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THE ELECTROCHEMICAL REDUCTION OF THE 
TETRAPHENYLSTIBONIUM ION 

The electrochemical reduction of tetraphenylstibonium ion 
has been investigated. A mechanism is proposed for the two-step 
reduction based on polarographic, controlled-potential electrolysis 
and cyclic voltammetric data. There is evidence that the strong 
adsorption of the ion a t  the electrode surface plays an important role 
in determining the overall reaction scheme. 

M. D. MORRIS, P. S. MCKINNEY AND E. C. WOODBURY, 
J. Elcctroanal. Chcm., ro (1965) 85-94 

ELECTROCHEMICAL STUDIES OF ORGANIC COMPOUNDS 
DISSOLVED IN CARBON-PASTE ELECTRODES 

The application of the DO-CPE appears t o  be a promising 
technique for study of organic compounds normally insoluble in 
aqueous solutions. The behavior of DO-CPE is very much analogous 
to the stripping of metal from a mercury-amalgam electrode to an ion 
in solution. The wave characteristics are similarly affected by adsorp- 
tion on the electrode surface and by the extent of solubility of neutral 
species in the electrode material. There seems to be no reason why 
the DO-CPE cannot be extended to analytical use by taking advan- 
tage of preferential liquid-liquid extraction by the CPE of electro- 
chemically-active molecules. 

ELECTROLUMINESCENCE IN NON-AQUEOUS SOLUTIONS 

J. M. BADER AND T. KUWANA, 
J .  Ekclroanal. Chcm., 10 (1965) 104-109 



REDUCTION FROM A PRE-ENRICHED SOLUTION OF AMAL- 
GAM-FORMI NG METALS; A NEW ELECTROANALYTICAL 
METHOD 

A new electroanalytical method, based on pre-enrichment in a 
mercury drop by constant potential electrolysis, constant potential 
oxidation and linear cathodic voltage-scan voltammetry, has been 
developed; it provides an alternative approach to cases where anodic 
stripping methods are difficult to apply and may be a novel tool for 
the investigation of electrode k~nettcs. 

THE RETARDATION OF ELECTROCHEMICAL REACTIONS 
BY ADSORBED ORGANIC MOLECULES; A QUANTITATIVE 
TREATMENT INVOLVING THE THEORY OF IRREVERSIBLE 
POLAROGRAPHIC WAVES 

The inhibition of the cathodic discharge of C U ~ + ,  Cdt+ and 
Zns+ by adsorbed n-butanol has been studied by polarographic and 
differential capacity measurements under similar conditions of 
adsorption and inhibition. By a superposition of coverage and current 
data, new "polarographic waves a t  constant coverage" are derived. 
The latter are analysed with the theory of irreversible polarographic 
waves in order to calculate the standard rate constant (Ka.8) and the 
cathodic energy transfer coefficient as a function of the degree of 
coverage 8. For the Zn2+ discharge reaction, K,.e depends on 8 linearly 
only for 8 values less than 0.5. For higher values of 8, a lateral inter- 
action term is necessary. The equation K,.o=Ks,o (1 -13)~  where b is a 
constant (> I) is in quantitative agreement with the results for Znl+ 
discharge inhibited by n-butanol over a wide range of wverage 
(o < 8 < 0.85). The lateral interaction term b is also specific for the 
nature of the reducible ion. For the reactions of Cd2+- and Cua+-dis- 
charge, when the experimental values of K8.e are extrapolated to  
8 = o using the above equation, the standard rate constants in the 
absence of inhibition (K,,o) that are obtained are of the correct order. 
I t  is concluded that the mechanism of retardation of the electro- 
chemical reactions by adsorbed n-butanol may be due to a "crowding 
effect". The cathodic transfer coefficient is, in general, independent 
of 8 except a t  limiting high values of the latter, indicating that the 
nature of the rate-determining step for the electrode reactions ischang- 
ed only a t  coverages approaching that of a monolayer. 

S. SATHYANARAYANA, 
J. Electround. Chew.. 10 (1965) 119-139 



THEORETICAL ELECTROMOTIVE FORCES FOR CELLS CON- 
TAINING A SINGLE SOLID OR MOLTEN OXIDE 

W. J. HAMER, 

J .  Elcctroanal. Chenr., 10 (1965) 140-150 

CATHODIC REDUCTION OF FOUR-VALENT GERMANIUM 

An investigation of solutions containing germanium establish- 
ed that in all the systems explored and under all the conditions 
applied, germanium takes part in electrode reactions. In cathodic 
reactions an important part is played by (i) the different forms in 
which Ge(1V) is present in the solution (pentamer, monomer, anions), 
(ii) the equilibria between them and (iii) the rate of transition from 
one form to the other. When a decrease of hydrogen overvoltage was 
observed, some special features of the mechanism of this phenomenon 
have been noted. It  has been firmly established that in all systems 
examined, cathodic reduction gives rise to a more-or-less stable inter- 
mediate product. Its form, as a rule, increasingly approaches the 
defined Ge(I1) when the alkalinity of solution is increased. Bivalent 
germanium, prepared by reduction of Ge(1V) in alkaline medium, is 
relatively stable even when the solution is made acid. Evidence has 
also been adduced that with germanium thus prepared, the form in 
which it is present in the solution plays an important part. 

B. LOVREEEK AND Lj. DUIC?, 
J. Electroanal. Ckm.,  xo (1965) 151-163 
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THE ELECTROCHEMICAL REDUCTION OF THE 
TETRAPHENYLSTIBONIUM ION 

M. D. MORRIS*, P. S. MCKINNEY AND E. C. WOODBURY 
Departmmt of Chcmistvy, Warvard UnP'versity, Cambridge ( U . S . A . )  
(Received March 15th. 1965) 

The polarographic activity of the tetraphenylstibonium ion, (CaHs)4Sb+, was 
reported several years ago by SHINAGAWA and co-workersl. More recently, AFFSPRUNG 
AND  GAINER^ described the polarographic behavior of the tetratolylstibonium ion. 
The analogous compounds of arsenic and phosphorus are also reported to be reducible 
a t  the dropping electrode in aqueous solution3. The electrochemistry of these "onium" 
compounds is of interest, not only because they represent an interesting group of 
organometallics, but also because of their possible use as amperometric titrants for 
various inorganic anion+-6. Also, the electrochemical reduction of the tetraphenyl- 
stibonium ion, and other tetraaryl antimony compounds, appears to be unique 
among the "onium" compounds of the group V elements in that a two-step reduction 
is involved. Both tetraphenylarsonium and tetraphenylphosphonium ions are 
reported to exhibit single, two-electron polarographic waves3. The different behavior 
of the antimony and arsenic compounds, in particular, is quite interesting in view of 
their typically common chemistry. 

The purpose of this paper will be to elucidate the mechanism for the electro- 
chemical reduction of the tetraphenylstibonium ion and to propose an explanation 
for the unique electrochemical behavior of the stibonium compounds. 

The fiola~ographz'c wave 
Figure I shows a typical undamped polarogram of millimolar tetraphenyl- 

stibonium ion in an HC1-KC1 supporting electrolyte of pH 1.5. The solution contains 
approximately 0.02% Triton-X-IOO as a maximum suppressor. In the absence of any 
maximum suppressor, the waves are badly distorted with an acute maximum a t  the 
potential of the first wave and violent current fluctuations a t  potentials just prior to 
the second wave. 0.01% Triton X-IOO reduces the maximum to a sufficiently low level 
to allow the measurement of the diffusion current, but 0.02% is necessary to eliminate 
the maximum entirely, when an undamped polarograrn is recorded. Even in the pres- 
ence of this large amount of suppressor, the current-time curves for individual drops 
remain badly distorted by adsorption. This was particularly true during the early 
stages of drop growth. For this reason, undamped polarograms were recorded and 
maximum rather than average currents were measured throughout the study. 

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

J .  Electroand. Chem., 10 (1965) 85-94 
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Tetraphenylstibonium ions and their reduction products are strongly adsorbed 
at a mercury surface. The potential range over which adsorption pccurs is indicated 
by the electrocapillary curve shown in Fig. 2.  In this figure the drop-time, which is 
closely related to the mercury-solution interfacial tension', is plotted as a function 
of applied potential for solutions of millimolar tetraphenylstibonium ion in 0.1 F KCl, 
with and without o.ox0/, Triton X-100. Similar plots of the supporting electrolyte 
alone are shown for comparison. I t  is clear that strong adsorption occurs a t  potentials 
more negative than + 0.05 V vs. S.C.E. Desorption of the surface active material takes 

3.0 

2.0 

q 1.0 
3 - 
u 
c 

L L 

I: 0 

0.4 0 8 L.2 
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Fig. I. A polarogram of 1.03 . 10-8 F tetraphenylstibonium ion in a supporting elcctrolytc of 
pH 6.5. Triton X-loo has been added to  suppress maxima. 

dc -d2 -0:4 -d.6 -018 -& -k -lip' 
E(volts vs. S.C.E.) 

Fig. z.  Electrocapillary curves a t  25.0° of solns. used in this study. (I), 0.1 F KCl; (z), 0.1 F KC1 
containingo.or% Trlton X-100; (3). 1.10-S F tetraphenylstibonium ion ino.1 F KCl; (4) 1.10-3 F 
tetraphenylstibonium ion in 0.1 F KC1 containing 0.01% T r ~ t o n  X-roo. All measurements were 
made a t  a capillary flow rate of 2.16 mglsec. 

Fig. 3. The dependence of half-wave potential on pH for I . 10-8 F solns. of tetraphenylstibonium 
ion. (I) ,  first wave; (2). second wave. 111 measurements were made a t  a capillary flow of z.16mglsec. 
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place at about - 1.3 V. The presence of Triton X-loo has little apparent effect on the 
adsorption picture at  the electrode. The adsorption behavior is essentially the same 
at  pH values from 1.56.5. 

The dependence of the half-wave potentials on several factors is relevant to the 
elucidation of the mechanism involved. As indicated in Fig. 3, the first half-wave 
potential is independent of pH over the range 1.5-6.5. The value is -0.635 +o.oo5 V 
vs. S.C.E. which is about 0.07 V more positive than thevalue reportedby SHINAGAWA~.  

The reason for this discrepancy is not known. There appears to be a slight dependence 
of the Et on drop time for the first wave. Becausc of the difficulty of making precise 
half-wave potential measurements in the presence of large amounts of Triton X-100, 
an accurate drop-time dependence could not be determined. The first half-wave 
potential is independent of concentration. The second Et is strongly dependent on 
pH, but the dependency cannot be described by any simple relationship. The poten- 
tial appears to be independent of drop-time, but is strongly dependent upon the 
concentration of tetraphenylstibonium ion. The dependency is described approxi- 
mately by the relationship A E*/A log C= -0.050 V. 

Fig. 4. The dependence of limiting current on concn. of tetraphenylstibonium ion. All measure- 
ments were made in a buffer of pH 6.5 at a capillary flow rate of 2.16 mglsec. The first limiting 
current was measured at - 0.9 V us. S.C.E. The second limiting current was measured at - 1.4 V 
us. S.C.E. ( o), 1st wave; ( x ), 2nd wave. 

The slope of a plot of log i / ( i a  -i) vs. E for the first wave is 0.059 V, suggesting 
polarographic reversibility for the electron transfer process involved. AFFSPRUNG AND 

 GAINER^ find, by the same criterion, that the first wave for the reduction of tetratolyl- 
stibonium ion is also due to a reversible, one-electron process. The slope of the log plot 
for the second wave is greater than 0.059 V and is dependent on pH, becoming 
smaller with increasing acidity. This is interpreted as evidence for the irreversibility 
of the second electron transfer. 

In buffered solutions, both limiting currents are proportional to tetraphenyl- 
stibonium ion concentration over the range I - 10-C5 - 10-3 F. The first and second 
limiting currents are equal, within experimental error and with appropriate correc- 
tions for changes in drop time, at  all pH values and concentrations studied. Figure 4 
illustrates the relationship in a buffer of pH 6.5. I t  is not possible to prepare solutions 

J .  Ekctroanal. Chcm.. 10 (1965) 85-94 
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greater than 5.25 - 10-3 F in this buffer because of the precipitation of the electro- 
active material presumably as a phosphate-containing species. The linear relation of 
the second limiting current with concentration contradicts the findings of SHINAGAWA 
and coworkersl. They report that in 0.1 F KC1 the height of the second wave is 
described by a function of the form, i l = a C / ( b - C ) ,  where it is the limiting current, 
C the bulk concentration of tetraphenylstibonium ion and a and b  are constants. 
Hence, they attribute this non-linearity to adsorption of the ion a t  the electrode 
surface. However, Fig. 2 indicates that desorption occurs at -1.3 V vs. S.C.E., or 
about 0.1 V more positive than the potential at which limiting current measurements 
are made on the second wave. An explanation for the discrepancy can be found in the 
fact that the earlier workers used a neutral, unbuffered solution for the concentration 
studies. As indicated in Fig. 3, the potential of the second wave is dependent on 
hydrogen ion concentration. Furthermore, as indicated in a later section of this paper, 
an increase in pH during the course of controlled-potential electrolysis in an unbuffer- 
ed, originally neutral solution. demonstrates that hydrogen ions are consumed by the 
reaction occurring a t  potentials on the second wave. This means that in such solutions 
the diffusion layer rapidly becomes alkaline. The solubility product of tetraphenyl- 
stibonium hydroxides is about 1.2 . 10-8. Hence, in an unbuffered, originally neutral 
solution, some of the tetraphenylstibonium ion will be precipitated by the generated 
hydroxide ion and will never reach the electrode surface. The limiting current in such 
cases will be less than the true diffusion current whenever the concentration exceeds a 
certain value. Based upon the data of SHINAGAWA~, this limiting concentration 
appears to be approximately 2 . 10-3 M tetraphenylstibonium ion. 

The equivalent conductance of tetraphenylstibonium bromide was measured 
at 2s0. The conductance varies linearly with the square root of salt concentration 
below I . 10-3 F and extrapolation to infinite dilution gives Ao- 107f I cm2 ohm-' 
equiv.-1. Because the infinite dilution equivalent conductance of the bromide ion is 
78.1 at this temperatures, the value for the tetraphenylstibonium ion becomes 
zgf I. This equivalent conductance value leads, through the Nernst-Hartley 
relationlo, to a diffusion coefficient of (0.78ko.03) . 10-5 crn2lsec for the tetraphenyl- 
stibonium ion at 2 5 O .  

The use of this diffusion coefficient in the Ilkovic equation for maximum 
current (constant equal to 706) indicates that both polarographic steps involve the 
transfer of one electron. 

ControUtd-potmtial electrolysis 
In addition to the polarographic data detailed above, controlled-potential 

electrolysis provides further information concerning the reduction process. Largescale 
electrolysis at a mercury pool cathode carried out at potentials on the diffusion 
current plateau of the first wave produced a white, water-insoluble precipitate. 
Integration of the current required for exhaustive electrolysis a t  this potential 
indicated that one faraday of electricity is consumed per mole of tetraphenylstibo- 
nium ion. The ultraviolet spectrum of the aqueous cell solution following electrolysis 
was identical with that for a supporting electrolyte solution alone. In particular, 
though special precautions were taken to carry out the electrolysis in a sealed cell, 
no trace of benzene was found as a product of the electrolysis at potentials on the 
first wave. 



REDUCTION OF TETRAPHENYLSTIBONIUM 89 

Thin-layer chromatography of the precipitate, dissolved in carbon tetra- 
chloride, indicated the presence of two materials. Attempts to separate the two com- 
pounds by column chromatography were not successful. I t  was noted however that a 
clean separation could be affected by fractional crystallization from n-pentane. 
Although this procedure did not allow a quantitative recovery of the two products, 
enough of both materials was obtained to permit characterization. The compounds 
were identified as triphenylstibine, (CeHs)3Sb, and diphenylmercury, (C6H;)gHg. 
Identification was made on the basis of a comparison of infrared spectra and thin- 
layer chromatographic Rp values, with those of authentic samples of the compounds. 
Mixed melting points were sharp and in agreement with literature values for the com- 
pounds. No biphenyl was detected as a constituent of the precipitate. 

TABLE I 

WEIGHT OF PRECIPITATE RECOVERED FROM ELECTROLYSlS AT POTENTIALS PRIOR TO THE SECOND 
POLAROGRAPHIC WAVE IN A SOLUTION AT pH 6.5 

Wt. of (Ph)aSbBr Wt. Mt. recovered % of l l teoret ic~l~ 
f m,q) f mg) 

51.9 52.5 9 8  
51.9 52.8 99 
51.9 51.9 976 

Based on expected yield of diphenylmercury and triphenyistibine. 
b Potential equal - 0.90 V vs. S.C.E. 
c Potential equal - 0.75 V vs. S.C.E., 0.02% Triton X - r o o  present. 
a Potential equal - 0.75 V us. S.C.E. 

To demonstrate further that only two products are formed by this electrolysis, 
a gravimetric analysis was made of the precipitate. The results of several of these 
determinations are outlined in Table I. I t  is clear that (CsHs)dSb+ is converted 
quantitatively to (CeH5)zHg and (CeHs)sSb. Furthermore, the presence of Triton 
X-xoo as a maximum suppressor has no significant effect on the results, nor does the 
control potential, so long as it is not more negative than potentials on the second wave. 

The products of electrolysis carried out at potentials on the plateau of the 
second wave were identified as (CaHs)sSb and benzene. The benzene was identified 
by its U.V. spectrum. No other products were found. The weight of the triphenyl- 
stibine recovered was within about 2 q/, of the theoretical yield based on a stoichiom- 
etric conversion of the tetraphenylstibonium ion. Finally, the apparent coulometric 
12 value, measured at - 1-40 V vs. S.C.E., was 2.0. 

Because the conditions of a large-scale electrolysis differ substantially from 
those encountered polarographically, an electrolysis was performed at potentials on 
each wave under polarographic conditions in a micro-cell. Thin-layer chromatograms 
of carbon tetrachloride extracts from the micro-cell indicated formation of the same 
products as in the large scale electrolysis experiments. 

Reaction scheme for tetraphcnylstibonium ion reduction 
In agreement with the data detailed above, the following reaction scheme is 

proposed to account for the electrochemical reduction of the tetraphenylstibonium 
ion. The first wave is accounted for by the reaction 

J .  Electroanad. Chem.. 10 (1965) 85-94 
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The radical then decays rapidly via the disproportionation reaction 

2[CaNsHg-] + (CaHs),Hg+Hg (2) 

The second electron transfer corresponds to 

or to the overall reaction 

To emphasize the strong adsorption of the tetraphenylstibonium ion at the 
mercury electrode, and the subsequent involvement of mercury in the overall 
reaction, it seemed logical to include mercury as a constituent of the species reacting 
at the electrode. It  is not meant to imply chemical bond formation necessarily, 
although as will be discussed later, this appears to be a possible interpretation of the 
reaction sequence. 

Because polarographic and coulometric evidence indicates a one-electron 
process for the first step, a radical must at least formally be considered as the first 
product. The lifetime of this radical must be very short as evidenced by the results of 
rapid scan cyclic voltammetry at a hanging mercury drop. Such a polarogram is 
shown in Fig. 5 .  Two features are of particular importance. First, the absence of 

1 I I I 

0.4 0.8 12 16 
-E( V vs. S.C.E. 

Fig. 5.  A cyclic polarogram of I - 10-2 F tetraphenylstibonium ion in a buffer soln. of pH 6.5. 
Triton X-roo has been added to suppress maxima. Scan rate equals 0.05 clsec. 

anodic waves on the positive-going sweep indicates that there is no reoxidation of 
any of the products of the preceding cathodic sweep. Hence, the radical product of 
the first wave, which would be expected to produce an anodic wave if stable, must 
decay rapidly to the electro-inactive products, triphenylstibine and diphenylmercury. 
This is further substantiated by the flat appearance of the second wave. If the product 
of the first electron transfer, or anelectro-active decay product were stable and further 
reduced to produce the second wave, the concentration of this substance in the vicin- 
ity of the electrode would build up during the plateau of the first wave and produce a 
maximum in the second wave similar to that observed in the first. If however, the 
product of the first wave decays rapidly to form inactive materials, then there would 
be no build up of electro-active material prior to thesecond wave, and henceno current 
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maximum. The reaction is similar in this regard to the reduction of benzaldehyde 
which exhibits a similar cyclic voltammetric behaviorll. 

