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INTRODUCTION 

The photoelectric effect a t  a metal-electrolyte interface llas recently been 
re-investigatedl-"nd interpreted in various ways. Tlleinterpretations are summarized 
by BARKER et a1.2. The interpretation favoured by this authorl.2 is based on the follow- 
ing sequence: electron emission, solvation, and subsequent reaction with a scavenger, 
e.g., hydrogen ion, nitrous oxide. If the electron-scavenger reaction yields a product 
that does not undergo electrochemical oxidation or reduction a t  the potential a t  
which the metal is adjusted, a photocurrent is observed, provided the metal is 
coupled with a reference electrode in a classical potentiometric arrangement (or 
more sophisticated instrumentation). In the absence of scavenger, according to this 
interpretation, most emitted electrons are re-trapped by the metal except for those 
lost by the second-order solvated electron-solvated electron reaction, and the 
pllotocurrent is much smaller than in presence of scavenger**. This interpretation 
seems to account for most observations, and a simple analysis of the coupling of 
the diffusion of solvated electrons with the electron-scavenger reaction leads to the 
experimentally-verified limiting law (at low concentrations) predicting proportionality 
between current and the square root of the scavenger concentration. Photocurrents 
that are nearly independent of the scavenger concentration, a t  sufficiently high 
scavenger concentration, are accounted for by the assumption that practically all 
emitted electrons react with the scavenger. A limiting pllotocurrent is then observed. 

HEYROVSK+'s alternative interpretation4, based on the formation of a charge- 
transfer complex a t  the metal-electrolyte interface, also seems to fit tlle experimental 
results. The dependence of the photocurrent on scavenger concentration is also 
explained but perhaps less uniquely so (at least for the low concentration range) 
than by BARKER'S simple square-root relationship. HEYROVSK+ has also cited exam- 
ples of anodic pllotocurrents (rather than cathodic currents as in most of BARKER'S 
work) to support his interpretation. 

Photocurrents observed with a given scavenger concentration strongly depend 
on the conventional electrode potential. I t  was suggested5 that this dependence 
might be interpreted by transposition, and possibly modification, of FOWLER'S 
treatment%f the effect on an electric field on pliotoen~ission by metals in vacuum. 
Exa~nination of this suggestion requires experimental values of the pllotocurrent a t  

* Present address: Istitnto cli (:himica Analitica della Universita cli Bari, Via Amcnclola 173, 
Rari, Italy. 
**  Sonic impurities act  as.scavcngcr, e . g . ,  clissolvccl oxygen. 
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different wavelengths for known, a t  least relatively, photon fluxes. Such data are 
not available in the literature, to our knowledge, and are reported here. An inter- 
pretation is tested, which rests on BARKER'S model together with a transposition of 
FOWLER'S treatment. The experimental results reported here could serve in the testing 
of future improved theoretical models. 

EXPERIMENTAL 

Photocurrents were measured as follows wit11 a mercury ideal polarized 
electrode in presence of a scavenger: 

The electrode potential was initially set at  a known value against a reference 
electrode by means of a potentiometer. The electrode circuit was open, and the 
electrode was irradiated by means of a flash-tube fitted with a third-order interference 
filter having a narrow band-pass. The change of potential a t  open circuit wasmeasured. 
The electronic charge lost by emission during the short flaqh-irradiation was cal- 
culated from the change of potential and the differential capacity of the double 
layer. This capacity was determined in a separate experiment, without flash-irradia- 
tion, involving injection of a known charge at  open circuit. The change of potential 
in both types of experiment never exceeded 2.5 mV and was generally smaller. Thus, 
the dependence of the photocurrent and double-layer capacity on potential could be 
neglected over this small interval of potential, and results practically pertained to 
the initially applied potential. 

