 1%. 

For work with small volumes of amalgams (prepared separately) a capillary which 
is 2 or 3 times longer and without the drawn-out end, is used. A small known volume 
of amalgam is sucked into the capillary, (but it is not allowed to enter the reservoir). 
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A part of this amalgam is used for experiments, the rest is pressed out of the capillary 
by the pressure of pure mercury. 

Several years experience with this electrode has shown that it functions satis- 
factorily for most analytical and theoretical applications. 
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2 Book Review 

The Modern Theory of Moleczllar Structure, by B. PULLMAN. Dover Publications Inc., 
New York, 1962, vii + 87 pages, $1.00. 

This is a veIy short monograph which deals with modern theories of molecular 
stiucture developed since Planck's discovery of the quantization of energy. I t  is 
primarily designed for those chemists who have not sufficient timc to study the 
rather complicated mathematical treatment which is necessary for a deepel insight 
into the structure and reactivity of chemical compounds. Prof. B. PULLMAN can be 
considered one of the most able teachers in this field and also one of the most active 
investigators. He has the rare talent of putting the rather difficult concepts and theo- 
ries into a more easily understandable form so that this short book can be warmly 
recommended to all those who wish to have an idea of modem theoretical chemistry, 
but do not have time to make a detailed study of it. 

G. MILAZZO, Istituto Superiore di Sanitl, Rome 
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Correction 

In the article THE USE OF PROGRAMMED CURRENT CHRONOPOTENTIOMETRY IN STUDIES 

OF ADSORPTION, J. Electroamal. Chem., 7 (1964) 242, equation (3) should read: 
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