The rapid disappearance of the radical helps explain some of the observed 
polarographic data. The first wave is reversible, but the half-wave potential appears 
to be dependent upon the drop-time. I t  has been reported that this behavior can be 
expected when the product of the reversible reaction is inactivated by a fast chemical 
reactionlz. 

Support for reaction ( z ) ,  the disproportionation of the phenylmercuric radical, 
comes from several pieces of data. First, of course, the formation of diphenylmercury 
as a product indicates that such a reaction must take place. However, the reaction 
also helps to explain the concentration dependence of the second half-wave potential. 
If the rate of the second electron transfer is of the same order of magnitude as that of 
the disproportionation, then any factor which would tend to increase the rate of 
disproportionation would require that the applied potential be more negative before 
the second electron transfer reaction could be competitive with reaction (2) .  I t  is 
expected that the rate of reaction (2) should be proportional to the square of the 
concentration of the radical and hence an increase in tetraphenylstibonium ion con- 
centration should shift the second half-wave potential to more negative values. This 
is in agreement with the observed data. 

The second electron transfer, as represented by reaction (3) or (3a), seems 
quite straightforward and the involvement of hydrogen ion in the reaction explains 
the pH-dependency of the second wave. If the reaction were reversible it would be 
expected that the half-wave potential would shift 0.059 V with each unit increase in 
pH. The fact that the shift is irregular is not unusual in cases where the reaction is 
irreversible as  it is here. 

Some comment seems necessary on the proposed nature of the radical product 
of the first electron transfer. It could well be argued that the product should be a 
species like [PhaSb --- Hg-] which then undergoes disproportionation to form tri- 
phenylstibine, diphenylmercury and mercury. There is some precedent for this type 
of a "radical-amalgam" intermediatels, and certainly such a scheme would satisfy the 
experimental evidence presented thus far. However, there is considerable circum- 
stantial evidence to support the contention that the phenylmercury radical is involved 
in this case. Such radicals are well known, the methyl compound having been first 
prepared by the reduction of methylmercuric compounds a t  - 33" in liquid ammonial4. 
More recently a series of analogous alkyl and aryl compounds has been prepared's. 
COATES prefers to call these compounds "organic metals" since they do not display 
many of the properties usually associated with free radicalsl6. In the present case, 
the choice of [RHg-] as the form of the "radical" intermediate is based largely on the 
similar polarographic behavior of (CaH5)4Sb+ to that of phenylmercuric compounds 
as reported by BENESCH AND BENESCH'~.  In particular, the dependence of the second 
half-wave potential on concentration and pH is almost identical for both compounds, 
implying that the same reaction is involved. To emphasize further this point, a 
polarogram was recorded for a mixture of tetraphenylstibonium bromide and phenyl- 
mercuric acetate. Figure 6 shows that there are only three waves. The first is due to 
the first step in the reduction of phenylmercuric acetate. The second wave is, of course, 
the first reduction step of the tetraphenylstibonium ion. The third wave, the height 
of which is equal to the sum of the first two, is the second reduction step for both 
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compounds. The third wave appears to be smooth and uniform, as does a derivative 
polarogram of the same solution, and there is no indication of its being a combination 
of two waves. Cyclic voltammetric studies of the mixture show again only three 
waves on the cathodic sweep and no anodic waves on the reverse sweep. 

Fig. 6. A polarogram of a mixture of 5 . 1 0 - 4  F tetraphenylstibonium and 5 . 10-4 F phenyl- 
mercuric acetate in a buffer of pH 6.5. 

I t  is interesting to note that the same type of "organic metal" compound has 
been proposed as the product of the first reduction step in polarographic studies of 
iodonium salts, RsI+X- 18 and ally1 and benzyl iodideslg. 

Comparison of the polarographic behavior of group V tetraphenyL"olsium" compounds 
The polarographic reduction of tetraphenylarsonium and tetraphenylphos- 

phonium ions appears to proceed via a single two-electron step in aqueous solution3. 
The dissimilar behavior of the arsenic and antimony compounds seems particularly 
interesting in view of their very similar general chemistry. A clue to the different 
polarographic behavior may be found in their adsorption behavior at a mercury 
electrode. As indicated in Fig. 2, the tetraphenylantimony compound is strongly 
adsorbed a t  mercury prior to the first reduction step. The electro-capillary curve for 
the tetraphenylarsonium ion under identical conditions indicates no adsorption, 
although there is a slight deviation from the supporting electrolyte curve at - 1.5 V 
vs. S.C.E., perhaps due to the formation of insoluble triphenylarsine. I t  seems possible 
that the antimony compound, being more covalent and having a larger central atom 
may be able to distort readily from a tetrahedral configuration to adopt a distorted 
trigonal bi-pyramid with mercury at one of the apices. This is believed to be the 
geometry of the triphenyldichloro compound of antimony". In this arrangement, an 
electron could be transferred to the antimony and the compound could then, with little 
rearrangement, form triphenylstibine, and a phenylmercury radical which remains at 
the electrode for the formation of diphenylmercury. This would help to explain also 
why the radical reacts with the electrode material rather than with the solvent to 
form benzene or with itself to form biphenyl. I t  is of interest to note in this regard 
that triphenylsulfonium ion, which also exhibits a two-step polarographic reduction 
waves, is adsorbed strongly at the D.M.E." This particular reaction is under further 
study at the present time. 
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EXPERIMENTAL 

Tetraphenylstibonium bromide was prepared according to the method of 
WILLARD et d . 2 2  Eastman White-Label triphenylstibine was first reacted with 
chlorine and then the resulting dichloride was reacted with phenylmagnesium bromide. 
The final product had a melting point of 214-215'. Eastman, practical grade, phenyl- 
mercuric acetate was used without further purification. 

All polarographic supporting electrolytes contained 0.1 F potassium chloride 
and a buffer of the desired composition when necessary. Clark and Lubs buffers were 
used to maintain pH 6.5 and 5.2, acetate buffers for pH 5.0 and 3.5 and a KC1-HC1 
mixture for a pH of 1.5. 

All polarograms were run with a controlled potential and derivative polaro- 
graphs3 manufactured by the Indiana Instrument and Chemical Co. The waves were 
recorded without filtering on a Sargent Model MR recording potentiometer with a 
full-scale response of less than one second. All polarograms were recorded a t  25 f 0.2'. 

The D.M.E. capillary had a flow rate of 2.16 mg/sec at a mercury column 
height of 53.9 cm, corrected for back pressure. The open-circuit drop time in a 0.1 F 
KC1 solution was 3.30 sec. 

The micro-cell used for small scale electrolysis a t  a D.M.E. was constructed 
from a piece of Coming, #7930 porous-glass tubing 4 cm in length and 9 mm in 
diameter. The porous-glass tube was inserted through a rubber stopper in the bottom 
of a 6-cm length of 40-mm pyrex-glass tubing. A mercury reservoir was attached to 
the bottom of the porous-glass tube so that the solution level in the small tube could 
be adjusted. The outer pyrex tube was filled with supporting electrolyte to a level 
just below the top of the inner porous-glass tube and the mercury reservoir adjusted 
so that mercury completely filled the porous glass. The supporting electrolyte solution 
was deaerated. The mercury reservoir was lowered and a deaerated 0.1-ml portion of 
the test solution placed in the porous-glass tube. The D.M.E. was then positioned in 
the porous tube in contact with the test solution. The reference and auxiliary elec- 
trodes were positioned in the outer tube containing supporting electrolyte and the 
electrolysis was performed by adjusting the initial potential of the polarograph to the 
desired value. I t  was possible to perform electrolyses on even smaller samples by 
using 6-mm porous-glass tubing and a D.M.E. constructed from I-mm capillary 
tubing drawn down to a fine tip. 

Conductance measurements were made with an Industrial Instruments type 
IR-I1 bridge and a diptype cell. 

Controlled-potential electrolysis was performed using a Lingane- Jones 
potentiostat24. The electrolysis current was measured with the Sargent recorder and 
the amount of electricity consumed was determined by gravimetric integration of the 
current-time trace. 

Cyclic polarograms were displayed on a Moseley Model X-Y recorderPo, with 
a full-scale response of less than one second. The triangular wave was obtained from 
a Hewlett Packard Model 202A low frequency function generator. The electrode used 
in these studies was a slow dropping mercury electrode constructed by constricting 
a Sargent 6-12 sec capillary. The drop time of this electrode was about 200 sec and 
the cyclic polarograms were recorded IOO sec into the drop life. 

The precipitates produced by large-scale electrolysis were separated from the 
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mercury cathode either by washing into a sintered-glass filter crucible or by extraction 
with carbon tetrachloride. Both methods allowed the quantitative recovery of tri- 
phenylstibine and diphenylmercury. 

Thin-layer chromatography was carried out on microscope slides. Silica gel H 
was used as the adsorbent and a mixed solvent of 70% n-pentane and 3024 dichloro- 
methane used as the developing system. Visualization was effected with iodine. 
Eastman White-Label triphenylstibine and diphenylmercury were used as reference 
standards for comparison. 
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SUMMARY 

The electrochemical reduction of tetraphenylstibonium ion has been investigat- 
ed. A mechanism is proposed for the two-step reduction based on polarographic, 
controlled-potential electrolysis and cyclic voltammetric data. There is evidence that 
the strong adsorption of the ion at the electrode surface plays an important role in 
determining the overall reaction scheme. 
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INTRODUCTION 

The carbon-paste electrode (CPE) developed by ADAMS~ has been used for 
electro-oxidation and reduction studies of both inorganic and organic substances2-10. 
Since the conducting graphite particles are mixed with a viscous organic liquid, use 
of the CPE has been limited to aqueous solutions. This limitation, as applied to 
water-insoluble, electroactive organic compounds, may be circumvented by dissolving 
these organics in the electrode itself. A preliminary  communication^^ reported the 
application of such a technique to the electrolysis of certain organic compounds. 

The purpose of this paper is to present the results of a quantitative investiga- 
tion of the parameters which affect the overall electrochemical and physical charac- 
teristics of the dissolved organics-CPE (DO-CPE). Ferrocene was the compound 
most extensively used since the ferrocene-ferricinium couple behaved the most 
reversibly and also exhibited desirable solubility properties. Data for other compounds 
are also discussed. 

EXPERIMENTAL 

The chronopotentiometric circuit was conventional in all respects. Potential- 
time patterns were recorded using either a Leeds and Northrup Model H or a Sargent 
Model SR strip chart recorder. The cyclic voltammetry unit was constructed following 
the circuit of ALDEN, CHAMBERS AND A D A M S ~ ~  and used with a Moseley Model S-22 
X-Y recorder. All recorders used a cathode-follower input. 

A conventional H-type cell was used with the working electrode (DO-CPE) 
and a saturated calomel reference electrode located in the main compartment. All 
potentials reported are referred to this electrode. A large platinum-gauze electrode 
served as auxiliary electrode in the other compartment. The cavity for the DO-CPE 
was constructed by machining a cylindrical hole, 6 mm in diameter and 10 mm deep, 
in a Teflon rod which was 20 mm in length and ro mm in diameter. A platinum wire, 
which passed through the central axis of the glass tubing and the Teflon rod, made 
electrical contact to the DO-CPE. 

Commercially-obtained ferrocene was further purified chromatographically 
on an alumina column with redistilled n-hexane as eluent, and then recrystallized 
from spectroscopic-quality methanol. The melting point of the ferrocene was 174- 

J .  Ekctroanal Chcm., 10 (1965) 95-103 



96 F. A, SCHULTZ, T, KUWANA 

175'. Substituted ferrocenes were purified chromatographically. Benzophenone 
was recrystallized three times from ethanol. The following compounds were used as 
received: lithium perchlorate, anhydrous (reagent-grade, G. F. Smith Chemical Co.) ; 
perchloric acid (h%, reagent-grade, Baker and Adamson) ; I-bromonaphthalene and 
I-chloronaphthalene (reagent-grade, Matheson, Coleman and Bell); I-methyl- 
naphthalene (reagent-grade, Eastman Organic Chemicals); 2-ethylnaphthalene 
(reagent-grade, Aldrich Chemical Co.); n-undecane (pure grade, 99% minimum, 
Phillips Petroleum Co.); iodine, potassium carbonate and sodium hydroxide were 
reagent-grade stock chemicals. The carbon was Gradc 38 graphite powder from the 
National Carbon Co. Water was redistilled from alkaline permanganate. Pre-purified- 
grade nitrogen was used for degassing purposes. 

PROCEDURE 

Homogeneous pastes of uniform composition were prepared by dissolving a 
weighed quantity of ferrocene (or other organic) in a known volume of pasting 
liquid. A weighed amount of graphite was then added and mixed in an agate mortar 
until the carbon appeared uniformly wetted. The paste was stored under water in 
a small vial; reproducible transition times could be obtained with stored pasta  for a 
period of 3-4 days. 

The electrode was prepared by packing the Teflon cavity with the paste, 
smoothing the surface with a stainless-steel spatula, and removing excess paste 
from the edge surface of the Teflon with tissue paper. After each chronopotentio- 
metric run, it was necessary to remove a thin surface-layer of paste in which the 
concentration of electroactive material had been changed by electrolysis. The 
measured geometric area of the electrode surface was 0.28 cm2; evaluation of the 
electrode area by chronopotentiometric reduction of ferricyanide in 0.1 F KC1 
gave a value of 0.32 cmz using 0.76 x 10-5 cm2lsec as the value of the diffusion 
coefficient13 for ferricyanide ion. 

The choice of electrolytes for the aqueous solutions was based on the stability 
of the organic ion formed in the electrolysis. For example, ions which would complex 
with ferric ion were avoided since such ions appeared to accelerate the decomposition 
of ferricinium ion. All solutions were degassed with nitrogen. 

RESULTS AND DISCUSSION 

The chronopotentiometric waves for oxidation of ferrocene from DO-CPE 
were well-defined in pastes prepared from substituted naphthalenes and pure, long- 
chain hydrocarbons (e.g., n-undecane), but Nujol, used by ADAMS in some pastes, 
gave poorly-developed waves. Values of quarter-wave potential, Ei ,  and of EO.B 
(for reverse wave) evaluated for ferrocene with DO-CPE are compared in Table r 
with those obtained for ferrocene in various other systems. The agreement is sur- 
prising in view of the marked difference in the systems; i t  undoubtedly reflects the 
low solvation energy and the symmetrical structure of ferrocene and ferricinium ion. 
The reversibility of the electrode reaction and the internal resistance of the DO-CPE 
(and consequently the E* values) were affected by the ratio of carbon to pasting 
liquid and the viscosity of the pasting liquid. 
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TABLE 1 

CHRONOPOTENTIOMETRlC Ella AND E0.m VALUES FOR FERROCENE 

El14 E0.m System 
f ") f V )  

Ref. 

+o.38~ +0.33 DO-CPE, 0.1 F LiClO4 and 0.1 F 
HC104-aqueous 

+0.307 fo.300 Pt, 0.2 F LiClO4 in acetonitrile '4 
+ 0.341 fo.335 Pt, 0.2 F LiClOa in acetonitrile 

- 
'5 

f 0.315 Pt,  0.2 F LiCIO4 in acetonitrile 16 
+o.31b - DME, go% ethanol, NaC104-HC10r 1 7 

The value depends on the components of the CPE as well as the current density and temperature. 
Value is uncorrected for potentla1 drop due to internal resistance. 
b Polarographic Elm value. 

Current density 
Effects of current density on E* values and transition times a t  constant paste 

composition were examined in order to evaluate the degree of reversibility and to 
determine the mode of mass transfer. In Table 2 the average value of i t 1  is 868 + 19 
pA sec' over a current range of 90-302 PA. Mild stirring of the solution during the 

TABLE 2 

CHRONOWTENTIOMETRIC DATA FOR FERROCENE OXIDATION, DO-CPE 

Average of 4 or more trials. 
Reciprocal slope of plot of E vs.  log [(r*-ta)/t*]. 

forward chronopotentiogam did not affect the transition time, indicating that mass 
transfer of ferrocene is from the paste. Absence of convective currents in the paste 
makes it possible to obtain reliable transition times of much greater duration than 
with ordinary electrode systems. There was no reverse wave for reduction of ferrici- 
nium ion if the solution was stirred. Plots o f t*  vs. 11i for varying concentrations were 
linear and extrapolated to the origin (Fig. I) as did plots of i r t  vs. concentration 
(Fig. 2). The constancy of i t*  with varying current indicates quite conclusively that 
the mass transfer rate of ferrocene is governed by diffusion from the paste. There is 
little doubt that the electrode reaction is the oxidation of ferrocene as follows: 

ferrocene (organic liquid-paste) + ferricinium ion (aqueous) + e- 

The Et values and the reciprocal slopes of the plot of 6 vs. log [ ( t i -  t t ) / t * ]  in- 
crease with current (Table 2). Although both values reflect a degree of irreversibi- 
lity of the electrode reaction, the shift in Et with current density appears to be 
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largely due to internal resistance of the DO-CPE. This shift is approximately linear 
with current and gives a resistance of 170 i2 for a typical brornonaphthalene paste of 
1.70 (g C to cm3 bromonaphthalene). 

CONCENTRATION X lo5 (mks/cm3) 

Fig. I .  r* plotted us. 11i for various concns. of ferrocene in bromonaphthalene paste. Concn. 
expressed as moles ferrocenc/cm3 bromonaphthalene: (A), 1.47 x I O - ~ ;  (B), 7.35 x 10-6; (C), 
5.51 X I O - ~ .  

Fig. 2 .  ir* us. concn. for ferrmne dissolved in bromonaphthalene paste. 

Paste compositkm 
The relative weight ratio of carbon to pasting liquid influenced the values of 

transition time and quarter-wave potential. In order to retain units used in the Sand 
equationla, the concentration of electroactive species was always expressed as moles 
per cm3 of pasting liquid; the ratio of graphite to pasting liquid must also be specified. 
In Table 3 the effect of changing the weight of graphite per volume of pasting liquid 
is shown for a constant concentration of ferrocene in bromonaphthalene. Transition 
time decreased as carbon content increased since the carbon acted as a diluent. In 
the limiting case, where ferrocene is present only on the surface of the carbon, the 
transition time would be the total time required to oxidize ferrocene coulometrically. 

TABLE 3 
EFFECT OF GRAPHITE :LIQUID RATIO ON TRANSITION TIME AND REVERSIBILITY 

Gvams graphitc/cm3 ir * El 14 

bvommaphthalel~c (PA sec*) ( v! Slope 

Reciprocal slope of E vs. log [(rt - t a ) / i l ] .  
b Ferrocene concn.. 7.35 x 10-5 moles/cms bromonaphthalene. 
c Average value of 4 or more runs. 
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This'is similar to  the case where electroactive substances are adsorbed on carbon, as 
reported by VOORHIES AND DAVIS'~. 

The general increase in the values of the reciprocal slope of E vs. log [(tt -t+)/tt] 
plots indicated greater irreversibility with decreased carbon content. The increase in 
the Et value was in accord with irreversibility trends, and reflected the increased 
internal resistance of the DO-CPE with lower carbon content. Pastes with low 
carbon content (below 1.50) tended to be somewhat fluid, while pastes with high 
carbon content (above 1.80) were "dry". Neither extreme was amenable to easy 
filling of the electrode cavity, so a paste with the ratio of 1.70 was selected as a 
compromise between the most desirable consistency and the maximum reversibility 
of the electrode reaction. I t  should be noted that this value is higher than the 1.50 
ratio recommended by ADAMS~. 