This coulostatic method was initially devised for the determination of double 
layer-capacities in solutions of low conductivity7 and was appl~ed in the early work 
from this laboratory on photocurrents5. A mercury pool was used in this work (a  
hanging mercury drop in capacity measurements) but was abandoned, after extensive 
testing, because of contamination by traces of adsorbable organic impurities. Electrode 
contamination was easily detected by the discrepancy between double-layer capacities 
measured with a mercury pool electrode and reliable published capacities. The 
technique was modified to allow the use of a dropping mercury electrode (DME) 
and was described elsewheref! for double-layer capacity measurements. Circuitry of 
the relays and the timing system was the same as before8 except that the cell was 
directly connected to the oscilloscope (Tektronix 547 with 1A7 plug-in unit) with 
which the potential-time variations were observed and photographed. Correct 
values of the double-layer capacity were measured with the DME (within +3% 
over the whole range of potentials) but this electrode had the disadvantage, in com- 
parison with the mercury pool, of poor geometry for irradiation by a single source. 
This disadvantage was only minor because measure~nents auto~natically gave the 
integrated current density over the total electrode area and the duration of irradia- 
tion. Other investigatorsl-4 of photocurrents also used a DME with different tech- 
niques of measurements than the one applied here. 

Practical details were as follows : 
Each set of measurements involved the determination of potential-time 

oscilloscope traces with: (a) flash-irradiation, (b) flash-irradiation with an opaque 
screen between the flash tube and the DME (blank correction) and (c) charge injection 
without irradiation for the determination of the double layer capacity (Fig. I). 

The flash tube was a high-energy xenon source (Electro Powerpacs, type 
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S-13-I~S), rated a t  a maximum of 600 J, connected to a 0-3000 V laser power supply 
(Electro Powerpacs, type 322). This power supply was connected to an a.c. regulated 
power supply (Sorensen, model ACK 2000) to avoid the effect of line-voltage fluctua- 
tions. The output high voltage was monitored with a voltage divider (I : 104) connected 
to an electrometer voltmeter (Iceithley, type 6ooA). The xenon tube was operated 
a t  2080 V and the energy/flash was 325 J* .  Third-order interference filters (Baird 
Atomic) were used fro111 2500-3900 A a t  zoo-A intervals. The half-intensity width 

I;i:,.. I .  ~~~~~~~~~~~~~~~time traces at 2000 I\ ;~11(1 1.0 V for 0 . 1  .1/ soclii~til fluoride satd. with nitrous 
osiclc. Top, fl;1sll-irradiatiol1; mitltllc, coulostatic charge injection without irradiation; bottom, 
irradiation with opaquc screen (blank). Thc changc of potcutial was measured a t  the large step 
in the  tracc. Iiorizontal scalc: 10 ~nscc/square. Vertical sensitivity: I (top and middle) and 0.5 
(bottom) niV/square. 

was approximately 80 A, and the peak transmission varied from 5-10% from one 
filter to another. The tip of the DME was approximately 4 cm away from the flash 
tube, and the geometry of the system was carefully controlled. The error resulting 
from displacement of the DME tip with respect to the flash tube was determined, 
and the arrangement was such that such an error did not exceed *5%. 

Photon fluxes a t  different wavelengths were standardized on a relative basis 
in a separate experiment with a photomultiplier tube (IICA 6903) as detector (to 
achieve fast response) operated a t  700 V (0-4000 V Harrison, model 6525A, power 
supply). The phototube was a t  one end of a I-m long metal housing cabinet and the 
flash tube a t  the other end. Liglit intensity was attenuated by a factor of 107 by 
neutral density filters (Orion Optics Co.) of known wavelength characteristics 
(nearly flat from 2900-3900 A). Wavelength-dependent reflection was minimized by 
the coating of the liousing inside walls with a flat black paint. Tlle current-time 
curves for flash-irradiation of the phototube, displayed on a Tektronix 547 oscillo- 
scope, were integrated, and a calibration curve was prepared after correction for the 
phototube wavelength characteristic (as supplied by the manufacturer). The S13 
response of the phototube varied approximately from 5o-go% in the 2500-3900 dl 
range. The third-order interference filter a t  2706 A also exhibited a transmission 

* Only 6 out  of the 8 25-,~12 c~~paci tors  in tllc lascr power supply were connected. 
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band with a peak a t  3900 A, and the phototube readings were corrected accordingly*. 
This problem did not arise with the other filters. The calibration curve of the flash 
tube was quite flat from 2700-3300 A ;  it dropped by 50% a t  2500 A, and increased 
rapidly from 3300-3900 A (by 400q4 in that range). The flash tube was aged by 
repeated flashing before calibration, and its cliaracteristic was stable over the whole 
experiment, as it was operated with a relatively lligll inductance (flash duration of 
approximately 0.5 msec) . 