Effect of tmtpwature and viscosity 
If mass transfer rate is governed by diffusion, the viscosity of the pasting 

liquid should affect this rate and consequently the transition time. The Stokes- 
Einstein relationzo: 

(where D is the diffusion coefficient in cm2 sec-1, T the temperature in absolute 
degrees, k the Boltzmann constant, r the radius of the diffusing molecule or ion, and 
7 the viscosity in centipoise units) predicts a linear relationship between D and the 
reciprocal of viscosity. A ~ ~ n l s  has verified the above relationship for several organic 
molecules dissolved in non-aqueous solvents using radiotracer techniques21. In this 
paper, relative diffusion coefficients of ferrocene were calculated from chronopoten- 
tiometric data using pasting liquids of different viscosities in the DO-CPE. The plot 
of D vs. I/V, shown in Fig. 3, is linear and extrapolates to the origin. Since the actual, 
effective concentration in the pasting liquid is not known, the calculated values of the 

Fig. 3. Apparent diffusion coefficient us. reciprocal viscosity for ferrocene in pastes prepared 
from liquids of various viscositics. Viscosity dctermined as described in footnote b, Table 4. 
(A), I-bromonaphthalene21: (B). I-chloronaphthalene22; (C), I-methylnaphthalene23; (D), 2- 

ethylnaphthalenet'; (E), n-undecanc25. Superscript on compound gives ref. for viscosity values. 
Temp. = 27'. 
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diffusion coefficient must be considered as apparent values whose importance is their 
relative magnitude. 

Substitution into the Sand equation for the value of D from the Stokes- 
Einstein relation results in the following: 

where n is the number of electrons transferred per molecule, F the Faraday, A the 
electrode area in cm2, C the concentration in moles per cm3, and all other terms have 
their usual significance. The dependence of transition time. T, on temperature and 
viscosity, with all other factors held constant, is given by: 

'P 

where K is a constant equal to ( n F A C ) % / a ~ i z .  The constancy of the values of 
tq/T (last column, Table 4) for I-bromonaphthalene and I-chloronaphthalene is in 
good agreement with theoretical expectations. 

TABLE 4 

RELATIONSHIP BETWEEN TRANSITION TIME, VISCOSITY AND TEMPERATURE. 

L i p i d  T T tl rrl/T 
f OK) f set) I cl') 

-- 

I -bromonaphthalene 300 19.4 f 1.0 4.28 0.277 
307 24.6 1 0.4 3.67 0.294 
314 29.8 * 0.9 3.12 0.298 
321 35.2 2.67 0.296 

av. 0.291 f 0.007 

275 12.7 * 1.0 5.45 0.252 
300 28.1 2.7 2.83 0.265 
307 32.4 f 1.7 2.45 0.258 
315 40.4 * 2.3 2.06 0.264 
323 46.5 f 1.1 1.76 0.253 

av. 0.258 f 0.005 

Ferrocene concn., 7.35 x 10-5 moles/cms pasting liquid; ratio of g C/cma pasting liquid. 1.70; 
area of electrode, 0.32 cmt; const. current of 197 yA. 
b Values for t) were determined by plotting literature values vs. temp. and selecting from the  
graph the viscosity a t  the given temp. I-Brornonaphthalene and I-chloronaphthalene, ref. 22. 

The least viscous liquid, n-undecane, gave a more well-defined wave and 
lower E* value for ferrocene than any of the naphthalene pastes. The Et values were 
0.328 V, 0.374 V, 0.371 V, 0.363 V and 0.378 V for sz-undecane, I-bromo-, I-chloro-, 
I-methyl-, and 2-ethyl-naphthalene, respectively. A higher activity for a given 
concentration is indicated by the data for ferrocene in n-undecane and solubility and 
diffusion data also support this. 

Comments on mechanism fur fewocelze 
A preliminary study" of ferrocene with DO-CPE gave for the ratio of forward 

to reverse transition times, t / lsr,  a value of 3:1 in agreement with predictions for a 
diffusion-controlled electrode reactionze. I t  now appears that this was a fortuitous 
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observation since it has been found that the ratio depends on current density and 
temperature. 

Since itf* is independent of i, and cf shows the predicted dependence on T, 
the deviation of zf/rr must be from the reverse step of ferricinium reduction. A 
value for cf/rr of less than 3 indicates that ferricinium ion in excess of that from 
diffusion is supplied, perhaps, by adsorption on the electrode surface; a value greater 
than 3 indicates depletion of the ion other than by diffusion from the electrode 
surface. Since transition times were sufficiently short to eliminate convection as a 
major factor, the most logical explanation of this observation would be the kinetic 
decomposition of ferricinium ion. An overall (ferrocene oxidation-reduction) scheme 
consistent with the above findings would be: 

RI k2 Fe(C5Hs)2 Fe(C~H~)z+(adsorbed) - Fe(CaHs)2+ -+ 

-non-electroactive product 

This scheme predicts that the zI/rr ratio would decrease with an increase in current 
density, and correspondingly increase with an increase in temperature. The data 

TABLE 5 

Variation with ib Va~iadion wi th  TO 

i T 
(PA) 7tlrr ("1 7 ~ 1 7 r  

a Pasting liquid, I-bromonaphthalene; ferrocene concn.. 7.35 x 10-5 rnoleslcmJ pasting liquid; 
ratio of g C/cms pasting liquid, I .70. 
b T = 24'. 
e Current = 197 pA. 

presented in Table 5 are in agreement with the above contention. Coulometric 
studies27 of ferrocene oxidation in acetonitrile, alcohol and alcohol-water solutions 
have also indicated a slow decomposition of ferricinium ion. 

Electrochemical studies of othcr compouleds 
In the study of other compounds, iodine and benzophenone gave well- 

developed cyclic voltammetric waves but poorly-defined chronopotentiometric 
waves; the converse was true for the phenazine derivatives. The best results were 
obtained with a series of substituted ferrocenes. The data are summarized in Tables 
6 and 7. The alkyl-phenyl groups on ferrocene were chosen with expectations that 
these would remain adsorbed on the surface of the electrode, but the ratio of zf/r, 
given in Table 6 indicates otherwise. 

An interesting result was observed in the cyclic voltammetric study of iodine 
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TABLE 6 

CHRONOPOTENTIOMETRIC STUDIES OF COMPOUNDS DISSOLVED I N  THE D O A P E  

- 

-CH-CHPh 3 70 S0.4 4-0.45 2.35 
-CHtCHzPh 394 0.43 0.42 2.66 
-C(OH) (Ph)CHePh 339 0.48 0.47 2.64 
-CH(OH)CH*Ph 368 0.42 0.41 2.73 
-C(Ph) = CHPh 357 0.48 0.47 2.95 
-COCHs 431 0-57 0.55 4.7 

Suppotting Ella E0.n 
Compound Pasiing liquid ekctrolyte ( 1') ( v) 
Acid phenazine derivative@ I -bromonaphthalene o. I F NaOH - 0.75 -0.68 
Basic phenazinc derivative r -bromonaphthalene 0.1 F KoCOt -0.43 - 

a Ferrocene concn., 3.67 x 10-5 rnoleslcrna pasting liquid; ratio g Clcms pasting liquid, 1.70: 
pasting liquid. I-bromonaphthalene; supporting electrolyte, 0.1 F LiClO4, 0.1 F HCIO4. 
b Both the forward and reverse waves were better defined for the acidic derivative than for the 
basic derivative. 

TABLE 7 
CYCLIC VOLTAMMETRIC STUDIES OF COMPOUNDS IN THE DO-CPE 

E P I ~  
Compound Pasting liquid Suppwting electrolyte ( v )  

Benzophenone n-undecane 0.1 F KnCOa 
Iodine I-methylnaphthalene x F HtSOd 
Iodine n-undecane r F HtSO4 

dissolved in n-undecane paste. On the first scan there was observed, in addition to 
the expected wave for reduction of iodine, a smaller less well-defined second wave. 
A sharp drop in current was also noted between the first and second waves. Evidence 
for a double anodic wave was much less pronounced than for the cathodic wave. 
These double waves (observed only with n-undecane, and not with other pasting 
liquids) could possibly be due to the formation of I. radicals similar to the case 
discussed by DAVIS$ for bromine. The stability of these radicals would be much 
greater in a paraffinic solvent such as n-undecane than in the naphthalenes, where the 
radicals would be quenched by the aromatic system. 
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SUMMARY 

The application of the DO-CPE appears to be a promising technique for 
study of organic compounds normally insoluble in aqueous solutions. The behavior of 
DO-CPE is very much analogous to the stripping of metal from a mercury-amalgam 
electrode to an ion in solution. The wave characteristics are similarly affected by 
adsorption on the electrode surface and by the extent of solubility of neutral species 
in the electrode material. There seems to be no reason why the DO-CPE cannot be 
extended to analytical use by taking advantage of preferential liquid-liquid ex- 
traction by the CPE of electrochemically-active molecules. 
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INTRODUCTION 

Chemiluminescence, a t  least for low levels of light emission, appears to be a 
widespread phenomenon. Electrochemical processes seem a likely source for lumines- 
cence since they produce products or intermediates similar to those already suggested 
as sources of chemiluminescence or as precursors of chemiluminescent reactions. 

This paper deals with the low-level light emission from the cyclic potential 
scans of a platinum electrode immersed in acetonitrile or dimethylsulfoxide (DMSO) 
with 0.2 F LiClOl as supporting electrolyte. These solvents were studied in the 
presence and absence of dissolved oxygen and/or anthracene. 

Previous1.a reports of electroluminescence from our laboratory have been 
concerned with the electro-oxidation of luminol (5-aminophthalhydrazide) a t  a 
platinum electrode. VOJIR~ earlier reported the observation of light emission from 
the cathodic polarization of an alkaline luminol solution and attributed this to the 
reaction of electro-generated hydrogen peroxide with luminol. We4 have found that 
light emission also occurred in this system when the potential was sufficiently 
cathodic to electro-reduce alkali-metal ions a t  a mercury electrode. Recently, 
HICKLING and co-workerss-7 have reported electroluminescence from the high 
voltage, anodic electrolysis of alkaline aqueous solutions or of liquid ammonia 
solutions. 

SHLYAPINTOKH ef d.8 have observed chemiluminescence in the electrolysis of 
0.1 N NaOH in the presence of fluorescein or eosin at smooth platinum electrodes. 
HERCULES~ has reported electroluminescence from the alternating polarization of a 
platinum electrode in acetonitrile or dimethylformamide solutions that contained 
polycyclic aromatics. He suggested that the luminescence, which was characteristic 
of the fluorescent color of the particular aromatic, was a consequence of a reaction 
between the positive (perhaps associated or dimeric) and negative radica! ions. 
CHANDROSS AND SONNTAG~~,  and CHANDROSS AND V I S C O ~ ~  have made similar ob- 
servations and suggested that the luminescence resulted from the positive radical ion 
or another oxidant removing an electron from the more stable bonding orbital of the 
negative radical anion. This would leave an electron in the higher-energy antibonding 
orbital to undergo transition to the lower-bonding orbital with the emission of a 
photon. 

There have also been several interesting reportslz-14 of chemiluminescence 
from a hydrogen peroxide-sodium hypochlorite solution which emits in the near 
infrared region. The spectrum has been assigned to the spin-forbidden transitions 
from the excited singlet to the ground triplet state of oxygen. Decomposition of 

1. Elecfroanal. Chem.. 10 (1965) 104-109 



ELECTROLUMINESCENCE IN NON-AQUEOUS SOLUTIONS 1°5 

hydroperoxidesl5.16 also exhibit chemiluminescence and VASIL'EV AND VICHUTINS- 
~ 1 1 1 7  have attributed the light emission to the following: 

ROO. + ROO- -products + 0 2  + hv (1) 

where ROO. is a peroxy radical. 

EXPERIMENTAL 

The general cell configuration with appropriate electrodes and circuitry for 
cyclic voltammetry has been previously describedt. Emitted light was monitored by 
a I 4 in. diameter, head-on Dumont K-1953 photomultiplier tube. Two channels of a 
Sanborn recorder Model 154-100 were used for simultaneous recording of photo- 
multiplier output current and current flowing through the electrochemical cell; 
current-potential patterns from cyclic voltammetry were recorded simultaneously 
by an Electro-Instruments Model IOITB X-Y recorder. Matheson, Coleman and Bell 
spectroquality acetonitrile and reagent-grade DMSO were used with portions of the 
DMSO dried with Linde qA molecular sieve. Anhydrous lithium perchlorate was ob- 
tained from the G. F. Smith Co. Commercially-obtained anthracene was zone-refined. 
Solution degassing was discussed previouslyl8. 

RESULTS 

The current-potential patterns for the cyclic scans of a platinum electrode in 
DMSO containing 0.2 F lithium perchlorate and dissolved oxygen are given in Fig. I. 
If the potential is scanned cathodically from 0.0 V (all potentials will be referred 

onodic E v a  S.C.E. c o m c  

Fig. I .  Cyclic scans in un-degassed DMSO. (A). The potential a t  which electroluminescence 
occurs is indicated by the horizontal lines: (B), cathodic potential limit -1.2 V with anodic 
limit increasing on successive scans to + 1.4 V. 

Fig. 2. Cyclic scans in un-degassed DMSO with potential limits and electroluminescence shown by 
horizontal and vertical lines above the current-voltage patterns. (a), no electroluminescence 
between +O.I and -0.9 V;  (b), electroluminescence a t  0.0 V from anodic wave if potential limits 
between +O.I and -1.2 V; (c) no electroluminescence between potential limits of -0.5 and 
+ 1.4 V although additional cathodic wave observed; (d), electroluminescence observed a t  foot of 
oxygen reduction wave if potential limits between - 1.2 and +1.4 V; (e), electroluminescence a t  
foot of oxygen reduction wave decreases as anodic limit decreases. 
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to a saturated calomel electrode) to -0.9 V, a cathodic current is observed due to 
reduction of oxygen to hydrogen peroxide's. No light emission results from this 
oxygen reduction. In thoroughly degassed solutions, this wave is absent. If, however, 
the potential is scanned further cathodically to - 1.2 V and then reversed to the 
anodic direction, an anodic wave with a peak potential of -0.2 V develops. While 
scanning through this anodic wave, light emission occurs at ca. 0.0 V which corre- 
sponds to the descending current portions following the peak of this wave. If the 
cathodic limit of the electrode is maintained at - 1.2 V and the anodic limit is pro- 
gressively increased, oxidation of the background solution (presumably of DMSO) 
begins with a decomposition potential of ca. +I.I V. Low-level light emission is 
found concurrently with this oxidation. However, if the cathodic limit of the electrode 
is maintained a t  -0.5 V. (less than the potential required to reduce oxygen) and the 
anodic limit is allowed to increase on successive scans to + 1.4 V, a cathodic wave 
develops with a peak potential of -0.2 to -0.3 V (Fig. 2 ) .  No light emission is ob- 
served within these limits. If the cathodic limit is now allowed to increase, light 
emission is observed a t  the foot of the wave for reduction of oxygen. This light 
emission may be due to a reaction between the oxidized product of DMSO and the 
product of the reduction of oxygen. In DMSO dried over a molecular sieve or distilled 
at 38" under vacuum, results are similar with slight shifts in the potentials of various 
waves. The potential l~mits of the scans are shown graphically by horizontal lines on 
the upper portion of Fig. 2. The vertical lines indicate potentials at which light is 
observed. 

Figures 3 and 4 show similar data for acetonitrile. In well-degassed solutions, 
moderate light emission results at -2.9 V where lithium ion is being reduced to 

3 2 1 0 - I  -2  -3 3 2 I 0 - 1  -2 -3 

E vs. S.C.E. E vs. S.C.E. 

Fig. 3. Potential limits and potentiab a t  which electroluminexence observed in cyclic scans of 
acetonitrile. (A), background electroluminescence pattern in un-degassed acetonitrile; (B), no 
electroluminescence between potential limits of 0.0 and - 2  V in un-degassed acetonitrile; (C), 
with I O - ~  M anthracene, electroluminescence a t  potentla1 corresponding to reduction of anthra- 
cene when anodic limit IS +o.g V; (D),electroluminescence a t  + I.OV from oxldatlon of anthracene 

Fig. 4. Potential limits and electroluminacence in degassed acetonitrile containing anthracene. 
(A), no electroluminescence between potential limits of 0.0 and - 2  V; (R), no electroluminescence 
between the potential limits of $0.9 and - I  .2 V; (C), electroluminescence a t  potential of anthra- 
cene oxidation if cathodic limit is -0.9 V; (D), electroluminescence a t  potentials for oxidation and 
reduction of anthracene and oxidation of solvent if potential limits are Jr2.4 and - 1.2 V. 



ELECTROLUMINESCENCE IN NON-AQUEOUS SOLUTIONS '07 

lithium meta12Q. Undoubtedly, reduction of lithium is concurrent with reduction of 
small amounts of water which are always present in solvents such as acetonitrile. 
If the potential is scanned in an anodic direction, light emission is observed a t  a 
potential corresponding to oxidation of the solvent and/or perchlorate ion a t  ca. 
3-2.1 V (see Fig. 3A). The product of this oxidation is dinitrile succinimide20 with 
good evidence20,21 that the mechanism is through oxidation of the perchlorate 
anion to the neutral free radical. Again, water present in trace quantities is undoub- 
tedly undergoing concurrent oxidation. 

If anthracene (AN) is added and oxygen is not removed from the solution. 
two successive cathodic waves are found with decomposition potentials (Ed) of - 0.7 
V and ca. -1.1 V due to reduction of oxygen and AN, respectively. No electrolumi- 
nescence results from these two waves. If the cathodic limit is set a t  ca. -0.9 V, 
(i.e., reduction of oxygen but not AN occurs) light emission is observed on each cycle 
a t  Ed of -0.7 to -0.8 V (at the foot of the oxygen reduction wave) when the anodic 
limit is between +0.7 and +o.g V. If the anodic limit is allowed to progress further, 
an anodic wave corresponding to the oxidation of AN develops with an E d  of + 1.05 V. 
Light emission results from this oxidation. 

In well-degassed solutions of AN in acetonitrile, light emission is not observed 
if the electrode is cycled between the potentials of 0.0 and -2.0 V, or between +o.9 
and - 1.2 V. However, if the electrode is scanned anodically to + 1.2 V, where AN 
is oxidized, light emission occurs. If the electrode is scanned cyclically between the 
potentials of + 1.2 and - 1.1 V (AN is reduced a t  - 1.1 V), light emission is found a t  
both +1.2 and -1.1 V. This result is in agreement with earlier observations of 
HERCULES~ and of CHANDROSS AND VISCO~~.  I t  should be pointed out, however, 
contrary to conclusions in the literature22 suggestive of an one-electron oxidation of 
AN in acetonitrile, that if the potential is sufficiently positive to reach the limiting 
current value for oxidation of AN, the value of 12 (the number of electrons transferred 
per molecule of AN) is between 3 and 4. Recent tracer diffusion studies by A D A M S ~ ~  
have verified earlier conclusions24 about the value of the diffusion coefficient of AN 
in acetonitrile. Thus, for ,4K, the positive ion that oxidizes the negative anion 
radical may be (AN)*+ or (AN)22+, where (AN)2 is a dimeric species coupled through 
the 9-position of AN. Such an oxidizing species would circumvent the necessity of 
postulating an oxidation involving AN+ which, as HERCULES pointed out, is known 
to be a short-lived species. The source of the chemiluminescence may be the negative 
anion radical as in the mechanism suggested by CHANDROSS AND SONNTAG'~. If the 
electrode is cycled between +2.2 and - 1.2 V, an additional light peak which corre- 
sponds to the oxidation of the background solution is found a t  +Z.I V. 

DISCUSSION 

Chemiluminescence appears to bea general phenomenon for oxidative processes 
involving oxygen or hydrogen peroxide in alkaline solutions25.26. Electrolumines- 
cence from oxidation of certain organic and inorganic substances in the presence of 
oxygen or hydrogen peroxide also seems fairly widespread27.2. 

In the present experiment, recombination of the radicals formed from the 
electro-oxidation reaction : 

RH=R.+H++e- (2) 
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where RH represents an organic substance, should furnish sufficient energy for light 
in the visible region of the spectrum. In solutions, energy loss through vibrational- 
collisional processes is certainly favored, particularly for aliphatic compounds. I t  is, 
however, possible that the following reactions occur to some extent in the presence 
of oxygen : 

R- + 0 2  =ROO. (3) 

ROO. + ROO. = ROOR + Oa + hv (4) 
Reaction (4) is in accord with a previously proposed mechanisml7. Even in degassed 
solutions a t  anodic potentials where the background solution is being oxidized, 
oxygen is undoubtedly being formed from the concurrent oxidation of traces of 
water present in the solvent. The necessity of oxygen for chemilurninescence in a 
special electro-oxidation processl.2 has been previously demonstrated. 

If reaction (4) is a source of chemiluminescence, the appearance of light during 
reduction of oxygen is possibly due to the following reactions: 

0 2  + e- = 02- (5 )  
0 2 -  + RH = R. + HO2- (6) 

with the radical, R., now reacting through the sequence of reactions (3) and (4) for 
chemiluminescence. Annihilation of the radical, R-, may proceed through several 
alternate routes (such as: Re + R.= R-R) and reaction (3) is undoubtedly of secondary 
importance. 

In a few instances, electroluminescence was obtained a t  the potential for 
oxygen reduction only if the potential was first cycled anodically to +0.7 or +o.g V. 
Whether the anodic pre-scan involves oxidation of traces of dissolved species or 
a change in the nature and role of the electrode surface is not a t  present clear. 

Chemiluminescence from reduction of lithium ion in degassed acetonitrile 
solutions probably results from radical recombination reactions similar to  processes 
described by HICKLING and co-workerss-7. Lithium metal can reduce both aceto- 
nitrile and traces of water as follows: 

Primary process : Li+ + e- a: LiO (7) 
Secondary processes : LiO + Hz0 = H. + OH- + Li+ (8) 
LiO + Hz0 = ~ H ~ o -  + Li+ (9) 
~ H ~ o -  + Hz0 = H- +OH- + Hz0 (10) 

H.+H-=H2 ( f f )  

or, LiO +- CHJCN = Li+ + H :- + nCH2CN (12) 

H:-$HaO=H2+0H- (13) 

2 .CH*C?J = CN-CH-CH-CN ( ~ 4 )  

Reactions (9)  and (10) suggest the possibility of hydrated electrons participating in 
the reduction of water. Reactions (II), (13) and (14) are sufficiently energetic to 
produce light in the visible region. Energy produced by radical recombinations may 
be lost not by a collisional process, but rather through emission of a photon due to 
recombinations within a reaction "cage" formed in the solvent. Recombinations may 
also be occurring within micro-gas pockets formed by hydrogen gas from reaction (11). 
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Electroluminescence from alternating electrodxidation and reduction of AN 
is in agreement with previousQ~11 experimental observations. However, as  BARD^^ 
has observed in the case of g,~odiphenylanthracene (DPA), the DPA+ ion is not neces- 
sarily the oxidant that reacts with DPA- to produce chemiluminescence. The same 
appears to be true in the case of AN. Apparently, an oxidizing species formed elec- 
trochemically may oxidize the anion radical (formed cathodically) to produce the 
excited, fluorescent state. 

The suggested possibility2 that a direct heterogeneous electron-transfer 
reaction may produce an excited state has been reported recently for rubreneeg. The 
evidence is not conclusive, and further progress must await determination of spectral 
distribution, quantum yield and fluorescent yield (in solvent used), and identification 
of species generated electrochemically. 
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PRINCIPLE AND SCOPE OF THE METHOD 

A new electroanalytical trace method', based on pre-enrichment in a mercury 
drop by constant potential electrolysis, constant potential oxidation and linear 
cathodic voltage-scan voltammetry, promises improved sensitivity and resolution for 
the analysis of certain ion mixtures, where proximate half-wave potentials or adverse 
relative concentrations render electroanalysis difficult. The new method has also 
potentialities as a tool for the studv of the kinetics of electrochemical reactions a t  the 
mercury-drop electrode. 

The metallic ion, present in low concentration (10-6 M or less) in the sample 
solution, is initially concentrated in a hanging mercury-drop electrode (HMDE) by 
applying constant potential electrolysis, with agitation of the sample solution, in 
complete analogy to anodic stripping voltammetry (a.s.v.) (including a final waiting 
period, during which the solution is allowed to come to rest). The electrode potential 
is now switched to a more positive value, at which the amalgam, formed in the 
electrolysis step, is partially re-oxidized. In contrast to a.s.v., this step is not recorded; 
the oxidation current is governed by the current-time function derived for constant 
potential voltammetry2. 

During this step, metallic ions are reformed at the drop-solution interface 
and diffuse away from i t ;  ion concentration is maximum a t  the interface and decreases 
gradually with increased distance, until the limiting concentration of the original 
sample solution is reached. The vicinity of the electrode may be regarded as a region 
in which the concentration of the ion in question is considerably higher than the 
original sample concentration (although not homogeneously distributed). 

After a controlled oxidation interval (of the order of a few seconds) a linear 
voltage scan, rising towards cathodic values, is applied and the voltagram recorded; 
this is identical with the curves obtained in single sweep methods. The direct con- 
nection between the reduction peak current obtained and the preliminary concen- 
tration and oxidation steps is easily demonstrated: no useful reduction peaks are ob- 
tained by applying the linear voltage scan directly to  sample solutions more dilute 

* Part of a M.Sc. thesis presented by CH. YARNITSKY to the Senate of the Technion. 
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than 10-7 M; in the case of more concentrated samples, the reduction peaks obtained 
after pre-enrichment are immeasurably higher. This increased sensitivity should be 
of the order achieved by a.s.v. ; assuming similar diffusion coefficients for the metal in 
mercury and its ions in solution, and assuming that the metal ion concentration, at 
the interface, during the oxidation step, does not exceed its concentration inside the 
HMDE at the beginning of this step, one would expect the reduction current peak, 
obtained from pre-enriched solution, and the oxidation current peak, obtained by 
a.s.v., to have similar heights. 

However, as is well known, the applicability of a.s.v. is often limited by back- 
ground effects of condenser and parasitic faradaic currents; in complex samples, 
oxidation currents of additional depolarizers, present in solution and reacting 
electrochemically at potentials proximate to that of the ion question, may interfere 
(e.g., the case of an a.s.v. peak coalescing with the mercury oxidation current). 

Quantitative evaluation of a.s.v. peaks may be interfered with or prevented 
entirely; in some cases, the method of medium exchange3 offers a solution. 

By applying the new method and choosing the oxidation potential selectively, 
so that mainly the desired depolarizer is re-oxidized, some of the above difficulties 
may be surmounted; the solution near the HMDE will not be enriched either by the 
interfering depolarizer or mercury and the subsequent reduction wave will be undis- 
torted. The method can be applied to the analysis of solutions with a concentration 
range similar to those suitable for a.s.v. (down to 10-9 M). 

The application of this method to kinetic investigations seems promising. 
Being derived from a.s.v., the method has some of the limitations inherent in that 
method, such as its applicability to amalgam-forming metals only and its requirement 
of strict control of electrolysis conditions, etc. Additional experimental parameters 
requiring control are: duration and potential of oxidation step. I t  is also essential 
to differentiate between simple and kinetically-complicated cases. 

The practical exploitation of the method involves preliminary tests for ascer- 
taining its applicability in a wide concentration range, setting up of calibration 

Fig. I .  Potential of working electrode (us. S.C.E.) during the various steps in the determination 
of cadmium by the new method. 
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curves and investigating the dependence of reduction current peak height on the rate 
of voltage scan and duration of oxidation. As is the case in other trace analytical 
methods, numerous factors affect the shape and height of the final voltagrams; their 
evaluation and control may often prove difficult. 

A schematic curve depicting the electrode potential-time changes occurring in 
the course of a determination by the new method is given in Fig. I. 

EXPERIMENTAL 

Apparatus and reagents 
The electrolysis cell and electrode have been previously described4. A polarizing 

unit, constructed for this investigation and similar to the instrument described by 
DAVIS AND SEABORNJ is employed; triggering is manual, instead of being activated by 
drop detachment. The unit supplies all the potentials (constant and scan) required in 
the course of the experiments; it contains a linear voltage scan source, a compensating 
circuit and a timer for switching the potential from the cathodic values, required for 
electrodeposition, to anodic values required for re-oxidation, keeping the potential 
constant for a pre-determined time interval and finally initiating the linear cathodic 
voltage scan. The values of pre-electrolysis potential, oxidation potential, duration of 
oxidation step and the rate of linear voltage scan are adjustable as desired; the 
compensating circuit is designed to correct deviations from linearity of the voltage 
scan, resulting from the in-series connection of the measuring resistor. 

A Tektronix type-502 Dual-Beam oscilloscope, with camera, served as record- 
ing instrument. 

All reagents were of reagent grade; deionised distilled water was employed 
throughout. 

Procedure 
The deaerated sample solution, containing the ion to be determined and a 

suitable supporting electrolyte, is introduced into the electrolysis cell. The solution is 
stirred magnetically, nitrogen gas is passed over its surface and the ion electro- 
deposited in the HMDE by applying to the electrodeapotential morenegative than the 
half-wave potential of the particular ion in the chosen medium. Choice of electrolysis 
duration is arbitrary, being governed by the concentration of the sample solution; 
a t  its end, stirring is stopped, the solution allowed to come to rest (during 30 sec); 
the electrode potential is kept unchanged a t  the electrodeposition value. The timer 
switch is now activated, causing the electrode potential to jump to a value exceeding 
the half-wave potential by zoo mV, stay there for a predetermined oxidation interval 
and finally change linearly towards negative values, a t  a chosen rate of voltage scan; 
the voltagram obtained during the scan is displayed on the screen of the oscilloscope 
and photographed. 

RESULTS AND DISCUSSION 

Analytical evaluation 
The applicability of the method to quantitative determinations was tested 

for a number of ions (CUB+, Pbtf, Tl+, Cd2+ and Zns), all determinable by a.s.v. In 
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Fig. 2. Comparison of as. curves and reduction curves obtained from pre-enriched solution. 

order to curtail the large number of experiments required in an evaluation of this 
kind (and resulting directly from the numerous parameters involved), a single sup- 
porting electrolyte was employed throughout. Temperature was kept at 23'--2-3"; 
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the effect of temperature variation within these limits was negligible when compared 
to  the experimental error. Mercury drops of approximately 8 mg in weight were 
used on the HMDE; since reduction currents depend on drop size, a single drop, as a 
rule, was employed throughout any series of experiments designed to investigate any 
one particular factor. Electrolysis time, as a rule, was 3 min. 

Fig. 3. Height of reduction current peak as function of depolarizer concn. 

Fig. 4. Height of reduction current peak as function of duration of electrolysis. 

A preliminary investigation of the shape of the voltagram, obtained from the 
sample solution by a.s.v., is generally desirable. Whenever, due to extreme sample 
dilution, no serviceable voltagram is obtained after 3-min pre-electrolysis, electrolysis 
must be prolonged to effect higher metal concentration in the HMDE. These a.s.v. 
voltagrams provide general information regarding the sample, such as  half-wave 
potential values in the particular medium, suitable oxidation potential and inter- 
ferences due to the presence of other ions, etc. 

The reduction wave from a pre-enriched solution was first observed in the 
case of a single metallic ion (Pb2+); the other four ions (Cd2+, TI+, Cu2+ and Zn2+) 
were chosen to test the generality of the phenomena observed. Since all these ions 



gave a.s.v. oxidation curves (Fig. z) ,  the following experiments could be planned to 
investigate the effect of a number of experimental parameters on the shape and 
height of the reduction wave from pre-enriched solution: 

(a) concentration of depolarizer in sample solution; 
(b) duration of pre-electrolysis; 
(c) duration of oxidation step. 
The first series of experiments was carried out with solutions in the 10-6- 

10-7 M concentration range (Fig. 3) ; in the second series, electrolysis times ranging 
from 3-30 min and arranged in an ascending arithmetic series were investigated 
(Fig. 4). The effect of varving the duration of the oxidation step is shown in Fig. 5. 

Fig. 5. Height of reduction current peak as function of oxidation interval. 

Fig. 6. A.s. and reduction curves of 10-b  M Cda+ in 0.1 M KCl, in the presence of 10-6 M TI+: (a), 
a.s. voltagram; (b), reduction curve from pre-enrichcd solution. Experimental conditions: duration 
of electrolysis (for both a and b) : 3 rnin; oxidation interval (for b) : 5 sec; rate of voltage sweep 
(for both a and b): 0.3 V/sec. 

In some cases, e.g., with thallium, the height of the'reduction peak depends critically 
on duration of oxidation. Quantitative thallium determinations, therefore, require 
strict adherence to pre-determined oxidation intervals. 

The following determinations were chosen to illustrate the usefulness of the 
new method: 

(a) 10-6 M CU~+,  in chloride medium, is not easily determined by a.s.v.; the 
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new method produces a reduction wave which is readily evaluated quantitatively 
(Fig. za). 

(b)'~o-6 M Cdz+, in the presence of 10-6 M TI+, cannot be determined by 
a.s.v., due to thallium interference (Fig. 6a); application of the new method solves 
this problem (Fig. 6b). 

LIMITATIONS AND INTERFERENCES 

The preliminary concentration step by electrolysis into the HMDE, is a source 
of non-reproducibility, both in a.s.v. and the new method. Stimng must be initiated 
and stopped as rapidly as possible; a synchronic magnetic stirrer must be employed. 
well-centered with regard to the cell to minimize irregular motion. The HMDE 
should be placed 1-2 cm above the stirrer bar, in the center of the electrolysis cell. 

Fig. 7. Proper choice of oxidation potential, allowing evaluation of reduction curve; curves 
obtained with 10-6  M Cuff, at potential values: (a), too positive; (b), too negative; (c), optimal. 

Should the HMDE, for some reason, be not placed centrally, care must be taken to  
removeit sufficie~itly from the stirring bar,in order to prevent the drop from falling off. 

The oxidation potential requires careful choice; too negative values curtail 
oxidation and result in a cut+ff wave (Fig 7). 

The various parameters should be adjusted until the resulting voltagram has a 
base line and current peak which allow easy quantitative interpretation. 
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The ideal shape of the reduction current peak, as predicted by SEVCIK~ and 
RANDLES', may be distorted through the presence of additional electrode reactions. 
Traces of dissolved oxygen must be guarded against; fresh mercury drops must be 
employed; distorted voltagrams are obtained on drops kept in distilled water over- 
night, possibly due to formation of a passive film; in some cases the voltagram is 
suppressed entirely. 

The adequate coating of the platinum contact on which the HMDE hangs is 
very important both in a.s.v. and in the new method. Whenever wave distortion 
resulting from the poor quality of this coating is suspected, the electrode must be 
cleaned with dilute (I :I) HN03, rinsed with water and replated. 

KINETIC EFFECTS 

The passage of metal from the amalgamated HMDE into the surrounding 
solution and the transport of metal ions from the interface are governed by a series of 
steps, some of which may be faster and others slower than pure diffusion. In the 
simple case described above, diffusion control was assumed; this allowed the HMDE 

Fig. 8. Height of reduction current peak as function of voltage sweep rate. (a), Cur+, i p a v 0 - 8 e o . 0 8 ;  

(b ) ,  Pba+, i p a v 0 . S M 0 . 0 6 ;  (c), TI+, ip a v Q . 7 7 f 0 . 0 8 ;  ( d ) ,  CdZ+, i p  QvO.@l*O.Oe; (e), Zns+, i p  ccvO~~~o.@'. 

to be regarded as placed in a new solution, more concentrated than the original 
sample, during the amalgam oxidation step. Carrying this assumption further, the 
height of the reduction peak ( a p )  obtained would be expected to be proportional to 
the square root of the rate of voltage scan (v)e.7. Experimental results show signi- 
ficant deviations from this relation, although the results for lead and cadmium 
approach it (Fig. 8). This aspect is under continued investigation. 

The above relation was also investigated with solutions containing mixtures of 
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two different ions, one of which had previously been shown to adhere to the i p a v *  
relation, when present singly (this ensured that the determination of the i p=f  (v) 
was not affected by experimental errors). Results show that each ion behaves as if 
present singly and its i p  = f (v) relation is unaffected. 

SUMMARY 

A new electroanalytical method, based on pre-enrichment in a mercury drop 
by constant potential electrolysis, constant potential oxidation and linear cathodic 
voltage-scan voltammetry, has been developed; it provides an alternative approach 
to cases where anodic stripping methods are difficult to apply and may be a novel 
tool for the investigation of electrode kinetics. 
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INTRODUCTION 

The kinetics of electrochemical reactions are profoundly altered when small 
quantities of electro-inactive organic surface-active substances are present in solution. 
The subject is of theoretical as well as practical importance in the fields of electro- 
deposition, corrosion protection, secondary batteries etc. A number of reviews has 
appeared on this subject in recent years'-6 and an exhaustive coverage of literature 
is therefore unnecessary. However, some recent papers not covered by the above 
reviews are given'-10 in the reference list. 

The effect of adsorption of electro-inactive organic molecules on the kinetics 
of electrode processes a t  a dropping mercury electrode (D.M.E.) may be broadly 
classified into three divisionss: (a) adsorption and mass transfer kinetics; (b) adsorp- 
tion and charge transfer kinetics; (c) non-equilibrium adsorption on the expanding 
mercury drop. The present paper is concerned with some aspects of the second effect. 

The influence of adsorption of neutral organic molecules on the charge transfer 
kinetics of electrochemical reactions a t  a D.M.E. is generally to retard the rate of the 
reaction (decrease the current a t  a given potential) in the region of adsorption of the 
surfactant. The resulting polarographic waves are considerably drawn out on the 
potential scale and thus rendered "irreversible'" to a varying extent. However, the 
theory of irreversible polarographic waves has not been applied for a quantitative 
interpretation of such inhibited polarographic waves in terms of kinetic parameters 
because the surface excess of the adsorbate (and hence the degree of inhibition) varies 
with the electrode potential. 

The dependence of the kinetic parameters on the degree of coverage of the 
electrode surface by adsorbed organic molecules has been studied by earlier workers 
using three methods: (a) galvanostatic* and voltage-steps techniques with small 
excursions of the electrode potential from its equilibrium value; (b) current-time 
curves for single dropslo-1% and (c) faradaic impedance technique9J4. The results 
obtained lend support for a linear dependence of the standard rate constant on the 
degree of coverage according to the equation 

Kt.e= K*,o (I -8) + K,,IO (1) 

where K8.0, Kl,o and KS.1 are the standard rate constants corresponding to the degree 
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of coverage 8, o and I, respectively. There is also an indication that the transfer 
coefficient may either be independent of 8 8 ,  or decrease slightly with an increase in 
62". 

According to FRUMKIN~ the mode of inhibition may be expected to change 
when the degree of coverage changes from a low to a high value, due to lateral inter- 
action among the molecules of the adsorbate. In such a case, we may expect that a 
simple linear relation between Ks,e and 8 may not be valid over the whole range 
o < 8 < I. A change in the mechanism of inhibition may also be reflected as a change 
in the magnitude of the transfer coefficient (a)  with an increase in 8. 

The mechanism of inhibition itself has been attributed to one or more of the 
followingl-5: (a) a "blocking effectm-an apparent inhibition of the electrochemical 
reaction due to a reduction in the true area of the electrode surface, at a given poten- 
tial, on adsorption ; (b) a "sieve effectH-inhibition due to an increase in the activation 
energy for the reactant ion while approaching the reaction site in the pre-electrode 
layer either through holes or monomolecular pores16 in the adsorbed layer; (c) an 
"electrostatic effectM-inhibition due to a change in the effective potential difference 
between the metal and the plane of closest approach for the reactant ion in the pres- 
ence of adsorbed molecules in the double layer; (d) a "(chemical) kinetic effectn-in- 
hibition of a preceding chemical reaction that gave rise to the actual reacting ion near 
the pre-electrode layer. 

The determination of the particular mechanism of inhibition in a given case 
may be facilitated if the kinetic parameters are obtained over a wide range of 8, 
using alternative methods. 