A quartz cell with ground joint and a Pyrex head was used. Correction for 
adsorption by quartz a t  the lower wavelengths was made. Solutions were prepared 
from analytical-grade reagents and double-distilled water. The high-purity nitrous 
oxide was of surgical grade (S.S. White, New York, N.Y.). Treatment of the solution 
with activated charcoal, as recommended by BARKERLO, was tested but found un- 
necessary. The solution was carefully de-aerated with nitrogen according to standard 
practice. Temperature: 24-27" 

RESULTS 

Sod ium flztoride solution with nitrous oxide as  scavenger 
Results for 0.1 M fluoride are plotted in Fig. 2. Sodium fluoride was selected 

because of the absence of anion specific adsorption in tlie range of potentials covered. 
Photocurrents were not corrected for the variation of reflectivity with wavelength 
because an equation for correction was not available for a metal-electrolyte interface. 
The correction for a metal in vacuum is certainly not applicable. The resulting un- 
certainty is probably not of major importance. 

I t  is not certain a firiori that the pllotocurrents in Fig. 2a are limiting values 
because of the limited solubility of nitrous oxide. However, the scavenger concen- 
tration was practically the same in all experiments since the solution was saturated 
with nitrous oxide a t  nearly constant temperature. Moreover, experiments without 
third-order interference filter and with the flash tube a t  7 cm (instead of 4 cm) 
yielded changes of potential as high as 30-40 rnV (instead of 2.5 mV or less), thus 
indicating that depletion of nitrous oxide in experiments with a filter was not severe. 
Finally, the dependence of Q on potential and wavelength, as displayed in Fig. za, 
can be assumed to be tlie same as for limiting- Q-values, provided the ratio of Q to 
its corresponding limiting value, a t  given wavelength and potential, is a constant. 
This assumption is nearly valid, a t  least according to BARKER'S model**. The Q-values 
plotted in Fig. 2a should be, on the basis of the results obtained without filter, 
nearly equal to the corresponding limiting values and they should be, a t  any rate, 
nearly proportional to the limiting values. 

The effect of the potential, E, a t  constant wavelength is first interpreted, 
and the wavelength-dependence will be examined after the theoretical discussion. 
Photocurrents for E < - 1.6 V are slightly lowered by the decrease of the scavenger 
concentration a t  the electrode caused by the increasingly faster scavenger direct 
reduction. Figure 2b shows that plots of Q t  21s. E are quite linear and apparently 
* A nickel sulfate solution was not used t o  remove the 3900 :\ band, as rccom~nended by the 
manufacturer, because the  traiis~nittailcy of this solution varies somcwliat upon irraclkation9. 
** Thisisonly true in the BARKER model provitleil the tlistancc of penetration of electrons before 
solvation takes place, is supposccl to  be indcpcnclcnt of wavclcngth and potclitial. Actually there 
seems to  be a minor va r i a t i on l~~ . " .  
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parallel, or a t  least nearly parallel, except for 3700 A. This abnormal set of data is 
very likely to be in error, particularly because the blank correction was significant 
a t  that wavelength*. Q us. E plots were reported in our previous work5 but it should 
be emphasized that they do not represent a simple analytical relationship. Moreover, 

0-l I 
0.6 0.8 1.0 1.2 1.4 1.6 1 

E (volts vs. S.C E.) 

0.1 I I 
.8 -0.6 -0.8 -1.0 -1.2 -1.4 -1.6 -1.8 

E (volts vs. S.C.E.) 