The present investigation is an attempt to develop a new method for a theoret- 
ical analysis of irreversible polarographic waves in the presence of adsorbed neutral 
molecules without introducing any assumptions regarding the mechanism of inhibi- 
tion, and to verify from experimental results the relation between the kinetic para- 
meters (K,,@ and LY) and the degree of coverage (8) by the adsorbate. 

THEORY 

The equation for a single polarographic wave (e.g., purely cathodic) which may 
be partially or totally irreversible with currents measured at  the end of the drop life 
is'?-19 

ia 
I + (2 exp ( n f ( ~  - EP))  

where it is the instantaneous value of the current at  the end of the drop life, t the 
drop time, ia the limiting diffusion current for a reaction O+n e*R which is of the 
first-order in both directions and for which the formal standard potential is EfO, E the 
electrode potential corresponding to the current it and f = FIRT, F being the Faraday. 
From the tabulated values33 of q ( ~ )  x can be obtained for various values of E. Since 
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a plot of log K, against E is drawn and K8 (the standard rate constant) is obtained as 
the value of K f  when E = EfQ. The other symbols have the usual meaning. 

The kinetic parameters obtained by this procedure correspond to a situation 
where the potential difference across the diffuse double layer is zero or a t  least 
constant (which gives a constant error in K,). This is approximately true when there 
is a large excess of a capillary inactive supporting electrolyte (for example, I M NaCl04) 
with the electrode potential close to the point of zero charge of mercury or negative to 
it. On the other hand, if the solution contains a surface-active substance, the double 
layer is partly diffuse in the region of adsorption. Moreover, the degree of coverage 
of the electrode by the adsorbate changes, in general, continuously with the electrode 
potential. The potential at the reaction site in the double layer is therefore not even 
approximately constant at  different potentials of the electrode and eqn. (2) is in- 
applicable. 

This difficulty can be overcome by the following method. Families of curves for 
the coverage-potential and current-potential characteristics are obtained under 
similar conditions of adsorption and inhibition, for various concentrations of the 
surfactant in solution. At the electrode potentials for a given coverage, the corre- 
sponding currents are read from the appropriate polarisation curves. This results in a 

Fig. I .  Schematic illustration of superposition of coverage-potential curves on polarographic 
waves in order to derive "constant coverage polarographic waves". One such wave for a coverage 
6'1 is shown in the lower set of curves (polarographic waves) as a curve with a hard line. 
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new polarisation curve which would be experimentally observed if the coverage 
could be artificially held constant when the electrode potential is changed. The 
procedure is graphically illustrated for clarity in Fig. I. 

In this figure, a polarographic wave corresponding to a coverage fI1 at all 
points along the curve is shown as a thick line. By a superposition of coverage and 
polarographic data for different values of 8,  a family of what may be briefly called 
"constant coverage polarographic waves" is derived. 

A constant coverage polarographic wave should satisfy eqn. (2) since the struc- 
ture of the double layer is essentially constant a t  different points along the wave. The 
kinetic parameters may therefore be calculated for a given coverage by the procedure 
described. 

Moreover, the values of both i t  and i d  are obtained from the constant coverage 
polarographic wave; the ratio ( i r / i d ) e  which is the quantity required now for sub- 
stitution in eqn. (z ) ,  becomes therefore independent of any "blocking effect" that 
may be present since the free surface of the electrode available for the reaction is the 
same for both values of the current. 

A slight decrease in the limiting diffusion current is generally observed with 
increasing quantities of the surfactant in solution. This decrease is partly or mainly 
due to a decrease in the drop time and therefore a decrease in the area of the D.M.E. 
on adsorption. In order to allow for a variation of the electrode area of a D.M.E. with 
the potential as well as with adsorption, the constant coverage polarographic waves 
should be constructed using current densities (currentlarea) and not just currents. 

The kinetic parameters obtained from constant coverage polarographic waves, 
i.e., using ( I t l I d ) ~  where I t  and I d  are the current densities corresponding to i t  and 
i s ,  respectively, in eqn. (2) are therefore representative of the charge transfer charac- 
teristics proper with due corrections applied for mass transfer polarisation, backward 
reaction rate, "blocking effect", and variation of interfacial adsorption with the elec- 
trode potential. 

If the potential at the reaction site is known for a given value of 8, the usual 
double-layer corrections of FRUMKIK may also be applied. The accurate evaluation of 
this potential in presence of an adsorbed substance is difficult at the present time4,8.20. 
In the present work, kinetic parameters are therefore calculated as a function of 8 
without applying the double-layer corrections. The potential drop across the diffuse 
double layer may be expected to be small and not to change rapidly with a change in 
8 in a 0.5 M Na2SOs solution used as the supporting electrolyte in the present work. 
The kinetic parameters obtained without the double-layer corrections may therefore 
be expected to differ from the true values ( i . e . ,  with double-layer corrections) by a 
small, constant value. 

EXPERIMEKTAL 

A D.M.E. has been used in this work for studying both adsorption and in- 
hibition of electrochemical reactions, Complications due to slow adsorption kinetics 
at the D.M.E. are minimised by choosing n-butanol as the surfactant and 9-10 sec 
for the drop time of the D.M.E. I t  is well-known21 that the adsorption-desorption 
exchange process at the mercury/solution interface is quite fast for the lower aliphatic 
alcohols. The adsorption of n-butanol at the end of the drop life may therefore be 
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considered as close to its equilibrium value. Since n-butanol is only weakly surface 
active, relatively large concentrations are required in the solution in order to observe 
any significant inhibition of an electrode reaction. At such large concentrations of 
butanol in the solution, diffusion of butanol to the D.M.E. may also cease to be a 
slow step in controlling the adsorption rate. 

The retardation of the rate of discharge of Cu2+, Cd2+ and Zn2+ by adsorbed 
n-butanol was studied by current as well as differential capacity measurements at  
the D.M.E. 

The choice of the reducible species was determined by the fact that while Cd2+ 
discharge takes place not far from the null point of mercury, the discharge of Cu2+ and 
Zn2+ takes place at  potentials considerably positive and negative, respectively, to 
the null point. The effect of the double-layer structure may therefore be judged, at  
least qualitatively, on the three reactions under otherwise identical conditions. More- 
over, the discharge of these cations from simple salt solutions on to a D.M.E. is 
probably uncomplicated by any preceding slow chemical reaction; the interpretation 
of the results will therefore be simplified. 

Instantaneous currents and differential capacities were measured at the end 
of the drop life using the same D.M.E. with the same drop time and in the same s u p  
porting electrolyte containing identical amounts of the surfactant. A complete 
correspondence was thus achieved between adsorption and reaction-rate measure- 
ments, facilitating a quantitative correlation of the two phenomena. The absence of the 
reducible ions (CU~+, Cdz+ or Zn2+) in the solution used for capacity measurements is 
assumed to introduce no serious error since the specific adsorption for these ions at  the 
low concentrations used (about I mM in each case) may be expected to be too small to 
affect the double-layer structure in the presence of 0.5 M Na2S04. 

Dif f~~cnt ia l  capacity mcasuremcnt 
The differential capacities were measured by the bridge method, which is 

essentially the same as that of GRAHAME~~ in which, as pointed out later by DAMAS- 
 KIN^^, there is a significant advantage in using the polarising source of e.m.f. not 
across the cell but across a diagonal of the bridge. The test signal for the bridge was 
of 400 c/sec frequency and 5-mV amplitude. Necessary shielding and grounding were 
provided. The bridge was balanced at the end of drop life. The drop time required for 
the calculation of area of the D.M.E. was registered with a precision of ko.01 sec by 
an electronic-mechanical relay connected across the output of the pre-amplifier of 
the oscilloscopic null detector. The relay operated as a bi-stable multivibrator trigger- 
ed by successive pulses from the D.M.E. at  the instant of detachment of the drops 
from the capillary24. A precision decade capacity box (Leeds and Northrup Co., 
Catalogue No. 1 9 1 )  was used in the variable arm of the bridge. Capacity measure- 
ments were precise to 0.5% except near the desorption peaks a t  positive potentials 
where it was about 20/,. Since the mass rate of flow of mercury through the capillary 
is known and the drop times determined as above, the area of the mercury drop at the 
moment of detachment was calculated assuming a spherical shape for the electrode. 

Polarographic measur~ments 
The polariking circuit was set up with the smallest resistance possible; the 

potential of the D.M.E. was thus constant to f 0.2 mV during a drop life. The relative- 
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ly long drop times (9-10 sec) used, prevented the occurrence of any polarographic 
maxima of the second kind. A critically-damped galvanometer with a period of 4 sec 
and a sensitivity of 1.75 x 10-9 A/mm was used to measure the instantaneous currents 
a t  the end of the drop life. 

Chemicals 
Care was taken to eliminate surface-active impurities. Doubly-distilled water, 

with the second distillation over alkaline permanganate in an all-glass assembly, was 
used throughout. The inorganic salts used (sodium sulphate, and sulphates of copper, 
cadmium and zinc) were recrystallised from A.R. grade salts and ignited in air below 
the temperatures of decomposition of the corresponding salts. Mercury was purified 
by prolonged aeration under hot dilute nitric acid and distilled under vacuum. 
Hydrogen from an all-glass electrolysis unit was used for de-aeration after passing over 
heated platinum black, alkaline plumbite solution and silica gel, respectively. The 
de-aeration time was 2 h. The supporting electrolyte used in all the experiments was 
0.5 M sodium sulphate (relatively capillary inactive) and 0.001 M sulphuric acid; the 
latter is necessary to suppress the hydrolysis of the copper, cadmium or zinc salts in 
the otherwise neutral solution. Eastman Kodak grade n-butanol was distilled in an 
all-glass unit before use. 

Cell 
The cell was of all-glass construction with suitable inlets through ungreased 

ground-glass joints for the D.M.E., reference electrode, and addition of n-butanol. 
The reference electrode for measuring the potential of the D.M.E. was of the mercury- 
mercurous sulphate type in contact with a solution of 0.5 M Na~S04 and 0.001 M 
H2S04. The reference electrode bridge filled with the same solution (thus avoiding 
liquid junction potentials) was connected to the cell through a closed, ungreased 
stopcock, which terminated in a Luggin capillary close to the D.M.E. A large platinum 
cylinder surrounding the D.M.E. was used as the auxiliary electrode. The temperature 
of the cell was maintained at 2 5 O +  O.zO. 

Procadwe 
The addition of definite quantities of n-butanol to the test solution was accom- 

plished so that before and between successive additions of butanol, access of air to the 
test solution was completely avoided. To a known volume of the de-aerated solution 
in the cell, butanol was added dropwise through a fine capillary tip. This capillary 
was fused to a reservoir containing the butanol and attached to the cell by an un- 
greased ground-glass joint. The dropwise addition of n-butanol was effected by com- 
pressing the air space above the butanol in the reservoir with a flexible polyethylene 
cap so that drops were formed and detached slowly from the vertical tip. After the 
addition of the desired number of drops, hydrogen was bubbled through the solution 
for one minute to effect mixing. The same schedule of stirring by hydrogen was main- 
tained for both polarographic and capacity measurements. Then measurements of the 
current or the differential capacity were carried out manually a t  the end of a drop 
life at 5-10 mV intervals in the potential range of interest. The electrode potentials 
were measured accurately to ko.5 mV using a Cambridge vernier potentiometer. 
The capillary characteristics were m= 1.4 mg/sec and t =9.6 sec under a 30-cm head 
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of mercury, at  the point of zero charge of mercury in the supporting electrolyte. The 
cross-section of the capillary bore at the tip was circular and of 90 p internal diameter. 

RESULTS AND DISCUSSION 

Adsorption mcusuremcnts 
The differential capacity-potential curves for the supporting electrolyte with 

such concentrations of n-butanol as were found suitable for the study of inhibition 
are shown in Fig. 2. 

The surface charge density on mercury was obtained by a graphical integration 
of the capacity curves and the coverage was calculated by Frumkin's equation, 

where 90, qo are the surface charge densities for the coverages 0, o and I, respectively. 
The integration constant for the capacity curve with the pure supporting electrolyte 
was determined from the drop-time curve (measured precisely to ko.01 sec during 
capacity measurements). The value obtained was -0.83 V vs. 0.5 M sulphate refer- 
ence electrode which is within 10 mVof Gou~'svalue25, and within 5 mVof GRAHAME'S 
value30. The potentials of zero charge for solutions containing n-butanol could not be 
directly obtained from electrocapillary (or drop-time) curves since these are too flat 
in the presence of n-butanol to permit an accurate evaluation of maxima on the 
curvese6. At first, an integration constant for all the capacity curves with butanol 
was taken as the common charge density as for the base curve at  -2.1 V (vs. 0.5 M 
sulphate reference electrode) corresponding to the fusion of all the capacity curves 
(within about 2%) after desorption. The charge density-potential curves thus ob- 
tained did not, however, intersect at  a common point (as they should have done accord- 
ing to eqn. (4)) in the adsorption region. This is perhaps because of the use of non- 
zero-frequency capacities and/or slight errors in capacity measurements. The calcula- 
tion of 8 near this region of intersection, which is also in the important region for stud- 
ies of inhibition, obviously gives erroneous results using eqn. (4) since all the charge 
densities, go, qo and ql, are close to one another and minor errors in their determination 
give too large or too small values of 8. 

A better method would be to take for the solution with the highest butanol 
concentration (least control by slow diffusion of the surfactant) the integration con- 
stant as above with the same charge density as for the base solution a t  - 2.1 V (us. 
reference electrode). The above two charge density-potential curves are found to 
intersect at a point having co-ordinates -2.6 pCcm-2, -0.93 V. This point is then 
taken as the integration constant for all other capacity curves. The correctness of this 
procedure is confirmed by the following facts: (a) by this method, much smoother 
8-potential curves are obtained, particularly in the region of maximum adsorption; 
(b) the coverage, 8, may be directly calculated from the capacity curves in the region 
of maximum adsorption (away from the capacity peaks) as ~=(CO-Co)/(Co-CI), 
where C is the differential capacity of the electrode at a given potential and at  the 
coverage shown as the subscript; these values of 8 agree well with the 8-E curve 
obtained above, whereas the agreement is very poor with the 8-E curves obtained by 
the charge density-potential curves if, for the latter, a common charge density was 
assumed at - 2. I V (VS. reference electrode). 

J .  Eleclroanal. Chem., 10 (1965) IIS)-139 
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-0.4 -0.6 -08 -1.0 -1.2 -1.4 -16 -1.8 -2.0 

Eltctrode potential. volt .vs.a5 M sulphate electrode 

Fig. 2. The dependence of the differential capacity of a D.M.E. on the electrode potential in a so- 
lution of 0.5 M NazSO, and with different concns. of n-butanol(x) in soh. in m mole/l: (I), o; (2). 

29; (3). 38; (4). 46; (51, 55; (6). 67; ( 7 ) ,  84; (a), 101; (91, 126; (101, 168; (11). 252. 

The potentials of zero-charge of mercury in the solution containing various 
quantities of n-butanol are obtained from the charge density-potential curves and 
shown in Table I. 

J .  ElcctroanaE. C h m . ,  lo (1965) I 19-139 
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TABLE 1 

THE DEPENDENCE OF THE POTENTIAL O F  ZERO CHARGE EI (US, 0.5 M SULPHATE REFERENCE ELEC- 
TRODE) OF MERCURY ON T H E  CONCENTRATION OF 1(-RUTANOL IN A SOLUTION OF 0.5 M NazS01 A N D  
0.001 iM HaS04. 

Thc rdative accuracy of the 8 values (Fig. 3) may be assumed to be of the same 
order as the mean deviation of experimental points from the smoothed curves and is 
about I%. The absolute accuracy will not be as good, particularly near the desorption 
potentials, but this is of no serious consequence in interpreting the dependence of 
Ka,e and a on 8. 
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Fig. 3. The dependence of the degree of coverage of the electrode by adsorbed n-butanol on the 
electrode potential and with different concns. of n-butanol in soln. in m mole/l: (I), 29; (2), 38; 
(3), 46; (4), 55; (5). 67; (6). 84; (7). 101; (8). 126; (9). 168; (10). 252. 

Polarisation measurcmmts 
The polarographic waves for the discharge of Cu", Cd2+ and ZnZ+ are shown 

in Fig. 4-6, for various additions of n-butanol. As may be expected, in the region of 



E
le

c
tr

o
d

e
 

p
o

te
n

tl
a

l,
 v

o
lt

 .
vs

. 
0
.5

 M
 

s
u

lp
h

a
te

 
e

le
c

tr
o

d
e

 

F
ig

. 4
. P

ol
ar

og
ra

ph
ic

 c
u

rr
en

t -
p

o
te

n
ti

al
 c

u
rv

es
 fo

r 
th

e 
di

sc
ha

rg
e 

of
 

Z
nz

+
 f

ro
m

 
a 

su
p

p
o

rt
in

g
 e

le
ct

ro
ly

te
 o

f 
0.

5 
M

 N
ae

SO
c 

an
d

 0
.0

0
1
 
M

 H
tS

O
4 

w
it

h 
di

ff
er

en
t 

co
nc

ns
. 

of
 

n-
bu

ta
no

l 
in

 m
 m

ol
e/

l:
 (

I)
. 
o

; 
(2

).
 3

8
; 

(3
).

 6
7

; 
(4

).
 8

4
; 

(5
).

 I
O

I 
; 

(6
).

 1
2

6
; 

(7
).

 1
68

; 
(8
).
 2

52
. 

F
ig

. 
5.

 P
ol

ar
og

ra
ph

ic
 c

u
rr

en
t-

p
o

te
n

ti
al

 
cu

rv
es

 f
or

 t
h

e 
di

sc
ha

rg
e 

of
 

C
dZ

+ 
fr

o
m

 a
 s

u
p

p
o

rt
in

g
 e

le
ct

ro
ly

te
 o

f 
0.

5 
M

 N
at

S
O

4 
an

d
 0

.0
0
1
 M

 H
eS

04
 a

n
d

 w
it

h 
d

if
fe

re
n

t c
on

cn
s.

 o
f 

s-
b

u
ta

n
o

l i
n 

m
 m

ol
e/

l :
 (

I)
. 

o
: 

(2
).

 2
9
; 

(3
).

 3
8;

 (
4)

. 
46

; 
(5

).
 

5
5

; 
(6

),
 6

7
; 

(7
).

 8
4

; 
(8

).
 1

0
1

; (
9
).

 I
~

:I
Io

).
 1

68
; 

(1
1

).
 

25
2.

 

L
C

.
 .

.
.

.
.

.
.

.
*

.
.

.
.

.
 

I 
0
 

-1
 1

 
-1

.2
 

-1
.3

 
-1

.4
 

-1
.5

 
-1

.6
 

-1
7 

E
e

c
tm

d
e

 
P

o
te

n
tt

a
l.

 v
o

lt
, 

V
S

. 
Q

5
 M

 
s

u
lp

h
a

te
 

e
le

c
tr

o
d

e
 



RETARDATION OF ELECTROCHEMICAL REACTIONS 129 

adsorption of n-butanol, the waves become progressively irreversible in shape with 
increasing concentrations of n-butanol. The magnitude of the effect is different for the 
three reactions, being least for Zn2+ discharge .This is due to the complex dependence 
of the current on the overpotential and degree of coverage. 

i . . . . . . . . . .......I 
-0.6 -0.7 -0.8 -0.9 0 -1.1 -1.2 -1.3 -1.4 -1.5 

Electrode potential, volt. vs. 0.5 M sulpnate electrode 

Fig. 6. Polarographic current-potential curves for the discharge of Gus+ from a supporting elec- 
trolyte of 0.5 M NasSO, and 0.001 M HISO, with different concns. of n-butanol, as in Fig. 5. 

Families of "constant polarographic waves" are derived as described earlier 
by a superposition of the 8-E  curves (Fig. 3) and the polarographic waves (Figs. 4-6). 
These are shown in Figs. 7-9 for the three reactions. As pointed out above, clcrrent 
dcnsitics are plotted to get the constant coverage polarographic waves in order to 
correct for variations in the area of the D.M.E. The area at  the end of drop life was 
calculated for each potential from the drop time (+o.or sec) a t  this potential in the 
given solution. 

By comparing the ordinary polarographic wave without surfactant (LC., 
8x0)  with the constant coverage polarographic waves for 8 >o  it is seen that for the 
three reactions the limiting diffusion current density when 8 > o is practically the 
same as that when 8 = 0; for larger values of 8 however, only this trend is clearly seen 
since sufficiently negative potentials to observe the limiting values of the current 

J .  Elect~oanal. Chcm., ro (1965) I 19-139 
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density are not accessible. We may therefore conclude that there is no 'blocking 
effect' during the inhibition of these reactions by adsorbed n-butanol. 

Kinetic parameters 
For each value of the current density ,It,  on a given constant coverage polaro- 

graphic wave, the ratio ( I t / Ia)e  is obtained taking the value of I d  corresponding to 

Electrode potential .  volt .  vs. 0.5 M tulphate electrode 

Fig. 7. Constant coverage polarographic waves for the discharge of Znn+ a t  different degrees of 
coverage (8)  of the electrode by n-butanol: (I), o ;  (z), 0.20; (3). 0.30; (4). 0.40; (5), 0.45; (G), 0.50; 
(7). 0.55; (8). 0.60; (9). 0.65. 

8=0 since there is no 'blocking effect' and Id is thus independent of 8. Substituting 
these values of (Ir/Ia),y in place of ( i t l i d )  in eqn. ( z ) ,  several plots of log Kr vs. ( E  - EjO) 
corresponding to various values of 8 are obtained for the three reactions (Figs. 16-12). 
The cathodic transfer coefficient is related to the slope of these lines as 

The value of log K#,,y is obtained as the value of log K f  when E = EjO. For the discharge 
of Zn2+ and Cd2+ the values of Ejo were determined from the polarographic waves 
without added butanol asm 

J. Elwtroa~al. Chcm., ro (1965) r~g-139 
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For Cu2+ discharge, EfO was taken as the half-wave potential of the polarographic 
wave without added butanol. The values of EfQ thus obtained are - 1.437, - 1.018, 
and -0.410 (V, vs. 0.5 M sulphate reference electrode) for the discharge of Zn2+, 
Cd2+ and Cu2+, respectively. 

Fig. 8. Constant coverage polarographic waves for the discharge of Cd2+ at different degrees of 
coverage (8 )  of the electrode by n-butanol: (I) ,  o; (2). 0.825; (3), 0.85; (4). 0.87; ( 5 ) .  0.89; (6) ,  0.925; 
(7). 0.95: (8). 0.97; (9), W 1.0. 

Retardation of Zn2+ dischmge by adsorbed butanol 
I t  was possible to determine the dependence of Kf for the reaction of discharge 

of Zn2+ on the electrode potential and in a wide range of 8 (o< 8 6 0.65) (Fig. 10). 

Since the slopes of the log Kf vs. (E -Efo) lines are practically identical in this wide 
interval of coverage, the average value of the slope was used to  calculate K,,e for 
8 ranging from 0.70 to 0.89 in which range a few points from constant coverage 
polarographic waves were still available but not enough to draw a log K f - E  plot. 
In this way K,,e was obtained as a function of 8 over the range o< 8 < 0.89 (Fig. 13). 

I t  is seen from Fig. 13 that eqn. (I) is valid only for 8< 0.5. In this range the 
data correspond to the equation 
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since Kd,l is practically zero. A better fit with the experimental data in the whole 
range of 0 studied is obtained with the equation, 

Ks,e= K8.o (1 -8)b (7) 

where b is a constant. Equation (7) applied to the experimental data has been shown 
in Fig. 13 as a plot of log K,,e against log (1-8) with the slope, b=1.74. 

Electrode potentla! . v o l t .  VS. 0.5 M sulphate electrode 

Fig. 9. Constant coverage polarographic waves for the discharge of Cuz+ at different degrees of 
coverage (0) of the electrode by n-butanol: (I) ,  o; (2). 0.85; (3), 0.87; (4). 0.89; ( 5 ) .  0.925; (6). 0.95; 
(71, 0.97; (8). 1.0. 

The mechanism of inhibition expressed by eqns. (6) and (7) cannot be one of a 
"blocking effect" because this effect has been allowed for using "constant coverage 
polarographic waves" for the calculation. There is probably no 'kinetic' effect due to 
the retardation of a preceding slow chemical reaction, since, for the discharge of Zn2+ 
on mercury it is known that the charge transfer reaction is the same as the overall 
reaction (Zn2++z e-;tZn(Hg)) and that the stoichiometric number for the rate- 
determining step of this reaction is unity28.32. An "electrostatic effect" may not 
completely account for eqn. (7) for the following reasons: 

(a) The potential of zero charge of mercury in the supporting electrolyte is 
shifted on adding n-butanol, to more positive values (Table I). Therefore, the poten- 
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tial a t  (or near) the outer Helmholtz plane may be considered as constant in the range 
of the large negative potentials required for Zn" discharge. 

(b) At these negative potentials, there is no significant specific adsorption of 
the ions of the supporting electrolyte. 

I b 

Fig. ro. Rate constant-potential plots for the polarographic reduction of Zna+ at different degrees 
of coverage (8) of the electrode by s-butanol as in Flg. 7. 

The mechanism of retardation of Znz+ discharge by adsorbed n-butanol may 
therefore be attributed to some form of the 'sieve effect'. The standard rate constant 
may be interpreted29 as the rate of penetration of the energy barrier at  the interface 
by the reacting ion. This rate is then reduced in presence of adsorbed neutral molecules 
because of the additional work required to transfer the reacting ions from the solution 
to the pre-electrode layers crowded partly with the molecules of the surfactant. Such 
a mechanism may perhaps be termed as the "crowding effectm-a term introduced 
by GRAHAME~O in the double-layer theory. A lateral interaction among the adsorbed 
and oriented dipoles of the surfactant should make the relation between Ks,@ and 8 
depart from the linearity of eqn. 6. The interaction coefficient, b, in eqn. (7) will be 
greater than unity if there is a repulsive interaction. Equation (7) with b= 1.74, which 
fits well the experimental results for Znz+ discharge, shows that there is a repulsion 
among adsorbed n-butanol molecules, which a t  the same time retard the rate of 
Zn2+ discharge. 
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The measured value of the cathodic transfer coefficient, a, in the range 
o < 0 < 0.65 is remarkably constant, and has the value 0.24 0.01. The rate-determin- 
ing step for the Znz+ discharge reaction is therefore unchanged by the presence of 
n-butanol in solution, a t  least up to 0=0.65. 

Fig. x I. Rate constant-potential plots for the polarogtaphic reduction of Cd*+ at different degrees 
of coverage (0) of the electrode by n-butanol: (I ) ,  0.825; (2). 0.85: (3). 0.87; (4)., 0.89; (5 ) .  0.925; 
(6).  0.95; (7), 0.97; (8). w I. 

The retardatiotr of the discharge ofCu* a d  Cd2+ !y adsorbed n-butanot 
The experimental data for these two reactions did not allow "constant cover- 

age polarographic waves" to be drawn for 0 c 0.82. However, the kinetic parameters 
could be obtained in the range 0.82 < 85 I for both reactions and therefore a compar- 
ison is possible. 

The effect of a specific adsorption of sulphate anions from the supporting 
electrolyte at  large positive potentials in accelerating the reaction of C U ~ +  discharge is 
clearly evident from the constant coverage polarogaphic waves (Fig. 9). Hence, only 
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the current data at  the more negative potentials were used to calculate the log Kf-E 
plot (Fig. 12) in order to obtain the values for K,,@ unaffected by S042- adsorption. 
This difficulty does not arise for Cd2+ discharge reaction since the latter takes place 
at potentials that preclude anion adsorption (Figs. 8 and 11). The plots of Ka,e vs. 8 
for the two reactions are shown in Fig. 14. 

If eqn. (6) were to be correct, the slope of Klee vs. 0 should be 

Fig. 12. Rate constant-potential plots for the polarographic reduction of Cua+ at different degrees 
of coverage (8) of the electrode by n-butanol: ( I ) ,  0.89; ( 2 ) .  0.925; (3).  0.95; (4). 0.97; (5) .  1. 

Since the standard rate constants, K 8 , ~ ,  for both Cd2+ and Cu2+ discharge on mercury 
may be expected to be of the same order (- 10-2 cm/sec)31 the marked difference in 
the slopes of the Kg,@ us. 0 plots for the two reactions in the same valtge of 0 shows a 
specificity in the degree of retardation of different charge transfer reactions by 
lt-butanol. 

Assuming the validity of eqn. (7) for these reactions, we may plot log K#,e 
vs. log (I -8) and extrapolate to get the value of K*,O for the uninhibited 'fast' reac- 
tions (Fig. 14). For Cd2+ discharge, the result is K8,0= (4.5 x 10-2&300/,) cmlsec. The 
value of Kaeo obtained by relaxation techniques34 is about 4.2 x 10-2 cm/sec. Although 
the good agreement between the two values is perhaps more accidental than real, one 
may take this at  least as  an evidence for the correctness of eqn. (7) rather thaneqn. (6), 
or the analogous eqn. (I). For the discharge of C U ~ +  on mercury from a Na~S04 

J. E&troaaal. Ckm., l o  (1965) 119-139 
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solution there is no value for K,,o reported in the literature, but from I M K N G  
solution, Kl,o=4.5 x 10-2 cm/sec31; an extrapolation of log KlVe us. log (I -0) for this 
reaction as in Fig. 14 gives however, K,,o= (6.5 x I O - ~ + ~ O % )  cmlsec, which is of the 
correct order. The interaction coefficients, b, for the discharge of Cd*+ and CUE+ are 
1.93 and 3.97, respectively, indicating a repulsive interaction in both cases. 

1 + l o h ( i - 8 ) .  lor IJne 2 

Degree of coverage, 8 (lor line 1 

Fig. 13. The dependence of the standard rate constant (Kame) for the potarographic reduction of 
Zna+, on the degree of coverage 8 by n-butanol: (I),  variation of K,,e with 8; (2). variation of log 
K..e with log ( I  - 9).  

The value of a for Cds+ discharge is constant in the range 0.83 < 8 < o.g7 and 
has the value 0.1, which is less than the value reported in the literature34 (a=0.19 
f 0.02) in the absence of any surfactant. For Cue+ discharge, a is again constant, being 
equal to 0.15 in the range o.89< 8< 0.w. There is a sudden increase in the value of 
a ,  to nearly twice these values, when 8 is close to unity for both reactions. This may 
indicate a new rate-determining step for the electrode reactions when the coverage 
is nearly that of a monolayer. 
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2 + log,(l-$).lor lines 2 and 4 

0.4 0.5 0.6 0.7 0.0 0.9 1.0 1.1 1.2 1.3 

16 1.6 

0-82 084 Q88 0.88 090 0.92 0.94 0.96 090 1.00 

Degree 01 coverage, 0 ( t o r  lines 1 and 3 

Fig. 14. The dependence of the standard rate constant (K,,e) for the polarographic reduction of 
Cde+ (curves I and 2) and Cua+ (curves 3 and 4) on the degree of coverage 0 by n-butanol: (I), varia- 
tion of Klma with 0, for CdP+ discharge; ( 2 ) ,  variation of log K,.e with log ( I  - 0) for Cdo+ discharge; 
(3). variation of KdSd with 0, for Cuz+ discharge; (4). variation of log K.,e with log (I - 8). for Cu34 
discharge. 

CONCLUSIONS 

The mechanism of retardation of electrochemical reactions by adsorbed neutral 
organic molecules such as n-butanol seems to be due to a 'crowding effect', the stan- 
dard rate constant varying with coverage linearly for low coverages and with an 
allowance for lateral repulsion of adsorbed molecules up to high coverages according 
to the equation 

where the constant b( > I) takes account of the lateral repulsive interaction of the 
adsorbate and its specificity to the reactant. The results obtained for Zn2+ discharge 
inhibited by n-butanol fit this equation very well in a wide range of 0(o-0.89). The 
transfer coefficient is, in general, independent of 8 over a relatively wide range showing 
that the mechanism of the electrode reaction is unchanged on adsorption although 
the rate of the reaction is considerably reduced. However, at  limitingly high values of 
coverage there is a sharp increase in the value of the transfer coefficient (for the dis- 

J. Electroanal. Ghem., 10 (1965) 119-139 
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charge C U ~ +  and Cd2+) indicating a change in the nature of the rate-determining step 
of the electrode reaction under these conditions. 

If eqn. (7) is verified for other cases, fast electrode reactions may, in principle, 
be studied also by classical d.c. polarography employing a suitable surfactant to 
retard the reactions sufficiently. The well-established theory of irreversible polaro- 
graphic waves may then be used to calculate the kinetic parameters from constant 
coverage polarographic waves, the kinetic parameters (in particular, K,) for the fast 
electrode reaction being obtained by extrapolation to 8 = o using the above equation. 
The results obtained in this work for the discharge of Cd2+ and CUE+ are promising in 
this regard. 
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SUMMARY 

The inhibition of the cathodic discharge of CuZC, Cdz+ and Zn2+ by adsorbed 
n-butanol has been studied by polarographic and differential capacity measurements 
under similar conditions of adsorption and inhibition. By a superposition of coverage 
and current data, new "polarographic waves at constant coverage" are derived. The 
latter are analysed with the theorv of irreversible polarographic waves in order to 
calculate the standard rate constant and the cathodic energy transfer coefficient 
as a function of the degree of coverage 8. For the Zn2+ discharge reaction, depends 
on 0 linearly only for O values less than 0.5 .  For higher values of 8, a lateral interaction 
term is necessary. The equation K8,e=K,,o(~-O)b where b is a constant ( > I )  is in 
quantitative agreement with the results for Zn2+ discharge inhibited by ~c-butanol 
over a wide range of coverage (0,<8<0.85).  The lateral interaction term b is also 
specific for the nature of the reducible ion. For the reactions of Cdz+- and CU~+-  
discharge, when the experimental values of K8.6 are extrapolated to O=O using the 
above equation. the standard rate constants in the absence of inhibition (Ks,o) that 
are obtained are of the correct order. I t  is concluded that the mechanism of retardation 
of the electrochen~ical reactions by adsorbed n-butanol may be due to a "crowding 
effect". The cathodic transfer coefficient is, in general, independent of 0 except at 
limiting high values of the latter, indicating that the nature of the rate-determining 
step for the electrode reactions is changed only a t  coverages approaching that of a 
n~onolayes. 
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THEORETICAL ELECTROMOTIVE FORCES FOR CELLS CONTAINING A 
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(Received May 3rd. 1965) 

Standard oxidation-reduction potentials are available for numerous electro- 
chemical reactions in aqueous systems at 25'1. These potentials refer to potentials 
when all solid, liquid or dissolved substances taking part in the oxidation-reduction 
processes are a t  unit activity and all gases are at a fugacity of one atmosphere. When 
the potentials of the elements alone are arranged in series in decreasing or increasing 
order of magnitude, relative to the conventional hydrogen electrode as reference, the 
series is commonly known as "the electromotive force (or electrochemical) series of 
the elements." E.m.f.-temperature coefficients for the various oxidation-reduction 
reactions are also available2.3. 

In an earlier paper4 an electromotive force (e.m.f.) series for solid and molten 
(or fused) chlorides was presented for temperatures ranging from 25°-~5000. This 
series, the first published for molten salts, differed fundamentally from the aqueous 
series, in that the series was for a complete cell, rather than a half cell, and was based 
on the Gibbs energy (free energy) of formation of the electrolytic phase. These values 
corresponded to the ideal decomposition voltages of molten salts, assuming the 
decomposition voltages as determined experimentally, contain no ohmic voltages and 
are free of effects of polarization and other factors that would lead to deviations of the 
electrolyte and the electrodes from their standard states. 

The theoretical decomposition voltages of molten electrolytes correspond to 
the reversible e.m.f. of galvanic cells composed of the electrolyte and two electrodes, 
one of which is reversible to the anion and the other to the cation of the molten 
electrolyte, the electrolyte and the electrodes being in their standard states. This 
reversible e.m.f. is also related to the Gibbs energy of formation of the electrolyte 
through the relation, EO= -AGfO/nF, where AGf3 is the standard Gibbs energy, F 
the faraday, and n the number of faradays involved in the electrochemical reaction. 
Although experimentally-measured decomposition voltages do not usually agree with 
the theoretical values owing to several factors (including the chemical interaction of 
the electrodes with the electrolyte, the production of electrodes in a non-standard 
state, deviations from isothermal conditions, ohmic voltages, and electrode polari- 
zation), it is nevertheless of importance to know the theoretical values in order to 
elucidate mechanisms and interpret experimental data on galvanic cells containing 
molten electrolytes. 

In this paper a theoretical e.m.f. series for solid and molten oxides is presented 
for a temperature range from 25"-3ooo0. In preparing this series i t  became obvious 
that a great many oxides melt with decomposition and, as a result, the series for the 
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molten range is not as satisfactory as is the series for molten chlorides. The e.m.f. of 
each oxide in the series corresponds to the e.m.f. of a cell of the type: 

metal I metallic oxide I oxygen gas* (A) 
and is related to the Gibbs energy change for the chemical reaction : 

metal + oxygen gas = metallic oxide**. (B) 
According to convention this energy change is the Gibbs energy of formation, AGfO, 
of the oxide when the metal, oxide, and gas are in their standard states, and is related 
to the heat of formation, AHfO,  by the relation: AGfO = AH," -TASO,  where AS0 is the 
difference in the entropy of the products and the reactants of the reaction. Tables of 
thermodynamic data for AGfO and AHf" are available for 25O. 

To obtain AGfO a t  temperatures above 25" use is made of the equation 

However, AHfO is a function of temperature and depends on the difference between 
the heat capacities of the products and reactants, as expressed by 

where AHoO, the integration constant, is evaluated from the heat of formation a t  
25O (298.15OK) as shown below, and ACp represents the sum of the heat capacities of 
the products of a reaction less the sum of the heat capacities of the reactants and is 
usually expressed as a function of temperature by an equation of the empirical form: 

ACp = a + (Ab)T + AclT2 (3) 
where a, b, and c are known numerical values. Substitution of eqn. (3) in eqn. (2)  and 
integration gives 

AHbO = AHfO-  (Aa)T-  (Ab)TZ/z+ AclT 14) 
Substitution then of eqn. (4)  in eqn. (I) and integration gives 

AGfO =AHoO - (Aa)T In T - (Ab)T2/2 - Ac/aT + IT (5)  
which gives AGfO as a function of temperature. If AGfO and AHfO (or AHoO) are 
known a t  some temperature, usually 298.15"K, the integration constant I can be 
evaluated. Equation (5)  is then valid for the calculation of values of AGfO from 25' up 
to temperatures for the first change in state for the oxide or metal, i.e., for the first 
transition, fusion, or vaporization of the products (metallic oxides) or reactants 
(metal and oxygen). At this point, the heat change for the transition, fusion, or 
vaporization must be added for products, subtracted for reactants, to the AHfO a t  the 
temperature in question. Then, from this revised AHfO and the new ACP values 
resulting from the change in state, a new AHoO and a new integration constant, 1', 
must be calculated. This procedure is followed for each change in state of the products 
and reactants. 