Fig. ~ ( a ) .  Quantity of electricity lost by electron emission, us.  potential for different wavelengths 
and for nitrous oxide-satd. 0.1 M sodiurn fluoride. Results corrected for blank. Only values of Q 
exceeding one-half of the blank correction are plotted. (o ) ,  2506 (0)  2706, (0) 2900, ( W )  3100, 
(") 3300, (A) 3500. (+) 3700, (o ) 3900 A. 
(b). Plot of Q h  us.  potential. 
(c). Plot of log Q us. potential a t  constant wavelength. 

* Abnormal results could not readily be spotted during experiments because photographed 0s- 
cilloscope traces (Polaroid camera) had to be enlarged before examination. 
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there is no obvious theoretical reason why these plots should be parallel. I t  transpires 
that transposition of the Fowler treatment, which is discussed below, leads to nearly 
linear and parallel Q* vs. E plots over fairly limited field and wavelength ranges. 

The dependence of the photocurrent on potential was also examined on the 
basis of HEYROVSKP'S ideas* which lead to proportionality to an exponential function 
of potential and wavenumber. The plots of log Q vs. E at  constant wavelength are 
quite linear but do not appear to be parallel over the whole potential range (Fig. zc). 
The plots of log Q vs. wavenumber a t  constant E are not linear over the whole wave- 
number range (Fig. 3). 

Wavelength (8) 
3900 3700 3500 3300 3100 2900 2700 2500 

1 

I I , I 
25 30 35 40 

Wavenumber (lo3 cm-') 

Fig. 3. Plot of log Q vs. wavenumber a t  constant potential for the data of Fig. 2.  ( o)  -1.7, 
(a) 1 . 5 .  (0) 1 . 3 .  (m) -1 .1 ,  -0.7 v. 

Sodium halide solution saturated with nitrous oxide 
The effect of the shift of the point of zero charge, resulting from a change in 

the nature of the anion, was investigated for 0.1 M sodium halide solutions a t  2900 
and 3700 A. Plots of Q h s .  E were essentially linear and parallel a t  each wavelength. 
Such plots, prepared by using the rational potentials corresponding to each solution, 
exhibited a negative shift, a t  constant Qb, from iodide to fluoride. The shifts* with 
respect to iodide were a t  2900 A : - 0.05 (Cl-), -0.06 (Br-), - 0.12 V (F-). At 3700 A, 
the shifts were: -0.17 (Cl-), -0.2 (Br-), -0.3 V (F-). Thus, plots of Q* vs. the 
rational potential corresponding to each solution showed, at  a given rational potential, 
a higher Q* for iodide than for fluoride, chloride and bromide being in intermediate 
positions. The shifts of rational potential were not the same a t  2900 and 3700 A**. 
I t  is noted that the shifts a t  3700 A were of the same ~nagnitude and sign as those 
(at constant charge density on the electrode) for plots of the charge density on the 
metal vs. the rational potential for a mercury electrode in 0.1 M solution of each of 
the sodium halides. 

Perchloric acid as  scavenger 
A detailed study was made also with I M perchloric acid as scavenger. The 

* The bromide-chloride inversion is probably due to experimental errors. 
**  Photochemical complications, especially with iodide and bromide, cannot be excluded a t  
zgoo A. No correction was made for the absorbancy of the solutions. 
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results did not prove conclusive and will not be described in detail. The main difficulty 
with this scavenger arises from the limited range of potential (if any) over which 
interpretation is not complicated by secondary effects. At not too negative potentials, 
hydrogen, which is the primary product of the H+-solvated electron reaction, is 
presumably oxidizedls2, and the measured photocurrent is lowered accordingly. At 
more negative potentials, electrochemical discharge of H+ markedly decreases the 
local concentration of H+ at the electrode. This faradaic process also interferes with 
the determination of potential-time traces because it causes a rapid decay of potential 
at  open circuit. 