* It  is assumed that oxygen gas is adsorbed on an inert electronic conductor. 
** Each oxide taken as the simplest stoichiometric formula with oxygen arbitrarily assigned a 
valence of - 2. 
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TABLE 1 { p p .  142-1481 
STANDARD ELECflt0WCrTRIE TDI(CZS FOX SINGLE 60L1D OR MOLTEN OXIDES* 
- -- - - -- - - 

Or& Metal ion 
25" 

1 Zr** 
2 Ca*' 
3 Laa+ 
4 Aca+ 
5 Pr" 
6 Nd*' 
7 Th" 
8 Re*' 
9 Th'f 

33 PI'+ 
34 Ce4' 
35 Ti" 

48 Mnaf 
49 Nb" 

J .  Elcctroanal. Clem.. 10 (1965) I .+C+IJO 
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3.254 
1.657 
1.982 
nd 
2.027 
1.979 I 
1.925 
1.670 1 
2.002 

1.969 

1.91 7 1 
1.107 
0.578 

nd 
1.416 1 
1.934 
1.755 1 
1.739 
u 
1.497 

nd 
1.568 
1.850 

1.112 

1.620 
1.447 1 
1.375 1 
u 
1.509 
1.815 
(2052v) 

nd 
1.247 

0.875 1 

1.207 
(2247V) 
nd 
nd 
1.097 
1.1531 
1.047 
1.110 

nd. u 
1.023 

- 

nd 
1.439 
nd 

1.917 
1.970 
1.799 
nd 
1.905 

1.873 

1.813 
0.847 
0.470 
(2327Vt 

nd 
nd 

1.631 

1.323 

nd 
1.785 

0.893 

1.543 
nd 
1.337 

1.418 

1.155 

nd 

u 

1.025 
nd, u 
0.97 I 
1.037 

0.950 

- -  
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TABLE 1 (cMiuued)  
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TABLE I (cbmlirtued) 

93 Re*+ 
94 Rb" 
95 Sbb* 

102 Re" 

106 TI'. 
107 In'. 

110 Rb" 
I I I cu1* 
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TABLE I (comtinwd) 

132 Rul+ 0.2870 0 .2876 1 0 . 0 2 9  1 0.285 u nd, u 
133 PIs+ 0.251h 0 239C f 0.024 0 .198 0 .153 0.109 0.088 0.066 0.045 0.024 
134 Pt'+ 0.226i 0.206G f 0.021 0.177 0.131 0.086 0.064 0.041 1 0.019 0.007 

(477D) 

S = sublimation; V = vapolizstimr; D - decomposition. 
Valueslisted at the sublimation, raponration, or decomposition templ. apply tocells with thesolidor molten electrolyte. 

G . Cldssner, Alvin 
L - Iatimer. WendellM. 
h - hydroxide 
i - ionic; Ac", &.O.',SiO,'-, PO.*-, HGe0.-. W0,'-, Sb0,-, Ar0.-, Re0.'-, H,SbO,'-. AsO,*-. ReO;, TeO,'-, PoO,'-, .SeO,*-, Pt(OH)." 
oh - HIO(OH),; NpOs(OH) 
o - ovide 
ho - TiO,' H.0 
u - uncert~iu 
nd - no data 
I - activity of liquid mercury is unity 

Values of AGfO at  25' were obtained from Circular 500 of the National Bureau 
of Standards5 unless otherwise noted; the e.m.f. values at 2 5 O  followed by the letter 
L or the letter G were based on AGfO values at  25' listed by LATIMER' and GLASSNER? 
respectively. The heat capacity data were obtained from KELLEY~ or GLASSNER~ 
Heats of fusion, transition and vaporization were obtained from refs. 4, 5 ,  or 6. In 
some cases the heat capacities had to be estimated using the method of SHOMATE~ and 
employing values of heat content and heat capacity given by (i) the National Bureau 
of Standards5 or (ii) using the rule of KELLEY~ which gives 7.0, 8.0, 7 . 3 ,  and 7.5 
cal/"/mean g-atom, respectively, for the heat capacity of solid compounds, liquid 
compounds, solid metals, and liquid metals. These data are not listed here since they 
are readily available in refs. I, 4, 5, and 6. Oxygen gas is common to all the systems 
and its heat capacity as a function of temperature is given by 6.10: 

C,(Oe, gas) = 8.27 + o.ooo258T - 18770o/T* (6) 

The electromotive forces thus calculated when the oxide is solid or molten are 
given in decreasing order in Table I. A vertical line in the table indicates that the 
values to the left of the line are for solid oxides while those to the right are for molten 
(or fused) oxides. The other notations given in the table are defined in the foot-notes. 
A comparison with the aqueous series at 25' is also given; in some cases the compari- 
son is with the oxide, in other cases with the hydroxide, depending on which is the 
more stable form. For this oxide series, as for the previously published chloride series, 
the higher the e.m.f. the greater is the reducing power of the metal in an oxide system. 
For example, if thorium were placed in molten stannic oxide a t  zoooO it would 
displace tin with the formation of thorium oxide, d.e., stannic ions are reduced, thus: 

Th + SnOa(mo1ten) = Sn + ThOe(mo1ten) (c) 
This follows from the simple fact that the Gibbs energies of formation may be added 
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or subtracted, hence at  zoooO, for example: 

Sn + 0% = SnO2 AGsno," = - 30,440 cal Esno," = 0.330 V (8) 

Then, subtracting (8) from (7) one has reaction (C) for which E0=1 .pg  V and 
ACO = - 158,560 cal and reaction (C) would be a spontaneous one. The equilibrium 
constant for reaction (C), using the data above, is 1.8 x 1015 and accordingly, reaction 
(C) goes to completion. 

For Gibbs energy changes when the reactants and the products are not in 
their standard states, thermodynamics give: 

and AG=AGO only when the a's are unity (the standard state). When one is dealing 
with the pure fused salt and the pure electrode phases, the activities are all unity and 
the last terms in eqns. (9) and (10) are zero. However, when reaction (C) proceeds, the 
stannic oxide originally present as a pure phase becomes diluted with thorium oxide 
as it forms during the chemical reaction, and the molten electrolyte and each electrode 
may or may not be mutually soluble in each other; now the activities of the molten 
phases (or phase) can no longer be taken as unity. After reaction (C) attains equilib- 
rium, each phase (electrode and electrolyte) could be analyzed. The activity of each 
component in each phase would be given by: 

where N represents mole fraction and f the activity coefficient. Analysis will give 
N but not f, but the latter is obtained from the expression: 

To obtain values of each activity coefficient separately would be extremely involved 
and would entail information on each phase separately. If thorium and tin did not 
dissolve in the molten phase, or the molten phase dissolve in them, their activities 
would be unity and eqn. (11) would reduce to 

involving only the fused phase. Since the term on the right-hand side of this equation 
is known, the ratio of the activity coefficients could be evaluated. However, for the 
present case we are concerned only with the relative positions of the oxides in a 
series and the added refinement of determining the activity coefficient is unnecessary. 

Owing to the slowness of diffusion in the solid state the usefulness of the data 
for the oxides in the solid state is necessarily limited. Even so. these data can serve a 
useful purpose in the consideration of those cases where two or more electrolytic 
phases are present and one is molten. 

Finally, it must be stressed that the e.m.f. values given in the table are for 
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complete cells. The values may also be taken to represent the potentials of the metals 
(anodes) if the potential of the oxygen electrode (pressure of oxygen is one atmos- 
phere) is arbitrarily assumed to be zero for all pure oxides at all temperatures. A 
similiar procedure could also have been followed for the chloride series, previously 
published4, by taking the potential of the chlorine electrode (pressure of chlorine is 
one atmosphere) as zero for all chlorides at all temperatures; in fact, this is the 
convention followed by LAITY". However, for practical purposes it is unnecessary to 
divide the e.m.f. values into separate anodic and cathodic potentials as interpreta- 
tions can be based on the Gibbs energy of formation of the electrolytic phase whether 
it be an oxide, a chloride, or other type of electrolyte. In any case, the potentials 
assigned to any molten-salt half cell should relate back to the thermodynamic data of 
the molten salt. 
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I t  has been reported in previous workl-11 that Ge(1V) in aqueous solution 
takes part in cathodic reactions. According to the conditions, the following phenom- 
ena are on record : 

. (a) lowering of hydrogen overvoltage ; 
(b) reduction of Ge(1V) to Ge(I1) ; 
(c) deposition of a thin layer of germanium. 
Ge(1V) can be present in aqueous solutions in different forms (as a monomer, 

polymer and anions)le-14. 
In the present work, an attempt has been made to define the regions in which 

each of the above reactions takes place, and to determine their dependence on the 
form in which germanium is present in the solution. 

EXPERIMENTAL 

Polarographic and galvanostatic single pulse methods have been used in these 
investigations. For the polarographic measurements, the usual manual apparatus 
was used; the potential of the dropping mercury electrode was measured independ- 
ently vs. S.C.E. 

The apparatus used for the galvanostatic measurements allowed the electrode 
to be polarized cathodically and anodically with impulses having current densities 
from 1.2 x 10-e3.0 x 10-2A/cm2. The time bases were in a relatively slow range, 
from 0.1-15 sec for 10 cm of the C.R.O. screen. The qt-t plots were recorded using two 
time bases, 0.58 and 6.7 cmlsec. The working electrode for the galvanostatic measure- 
ments was a hanging mercury drop of a defined surface. 

As it was possible to achieve a previous partial electrochemical reduction, 
solutions containing Ge(1V) only, and solutions in which Ge(1V) was reduced to a 
lower valency, could be examined by polarographic and galvanostatic methods. 

The supporting electrolyte for the solutions containing Ge(1V) only was 
Scarensen's phosphate buffer mixture*'. The pH values of the solutions examined 
polarographically were in the range 1.7-12.6. For the galvanostatic measurements, 
solutions of different pH were used: acid, approximately neutral, and alkaline, 
respectively. 

Presented a t  the 15th Meeting of C.I.T.C.E., London and Cambridge. September, 1964. 
** The pH range was somewhat extended by adding Hap04 and NaOH, respectively. 
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The solutions containing partially-reduced germanium were prepared in the 
following manner. A solution 0.1 N with respect to NaOH and containing GeOz in a 
dissolved state, was subjected for a definite time to cathodic reduction on a mercury 
electrode, with fixed current density. After partial reduction, the pH was adjusted 
to the required value by the addition of phosphoric acid. Partially-reduced solutions 
obtained in this way were examined polarographically at pH values ranging from 
1.5-11.3. Three of these solutions, having pH values in acid, approximately neutral 
and alkaline ranges, respectively, were subjected to galvanostatic examination. The 
solutions examined and the methods applied are listed in Table I. 

TABLE 1 

Method of investigation Solulions 

Polarograph y SBrensen's buffer mixture + 7 . lo-' M G a l :  
pH range, 1.7-12.6 

Galvanostatic single pulse method Serensen's buffer mixture + 7 - 10-4 M GeOa; 
pH = 3.1, 6.5 and 11.4 

Galvanostatic single pulse method Serrensen's buffer mixture + 1.8 x 10-9 M GeOt; 
pH = 3.1, 6.5 and 11.4 

Polarography 0.1 N NaOH + HsPO. + 7 .  lo--' M GeOn (partly 
reduced) ; 
pH range, 1.5-12.2 

Galvanostatic single pulse method 0.1 N NaOH + Hap04 + 7 .  lo-' M m a  (Partly 
reduced) ; 
pH - 2.3. 6.7 and 11.7 

Galvanostatic single pulse method 0.1 N NaOH + HsPOa + 1.8 x 10-' M G t O e  
(partly reduced) ; 
pH = 2.3. 6.7 and 11.0 

All measurements were carried out in atmosphere of pure nitrogen gas and at a 
fixed temperature: 20 and 25" for the polarographic measurements and 25" for the 
galvanostatic measurements*. 

RESULTS 

Investigations of solutions coltlaining Ge(I V )  only 
An inspection of the results obtained with solutions containing Ge(IV) only, 

shows that two characteristic regions can generally be distinguished: 
(I) a region in which only a lowering of the hydrogen overvoltage has been 

detected, but no polarographic reduction wave, nor a corresponding galvanostatic 
step, and 

(2) a region in which one or several reduction waves have been recorded 
polarographically and the corresponding steps, galvanostatically. 

Region (I). The systems examined having pH values below 3.1 yield polaro- 

* A detailed description of the apparatus used and experimental techniques can be found in the 
thesis of LJ. DulC: Studies on the mechanism ofthe electrochemical reduction of tefravalent ge~muniwm. 
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grams and qt-t plots without a reduction wave or corresponding step. A characteristic 
plot of reduction potential against pH is shown in Fig. I for the entire pH range 
investigated. A comparison with the results of measurements on the pure supporting 
electrolyte shows that the reduction potential, or the potential of the steady state 
achieved (at fixed current densities) is shifted towards more positive values when the 
solution contains Ge(1V). I t  has also been observed polarographically that in this 
region the reduction potential depends on the pH changes in the solution, the poten- 
tial being shifted towards more negative values when the pH is increased. I t  has been 
possible to record by galvanostatic technique, a step at a high concentration of GeOe 
using current densities ie = 1.6 x 10-2A/cm2. However, no significant relation has 
been found between the reduction potential and the drop time, t ,  or the height of the 
mercury column, h. 

Pig. I. The dependence of reduction potential on pH: coeo, = 7 . 10-4 M, temp. = 25O. h = 407 
mm. 

Fig. 2. Typical polarograms and ql-t plots for the first region: (a). co.0, = 7 - I O - ~  M, pH = 1.8, 
temp. = 25O. h = 407 mm; (b), c*ol = o, pH = 1.9, temp. = 25". h = 407 mm; (c), coeot = 0, 

pH - 3.1, ie - 1.2 x 10-4 A/cmr; (d), coca, - 7 .  10-4 M, pH and &, as (c); (e), c*ot = o, pH 
= 3.1. re = 1.4 x 1 0 - 2  A/cmZ; (f), cwo2 = 7 . 10-4 M, pH and ie as (e). 

A phenomenon which is particularly characteristic in galvanostatic measure- 
ments at higher current densities is the gradual lowering of the working electrode 
potential with the duration of an impulse when the current is kept constant. 

Typical polarograms and qt-i: plots for the first region are given in Fig. 2. 

Region (2). Systems having a pH value of 3.75 or more, yield polarograms 
showing one or more waves; the q - t  plots show corresponding steps at  definite 
current densities. In this region the following sub-regions can be distinguished: 

(a) below pH 6.9, the sum of both waves is approximately constant, and the 
temperature coefficient of the first wave is, in most instances, between +I and + 20/,. 

The second wave which makes its appearance at pH 4.6 is not always equally well- 
developed and within this pH range the temperature coefficient is clearly positive 
and varies between +5 and + 10% per degree. 

The relation between the wave height and the height of the mercury column is 
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neither clearly linear nor does it follow the square-root law. I t  has also been observed 
that in this region the reduction potential of the first wave (or its half-wave potential) 
does not depend on the pH of the solution, but remains constant. The irreversibility 
of the first wave increases with the pH value. 

In a series of galvanostatic measurements in this region, a double step has 
been recorded in the lower GeO2 concentration range at a current density of 2 x 10-2 
A/cm2 and in the higher concentration range at ie= 1.4 x 10-2 A/cm2. 

(b) At pH values equal to or above 8.2 the temperature coefficient of the first 
wave is, in most instances, about +I.$%, and the temperature coefficient becomes 
strongly negative, attaining values as low as - 10% per degree and lower. When the 
pH is increased, the first and second waves gradually merge into each other, while 
their sum decreases. Above pH 10.6 only a single wave is recorded. In this region the 
reduction potential of the first wave again becomes dependent on pH change in the 
solution, the potentials being shifted towards higher values when the pH is in- 
creased (Fig. I). 

The galvanostatic measurements within narrow limits of current densities and 
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in the lower GeO2 concentration range revealed a feebly-developed step. In the higher 
GeO2 concentration range above i e  = 4 x I O - ~  A/cmZ, a potential drop has been recorded 
at  the working electrode within the duration of an impulse. Typical polarograms for 
the second region are shown in Fig. 3, and typical vt-t plots for the same range in 
Fig. 4. 

Zflvcstdgation of partially-reduced solutions 
Measurements on partial1 y-reduced solutions yielded an anodic wave in the 

entire region explored. According to the shape of the anodic curve, this region can be 
subdivided as follows. 

(I) Below pH 4.4, measurements yielded a single anodic wave the height of 
which decreases with increasing pH, while deviations from polarographic reversibility 
increase with pH. In the cathodic part of the polarogram a cathodic wave has been 
recorded the height of which is equal to the anodic wave and which has no analogue 
in the polarograms obtained on solutions of Ge(1V) only. 

The anodic and the cathodic waves show, approximately, the features of 
diffusion-controlled waves, the temperature dependence of both waves being about 
+ 2% per degree. The relation between the ratios of wave height changes and mercury 
column height ratios follow the square-root law. In the more acid pH range polaro- 
graphic criteria show that the electrode reaction is nearly reversible. 

The galvanostatic measurements yielded qt-t plots showing in the anodic 
part a step which corresponds to the anodic wave of the polarogram. With appro- 
priate current densities, a step has also been recorded in the cathodic part of the 
r ] t - t  plots, corresponding to the cathodic wave of the polarogram. Typical polaro- 
grams and qc-t plots are shown in Fig. 5. 

(2) At and above pH 5.4 a double anodic wave appears as the pH is increased. 
The total wave height increases with the pH, but the fraction of the originally-record- 
ed wave in the total wave height, decreases. With increasing pH the new anodic 
wave approaches polarographic reversibility. 

Fig. 5. Polarogram and qr-l  plots for partially-reduced solutions with toe, = 7 .  1 0 - 4  M: (a) 
pH = 1.6, temp. = ago, h = 407 mm; (b), anodic 78-l plot, is = 2.0 x 1 0 - 4  A/cma, pH = 2.6; 
(c), cathodic 7) t - f  plot, a, = 2.0 x 10-4 A/crnr, pH = 2.6. 
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Because of the poor definition of the first wave, it is difficult to determine the 
temperature coefficient accurately, but it can be estimated to vary in most cases 
between - 2  and - 5 %  per degree. The temperature coefficient of the second anodic 
wave in this region is a maximum at + 6% per degree; and with increasing pH drops 
gradually to about + I .5 % per degree. 

The cathodic waves recorded in this pH range are analogous to the waves 
obtained in the preceding series of measurements (on solutions containing Ge(1V) 
only). 

Fig. 6. Polarogram and qt-t  plot for partially-reduced solutions: (a), coeol - 7. 1 0 4  M, p H  = 
7.3, temp. - 25", h = 407 mm; (b), co,o, -- 1.8 x ro-% M, pH - 6.7, ia = 2.0 x A/cma; 
(c), cocop = 1.8 X 10-$ M, pH - 6.7, a. = 2.0 x 10-3 A/cm¶. 

The galvanostatic measurements, in agreement with the polarographic 
measurements, yield (when an appropriate current density is used) an analogous 
anodic step a t  all GeOz concentrations. Typical polarograms and q& plots are shown 
in Fig. 6. 

DISCUSSION 

Solutions containing tctravalcnt germanium mly 
The results of the investigations reported in this work indicate that different 

processes can occur on the electrodes, depending on the pH of the electrolyte. More- 
over, it is evident that the most important factor in determining the kind of process 
occurring is the form in which germanium is present; this, in its turn, depends on the 
pH of the solution. According to reports in the literaturelz-14, corroborated by our 
own observations, germanium can exist in solution as monomer, pentamer, or as the 
corresponding anions, according to the pH of the solution. Special consideration must 
be given to the possibility of the existence of germanium pentamer. 

The results reported above will be discussed under the same headings as in the 
experimental part of the present paper. 

Region I (low pH values). In this region, although the reduction potential is 
shifted to more positive values than in solutions without GeOz, no polarographic 
wave has been recorded contrary to expectation based on an evaluation of the 
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diffusion current a t  this Ge02 concentration. However, since there is a shift of the 
reduction potential, the reduction wave of germanium must be masked by the 
process of catalytic discharge of hydrogen. The information obtained by polaro- 
graphic measurements is supported by the method of single galvanostatic impulses. 
These results confirm that the hydrogen overvoltage is lowered by the presence of 
germanium. Galvanostatic techniques allow a better insight into the process causing 
the lowering of the hydrogen overvoltage, i .e., it has been observed that in some 
instances a lowering of the potential on the working electrode occurs within the 
duration of an impulse. This indicates that in the course of the current impulse some 
unstable intermediate product is accumulated which is active in the catalytic dischar- 
ge of hydrogen. The existence of intermediate products instrumental in the catalytic 
discharge of hydrogen has been assumed by some authorsl5-fa for other systems. Ac- 
cording to these authors, in organic systems the unstable product acts as an inter- 
mediary in the transfer of protons, causing a drop of the hydrogen overvoltage on the 
mercury. I t  has been suggested that the transfer of protons occurs through the OH 
groups in organic molecules. The assumption of a similar process in the present in- 
stance is supported by the fact that, in this region, Ge(1V) is thought to be present 
in the form of a pentamer, which involves the saturation of germanium atoms with 
OH-groups. The possibility of the existence of the pentamer and its structure will be 
discussed later in more detail. 

In the galvanostatic investigations of more concentrated solutions of GeOe a t  
higher current densities, two steps have been observed, the first representing the cata- 
lytic, the second the normal discharge of hydrogen. The step corresponding to the 
catalytic discharge of hydrogen may be limited in this instance by the rate of proton 
acceptance by the intermediate product. 

Region 2a and 2b. In this region the appearance of polarographic waves can be 
explained on the basis of any of the following assumptions: 

(a) the two waves correspond to the two steps of the reduction of Ge(1V) to 
Ge(O); 

(b) the first wave is the reduction wave of germanium, the second an adsorp 
tion post wave; 

(c) the first wave is the reduction wave of germanium, the second the hydrogen 
catalytic wave; 

(d) the two waves represent the reduction of two different modifications of 
Ge(IV) (including monomer, polymer, undissociated and dissociated forms). 

The first three assumptions are not supported by the characteristic features of 
the respective waves (height of the waves, temperature dependence, variation of 
wave height with height of the mercury column). 

Before discussing the nature of the processes occumng in this pH range, it 
must be emphasized that although the pattern of the polarographic plot in the entire 
region 2 shows some common features (for instance, the occurrence of a double wave), 
in view of the differences in the behaviour of the reduction potential with variation in 
pH and temperature dependence, the existence of different electrode processes must 
be assumed. 

According to an older conception, elaborated by P u G H ~ ~ ,  germanium can be 
present in aqueous solutions in three different forms, depending on the pH: below 
pH 7 almost all the germanic acid is present in its undissociated form; above pH 7 the 



concentration of the first anion increases, and above pH 10.6 the second anion 
appears, and the concentration of the undissociated acid drops to zero. 

The more recent papers of C A R P ~ N I ' ~  and EVEREST AND  SALMON^^, report that 
additional forms of germanium can be distinguished in this pH range. CARPBNI 
concludes that germanium is present in the solutions as a pentamer in the lower pH 
range, and as a monomer and its anions, in the higher range. Although none of these 
authors discussed the structure of the pentamer, it can be deduced from the electron 
configuration of germanium and by analogy with the polymerization of silicic acid. 
The assumption of six co-ordinating OH-groups surrounding Si4+ is supported by the 
existence of the ion SiF6-2. Since germanium also forms a stable compound, GeF6-2 
(sP3d2 hybridization), it may be deduced by analogy that in the formation of ger- 
manium polymers the same or similar steps are involved. The established process of 
polymerization of silicic acid and the assumed analogy with germanic acid are shown 
schematically in Fig. 7. 

H H H H  

H H 

Fig. 7. The established process of polymerization of silicic acid and the assumed analogy with 
germanic acid. 

By applying this reasoning to our results we are led to the conclusion that in 
the acid region the intermediate product of the reduction of pentagermanic acid is 
responsible for the catalytic discharge of hydrogen and that in a part of the second 
region the recorded wave represents the reduction of pentagermanic acid. In order to 
explain the formation and characteristics of the second wave, it should be noted that, 
according to EVEREST AND  SALMON^^, some monomer is formed at pH values as 
low as 4-5. The assumption that the second wave represents the reduction of the 
monomer is borne out by the temperature dependence, i.e.. while the first wave is 
nearly independent of temperature, the temperature coefficient of the second wave 
in this region varies between + 10 and +5O/o per degree, which is in agreement with 
the fact that on degradation, molecular concentration increases. 

The galvanostatic measurements in the region about pH 6.5 yielded a plot 
with two steps. which corresponds to the two-wave polarographic plot. As the 
potential of the second step is inferior to the potential of hydrogen discharge, it can 
be deduced that the two steps represent the penta- and mono-modification of ger- 
manium in the solution, with limited rate of equilibrium establishment between them. 
At this pH value and higher GeOe concentration, a plot with two steps was also ob- 
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tained, but only a t  higher current densities, which is in agreement with the foregoing 
assumption and with the fact that at higher concentrations the fraction of pentamer 
in the solution is increased. 

A comparison of the ratio of lengths of the first step with the ratio of current 
densities applied (at higher concentration) shows that these ratios are within the 
expected limits for the predominant concentration polarization control. 

When the pH values of the systems are increased, the temperature dependence 
of the polarographic waves undergoes a marked change. That the mechanism of 
reduction undergoes some change may be inferred already from the polarogram 
obtained on a solution at pH 6.9. The first and the second wave merge and a new 
wave appears at  more negative values. According to the above-mentioned authors, the 
concentration of the undissociated pentagermanic acid decreases and the concentration 
of the monomer and a number of the possible modifications of its anions, increases 
when the solution becomes more alkaline. I t  is likely that above this pH value the 
reduction of monogermanic acid and its anion is predominant. In agreement with the 
results of R R D I C K A ~ ~  and BRDICKA AND W I E S N E R ~ ~ ,  who have studied the pola- 
rographic reduction of an acid with an undissociated form which is reduced a t  more 
positive potential than its anion, two waves have been recorded in this region. The 
second wave recorded for our system has a pronouncedly negative temperature 
coefficient. In a system of this kind, the second wave might be expected to be higher 
at more elevated temperatures, since the degree of dissociation is increased when the 
temperature increases. However, if the reaction HA+H++A- is considered, it 
must be assumed that an increase of temperature would also increase the rate of the 
reaction from right to left, when the undissociated acid HA is removed by the 
electrode reaction, which is the case at  a potential more positive than the reduction 
potential of the anion. The limiting current for such mixed diffusion-reaction waves 
is given by the equation: i+ = (&)HA +it ,  where (&)HA is the diffusion current of the 
undissociated form, and ik the reaction current proportional to the reaction rate 
constant. Consequently, it must be assumed that the drop in (&)HA caused by 
increase of temperature is lower than the simultaneous rise of it. Since the sum 
CHA+CA- is constant, it is obvious that the height of the second wave must de- 
crease. 

Polarograms obtained on systems in more alkaline pH ranges show a constant 
decrease of the sum of the waves. This is expected, since the concentration of the 
undissociated acid is gradually decreasing (above pH 10.6 it vanishes) and a second 
anion, GeOa-2, makes its appearance beside the first anion, HGeOs-. The wave 
representing the second anion at higher pH values has not been detected, probably 
owing to the discharge of hydrogen, this anion being more difficult to reduce. 

The galvanostatic measurements in this region revealed a poorly-developed 
step, analogous to the polarographic wave. However, it is interesting to note that at 
higher GeOz concentrations and greater current densities, a gradual potential lowering 
of the working electrode was observed within the interval of an impulse, as in the 
acid region. This indicates that in this case, too, an intermediate product may be in- 
strumental in lowering the hydrogen overvoltage, but this reaction is evidently 
slower in alkaline solution and at  lower concentrations of GeOz it has not been ob- 
served at  all. It  may be inferred that the intermediate product formed in the alkaline 
region is relatively stable; this is borne out by previous investigationsl*, which in- 
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dicated that when the reduction proceeded at  a fixed potential, the intermediate 
product of the reduction of Ge(IV) was accumulated only in solutions when the pH 
exceeded 9.8. 

The different forms and reactions in the investigated range of pH values is 

Fig. 8. The different forms of Ge and reactions in the investigated systems and their dependence 
on pH. 

shown schematically in Fig. 8. The limits of the areas of existence of the different 
forms of Ge(1V) and the boundaries of the different types of reactions occumng are 
not well-defined. 

Partially reduced solactions 
From the results obtained on systems where the pH was adjusted to definite 

values after a partial cathodic reduction it is evident that in the entire range investi- 
gated an intermediary product of lower valency is present. The shape of the polaro- 
grams and qt-t plots obtained experimentally, points to the conclusion that the form 
in which lower-valent germanium is present varies with the pH of the solution. The 
discussion of the form in which bivalent germanium is present is constrained by the 
fact that data on Ge(I1) are even scarcer than those on Ge(1V). However, in view of the 
results of the present investigation and by analogy with Ge(IV), it can be strongly 
inferred that Ge(I1) is amphoteric in character and that both the undissociated acid 
(even different forms of it) and the acid anion can exist.* Even for the lower pH 
range, where only one wave is recorded, polarographic characteristics point to the 

I t  is also of interest that the form in which Ge(I1) is present in these systems after acidification 
is apparently not identical with the form obtained by reduction of the Ge(1V) on the mcrcury 
drop in the same pH ranges. In the series of experiments discussed above, this Ge(I1) was ob- 
viously responsible for the catalytic discharge of hydrogen in strongly acid solutions. Mention 
should also be made of a previous work19 in which Ge(IV) was cathodically reduced a t  defined pH 
values of the solution, and lower-valent germanium was not recorded unless the pH exceeded 
9.8. Further, according to C A R P B N I ~ ~ ,  and EVEREST AND  SALMON^^, a b v e  pH 9.8 no pentamer. 
which we suppose is essential for catalytic hydrogen evolution, is present in the solution. 
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possibility of existence of two forms of Ge(I1) ; but since only one wave is recorded 
below pH 4 it may be deduced that the equilibrium between the two forms, A and B, 
of lower-valent germanium is established very rapidly. so that only one polarographic 
wave can develop. In order to explain the decrease in height of this wave with in- 
creasing pH, it seems logical to assume that forms A and B are the monomer and a 
polymer, respectively, or two polymers of different degrees of polymerization. The 
assumption that the equilibrium between monomer (or lower polymer) and (higher) 
polymer is rapidly established a t  lower pH values, rationalizes the observed decrease 
in height of the anodic wave, if the fraction of higher polymer increases with the pH. 
Since, within a narrow pH range, an increase of pH shifts the equilibrium in the 
direction of formation of polymers, the molecular concentration of Ge(I1) decreases 
with the increase of pH, and so do both the diffusion coefficient and the wave height. 

The appearance of another wave above pH 5.75 must obviously be attributed 
either to a decrease in the rate of transformation of one form into the other, or even 
to the appearance of a new form (for instance, an anion). which is oxidized at dif- 
ferent potentials. The slopes AEt-pH are not identical for both waves,-rather, their 
half-wave potentials are seen to move farther apart as the pH decreases (Fig. 9). 

Fig. 9. The dependence of half-wave potentials on pH: (o), first anodic wave; (x), second anodic 
wave; temp. = 2 5 O ,  h = 407 mm. 

The assumption that one of these waves at lower pH could not be detected because 
oxidation took place at  so positive a potential that this process was masked by the 
anodic dissolution of mercury-is merely qualitative and probably not valid, because 
the values obtained by extrapolation into the acid region do not warrant such a 
conclusion. I t  is more likely that this second form of Ge(I1) is formed only at higher 
pH values and is then also oxidized. The assumption that this new form is the 
product of the polymer degradation with formation of monomer anion at  higher pH 
values (which is supported by the fact that the height of the wave increases with the 
pH) accounts for the temperature dependence of the new wave, which is definitely 
positive, while for the original anodic wave i t  has now become negative. 



The wave recorded in the cathodic region probably represents the reduction 
of Ge(I1) to Ge(0). That the form involved in this reduction is identical with the one 
oxidized in the cathodic region, may be inferred from the characteristic features of 
the wave, which agree with the features of the anodic wave in the same region (the 
heights are equal, the temperature dependence is identical, the change of height 
with the height of the mercury column obeys in both cases the square-root law, the 
deviations from polarographic reversibility for both waves increase with pH). 
Moreover, this wave can be detected only when a certain amount of Ge(I1) hap 
previously accumulated in the solution. 

The measurements by the method of single galvanostatic impulses confirm the 
polarographic results. Thus, in the acid region a corresponding anodic step has been 
recorded, confirming the conclusion, drawn from the polarographic observations, that 
the solutions prepared in this way contain a relatively stable form of germanium on a 
lower-valency level. This is borne out by the results of the examination of solutions 
containing germanium in higher concentration. In the cathodic area, a step has been 
recorded which is analogous to the polarographic wave representing the reduction of a 
bivalent modification of germanium to Ge(0) .  

In solutions of pH 6.7, a plot with two steps, corresponding to the two-wave 
polarographic plot has been recorded. Where this step is well-developed, i t  meets the 
criterion of concentration polarization with galvanostatic condjtions, thus confirming 
the conclusion that two forms of lower-valent germanium are present, which change 
from one to another at a limited rate. 

Investigations of alkaline solutions containing low concentrations of GeOz 
reveal only a slight step; with higher concentrations a very pronounced step was 
obtained a t  the same potentials at which an anodic wave was recorded polarographic- 
ally. 

ABSTRACT 

An investigation of solutions containing germanium established that in all 
the systems explored and under all the conditions applied, germanium takes part in 
electrode reactions. In cathodic reactions an important part is played by (i) the 
different forms in which Ge(1V) is present in the solution (pentamer, monomer, 
anions), (ii) the equilibria between them and (iii) the rate of transition from one form 
to the other. When a decrease of hydrogen overvoltage was observed, some special 
features of the mechanism of this phenomenon have been noted. It  has been firmly 
established that in all systems examined, cathodic reduction gives rise to a more-or- 
less stable intermediate product. Its form, as a rule, increasingly approaches the 
defined Ge(I1) when the alkalinity of solution is increased. Bivalent germanium, 
prepared by reduction of Ge(1V) in alkaline medium, is relatively stable even when 
the solution is made acid. Evidence has also been adduced that with germanium thus 
prepared, the form in which it is present in the solution plays an important part. 
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R E P O R T  

GORDON RESEARCH CONFERENCE ON ELECTROCHEMISTRY, SANTA 
BARBARA, CALIFORNIA 

The second Gordon Research Conference on Electrode Processes was held in 
Santa Barbara during the week of January 25th-zgth, 1965. The quality of the 
conference, as well as the weather and the scenery, was all that the newcomers had 
been led to expect; many a discussion was continued in the relaxed atmosphere in 
and around the swimming pool. The smooth running of the mechanics of the con- 
ference paid tribute to the excellent organisation of the Director, Dr. W. G. PARKS 
and his staff and the Conference Chairman, Dr. R. P. BUCK. 

Dr. R. PARSONS discussed the characterisation of adsorption a t  the electrode- 
solution interphase in terms of adsorption isotherms. He considered various methods 
of interpreting experimental results and illustrated these with some new results on 
mixed electrolyte adsorption and on non-electrolyte adsorption in non-aqueous 
systems. Dr. D. M. MOHILNER developed the thermodynamic treatment of curved 
interphases and predicted that the effects would be scarcely noticeable with a 
capillary electrometer but may be important on solid electrodes. Dr. J. N. BUTLER 
presented some new results on the double layer a t  amalgam electrodes and their 
application to the evolution of hydrogen on these electrodes. 

Professor J. O'M. B~CKRIS reviewed a wide range of studies of the anodic 
oxidation of organic compounds. He emphasized the advantage of steady-state 
methods and made some provocative critiGisms of sweep methods. Dr. E. GILEADI 
described results obtained, particularly by radio-tracer techniques, for the adsorption 
of uncharged molecules on solid metals. These were interpreted in terms of the 
molecular nature of the adsorbate and its replacement of solvent molecules. 

Professor A. STREITWIESER Jr. discussed the correlation of spectroscopically- 
determined energy levels with polarographic half-wave potentials, particularly for 
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hydrocarbons and alkyl halides. Professor P. W. SELWOQD began by remarking that 
the amenities of Santa Barbara provided a strong temptation to leave the research 
laboratory; it was clear that he had resisted and he described some elegant experi- 
ments on o-p hydrogen conversion using ruby powder obtained from laser material. 

Dr. J. KORYTA gave a very comprehensive review of the analysis of polaro- 
graphic currents controlled by the rate of chemical reactions in the bulk of the 
solution. He also described a variety of effects due to the adsorption of reacting 
species which may find an interpretation in terms of the Butler-Frumkin theory of 
adsorption of non-polar substances. Professor I. SHAIN emphasized the value of 
voltage-scan techniques for diagnosing types of reaction schemes involving coupled 
chemical reaction. He then described some potentiostatic experiments on the reduc- 
tion of azobenzene. Professor R. N. ADAMS described results for the rates of homo- 
genous electron transfers between organic ions and radicals obtained from EPR line 
broadening. These were compared with the heterogeneous rates for the same systems 
obtained using the rotating disc electrode. 

Professor W. R. SCHAAP illustrated the technique of electrochemical measure- 
ment in non-aqueoussolvents with examplesfrom the ethylene diamine system. He also 
described the problems in the determination of polarograms in poorly-conducting 
media using a radio-chemical method. Professor R. IWAMOTO discussed the effect of 
difunctional solvents on the electrode potentials of ion-metal and redox couples. 

Dr. R. MUELLER surveyed the application of optical techniques to electro- 
chemical problems, showing an unusually beautiful film of schlieren effects in colour. 
Professor R. N. O'BRIEN made the use of a laser for interference studies sound easy 
and showed a film of a rotating disc electrode and a dropping-mercury electrode 
taken with this technique. Dr. A. K. REDDY gave a clear account of the use of 
ellipsometry to solve electrochemical problems, emphasizing its promise for the 
future. 

On the final morning of the Conference, Professor P. VAN RYSSELBERGHE 
introduced a discussion on the fundamental derivation of the rate equation in electro- 
chemical kinetics. He was especially critical of the usual way in which the psi-effect 
is formulated. His remarks stimulated a particularly vigorous discussion in which 
opposing views were freely ventilated. In the course of this Dr. D. B. MAITHEWS 
presented a modified theory of the hydrogen-ion discharge reaction. 

A third conference will be held in the winter at the same location (there was 
little support for any change during the discussion of future plans) with Professor 
E. YEAGER as Chairman and Dr. R. OSTERYOUNG as Co-Chairman. 

Department of Physical Chemistry, 
University of Bristol (England) 
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RODD'S CHEMISTRY OF CARBON COMPOUNDS 
Second Edition 
edited by S. Corn,  Mu%. (London), D.%. (Leyden). Formerly of I.CI. DywlMs 
Division, Blackley, Matchester. Assisted by an Advisory Board of prominent 
scientists. 

This completcIy revised edition of this standard work has been undertakm to take into account the 
important advaoces in theoretical and experimental organic chemistry recorded since the 
of the first edition. 
The treatment has nmaiwd largely unchanged although the sheer extent of new material has made it 
nectssary to create further subdivision in order to reduce publication delay. 
VOLUME IA - GENERAL INTRODUCI'XON, HYDROCARBONS, HALOGEN 

DERIVATIVES 
General Introduction 
1. The saturated or paraffh hydrocarbons. Alkanes. 2. Unsaturated acyclic hydro- 
carbons. 3. Halogen derivatives of the aliphatic hydrocarbons. 
6 x 9 sx + 569 pages, 1964, sobsaiption price S7.0.0. 

non-subscription price f8.0.0. 
VOLUME IB - MONOHYDRIC ALCOHOLS, THEIR ETHERS AND ESTERS, SULPHUR 

ANALOGUES; NITROGEN DERIVATIVES; ORGANOMETALLIC COM- 
POUNDS 
4. Monohydric alcohols, them ethers and esters. 5. Sulphur analogues of the alco- 
hols and their derivatives. 6. Nitrogen derivatives of the aliphatic hydrocarbons. 
7. Aliphatic organornetallic and organometalloidal compounds. 
6 X 9 xvi + 313 pages, 16 tables, 1964, subscriptioo price E4.8.0. 

w n - ~ ~ ~ M p t i o n  price ES.0.0. 
VOLUME IC - MONOCARBONYL DERIVATIVES OF ALIPHATIC HYDROCARBONS; 

THEIR ANALOGUES AND DERIVATIVES 
8. Aldehydes and ketones. 9. Monobasic carboxylic acids. 10. Carboa monoxide, 
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