We now attempt to compare some of the previous results with the predictions 
of a transposition of FOWLER'S treatment6 from a metal-vacuum interface to a 
metal-electrolyte interface. If we tentatively adopt BARKER'S model, the experimental 
photocurrent results from: (a) emission of electrons for which the sum of the kinetic 
energy, normal to the electrode-electrolyte interface, and the energy of the incident 
photon is at least as high as the barrier at the interface and (b) tunnelling of electrons 
having a lower energy than those in the first process. FOWLER limited his treatment 
to the first process and did not calculate the transmission coefficient. This coefficient 
was subsequently calculated for a metal-vacuum interfacell.12. These calculations 
cannot be used directly here because the field strength at a metal-electrolyte interface 
is too high (up to 3 -107 V cm-1) to allow the previously used WKB approximation 
at  much lower field (< 105 V cm-1). The barrier was replaced by adjacent rectangular 
barriers the combination of which was quite equivalent to the barrier described below. 
The total photocurrent for the metal-electrolyte interface is the sum of two com- 
ponents calculated by integrating the product of the number of electrons involved 
in each of the above processes by the corresponding transmission coefficient over 
the proper energy range. The transmission coefficient* for emission was not strongly 
dependent on wavelength between 2500 and 3900 A (0.5-0.7 approximately). The 
tunnelling contribution to the total current was quite negligible (< 5%) except for 
field exceeding 4.107 V cm-1, i.e., for larger fields than those prevailing in the 
compact double layer for the electrode potentials covered in the experiment. Since 
the above improvements are quite minor in this case and since the application of 
FOWLER'S treatment to this problem is only tentative, the calculations will be outlined 
in their simplest form without tunnelling contribution and for a constant transmission 
coefficient. 

The barrier is given approximately by: 

where W is the energy, W ,  the sum of the Fermi level energy and the work function, 
e the electron charge, En the field, x the distance from the metal-electrolyte interface, 

* The transmission coefficient was also calculatecl by assuming that the electron is solvated in 
the compact double layer (1 .7  cV-deep well) and was found nearly equal to  unity. This model is 
different from that  of BARKER who considered that solvation occurs a t  greater distances (3 30 A) 
from the interface. 
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xa  the distance between the metal-electrolyte interface and the plane of closest 
approach and 81 and EZ the dielectric constants in the compact and diffuse double 
layer, respectively. 

The second term on the r.11.s. of eqn. (I)  accounts for the effect of the field 
in the compact double layer. The third term accounts for imaging by the metal. This 
term, as written, approaches infinity for x=o and is not valid very near the metal 
surface. I t  is cut off13 for W=o*. The last term on the r.11.s. of eqn. (I) corresponds 
to imaging on the plane of closest approach. The form of this term in eqn. (I) is 
only approximate because rigorous treatment would be much more elaborate. This 
term represents a contribution to W which varies linearly with x (used between 3.5 
and 5 A). The quantity, ( ~ 2 -  FI)!(E~ + &I),  corrects approximately for the variation 
of the dielectric constant from the compact to the diffuse double layer on the sim- 
plifying assumption of a stepwise variation of dielectric constantl4. 

The energy corresponding to the top of the barrier of eqn. (I) was computed**, 
and the number, N, of electrons having an energy exceeding that of the barrier top 
was then calculated according to FOWLER by means of his general*** equation (see 
equation just above his eqn. (5) in ref. 6). The photocurrent is proportional to N ,  

Fig. 4. Plot of the square root of the calculated photocurrent (arbitrary scale) vs. potential. 

Fig. 5. Plot of the shift of potential, AE,  from Fig. ab, a t  constant current, vs. the shift of field, 
AEr, from Fig. 4. Shifts were measured with reference to the z 5 0 ~ - A  lines in Figs. zb  and 4. 

but the proportionality constant is now known. Its calculation would require a 
detailed treatment of photon-electron interactions whicll is not embodied in FOWLER'S 
simpler treatment****. Results are shown in Fig. 4 as plots of Nk us. the field, E f .  
These plots are nearly linear and parallel, but these features can be regarded as 

* Ref. 13 pertains to a metal in vacuum. 
** The value E I = ~  was selected since the calculation pertains to  the motion of an  elcctron in a 
polarizable medium. Calculations were also performer1 with F L =  6 ,  which is the value often adopted 
in double-layer studies, and results were similar. EZ  was equal t o  20; work function, 4.53 ev.  
Calculations were also performed with a work function of 4.03 and 5.03 eV and results were similar. 
*** Theapproximateequation, which is generally applied in studies of the field effect in vacuum, 
was not applied here because i t  holds only near the threshold. 
**** Such treatments are more tentative, in any case, because of the complexity of the problem. 
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empirical as they do not correspond to any analytical relationship in the theoretical 
treatment. 

Since plots in Figs. 2b and 4 are essentially linear and parallel, we can compare, 
a t  constant current, the shift of the potential E in Fig. ab with the shift of the field 
Er in Fig. 4 from one wavelength to another*. The resulting correlation yields a 
rather linear plot (Fig. 5) and indicates that tlie field in the compact double layer 
varies quite linearly with potential**. This conclusion is reasonable since the potentials 
considered here are quite far from the point of zero charge and negative with respect 
to  this point***. However thethickness ( x 3  A) of the compact double layer that can 
be computed from the slope of the line in Fig. 5 is somewhat low, and the calculation 
is not wholly convincing. I t  appears that transposition of the Fowler treatment is 
not entirely justified, at  least in the simple manner adopted here. A better approxi- 
mation could possibly be obtained by consideration of electron scattering by water 
molecules. Analysis of the correction, however, does not appear to be simple****. 
Further complications are not to be excluded. I t  should be added that the foregoing 
calculations implicitly pre-suppose the essential features of the Barker model, and, 
consequently, the lack of validity of this model would of course invalidate the 
theoretical analysis. 

The effect of wavelength can also be analyzed, without introduction of theoreti- 
cal consideration, simply by plotting, a t  constant current, the shift, AE, in Fig. 2b 
against the energy in electron volts corresponding to the frequency. A reasonably 
straight line is then obtained, but this matter is not discussed further as the signific- 
ance of such a plot is not clear to us. 
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SUMMARY 

I-'hotocurrents were measured by means of a coulostatic method with a DME, 
for 0.1 M sodium fluoride saturated with nitrous oxide from 2506-3900 i% a t  zoo-P\ 
intervals. The DME was irradiated with a xenon flash tube (325 Jlflash) fitted with 
third-order interference filters having a half-intensity band width of approximately 
80 A. Irradiation intensities were standardized, and results are reported for the same 
flux of photons a t  each wavelength. Plots of the square root of the photocurrent 
against potential were essentially linear and parallel a t  each wavelength. The possibili- 

* Such a comparison coultl be made, even if the  Q*-plots were not linear and parallel, because 
the  comparison is made a t  constant current. Howcvcr. the comparison would then not be unique. 
** The same conclusion holds for calculations performed with a work function of 4.03 and 5.03 
eV instead of 4.53 cV. 
*** The differcncc of potential across thc diffuse tloublc layer can be regarded as constant with 
respect to  the shifts plotted in Fig. 5.  
**** The spreading of an clcctron wave, originating from a point in thc  plane corresponding t o  
thc  "centers" of thc mercury atoms next to  watcr molecules is about 3-A wide when i t  reaches the 
first water molecules1? hMnltiple scattering can then be expected with all the  attending complexity. 
Similar but  simplcr problcins have bcen treatedl6. 
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ty  of exponential dependence of the photocurrent on potential and frequency was 
also examined. A similar study was carried out for 0.1 M solution of sodium halides 
saturated with nitrous oxide. 

FOWLER'S treatment of the field effect on photoemission by a metal in vacuum 
is transposed to the metal-electrolyte interface, and theoretical and experimental 
results are compared. 
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In a previous paper1 we described a theoretical investigation on the current- 
potential curve obtained when potential-step electrolysis is followed by linear 
potential-sweep voltammetry. This method has been used for analytical purposes by 
YARNITSKY AND ARIEL in the field of anodic stripping voltammetryz. Thus, after 
the usual preliminary steps of pre-electrolysis (during which the metal to be deter- 
mined is reduced at and collected into a mercury electrode at  a constant negative 
potential with stirring of the aqueous solution) and rest period (in which convection 
in the solution and the mercury is allowed to decay), the potential of the electrode is 
stepped towards a positive potential. After a suitable waiting period, a linear sweep 
back towards negative potentials is applied and a re-reduction current peak is 
obtained. 

For the case of semi-infinite linear diffusion the result is strikingly simple: 
the re-reduction current peak, obtained during the linear potential sweep after the 
potential-step oxidation and the waiting period, and measured from the extrapolated 
oxidation current, is the same as that obtained when the metal is oxidized directly 
by a linear potential-sweep towards positive values, except for a reversal of direction 
with respect to the potential axis. In the first case, the peak potential is 571% mV 
more cathodic than in the latter case. 

An important assumption in our previous calculationsl is that conditions of 
semi-infinite diffusion prevail. This assumption is probably not valid for the ex- 
periments described by YARNITSKY AND ARIEL~. Apart from the eventual influences 
of spherical diffusion, depletion of the mercury-drop electrode used by these workers 
probably played a noticeable role in these experiments. When the electrode becomes 
depleted of reduced metal (R) during the oxidation period, the surface concentration 
of oxidized metal (0) will diminish by diffusion during the remainder of the oxidation 
period and during a certain period after initiation of the potential sweep and the 
height of the subsequent re-reduction peak will be diminished. We report here there- 
fore a theoretical investigation of the method of potential-step electrolysis followed by 
linear-sweep voltammetry at  a plane mercury-film electrode, in order to assess the 
influence of this and other effects and to be able to specify the best experimental 
conditions for analytical application of the method. 

* Temporary address until March I, 1968: Department of Chemistry, The Israel Institute of 
Technology, Technion City, Haifa, Israel. 
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Only the case of potential-step oxidation followed by linear-sweep reduction 
has so far been considered in detail, although the results for the case of semi-infinite 
diffusion can easily be transposed to the case of potential-step reduction followed 
by linear-sweep oxidation. For an electrode of small volume, this will not be the 
case because of the accumulation of reduced metal into a limited volume during the 
reduction period. Thus, the limited volume of the electrode will not only cause the 
subsequent oxidation (stripping) peak to be higher, but also to have less widt113~4 and 
we have, therefore, also considered the case of potential-step reduction followed by 
oxidation with a linear potential sweep. 

POTENTIAL-STEP OXIDATION FOLLOWED BY LINEAR-SWEEP REDUCTION 

(a) The problem; initial and boundary conditions 
I t  is assumed that the electrode reaction (MO+Mn+ +ne) is reversible without 

kinetic complications and that the metal forms an amalgam with the mercury. 
Thus, Fick's equations for linear diffusion of both oxidized and reduced species must 
be solved: 

where x is the distance in the mercury film and y that in the aqueous solution. The 
thickness of the mercury film is taken as I. The mercury-solution interface is a t  
x=y=o.  

The initial conditions are: 

and the boundary conditions are: 

0 = ~ / ( D R / D O )  exp [(nF/RT) (Ei-El)! . 

with 
n F  

c=--ZI 
RT 

lim Co(y,t) = 0. 
v+m 
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Thus, the metal which is initially present a t  a concentration CO, is oxidized by a 
potential step a t  time t=o,  from an infinitely negative potential (see eqn. (4)) to a 
positive value, Ei. The electrode is kept a t  this potential during the waiting period 
of t see. Starting a t  time t = t, the potential of the electrode is linearly changed with 
time towards negative values: 

E(t)  = E i - ~ ( t - t ) .  (11) 

The flux of 0 and R a t  the electrode surface, q(t), is so defined as to have a positive 
value for a reduction process. The symbols not defined above have their usual 
significance. 

(b) Integral equations and dimensionless parameters 
Straightforward application of the Laplace transform technique leads to the 

following integral equations for the concentrations of 0 and R a t  the mercury- 
solution interface : 

For convenience, the following dimensionless quantities are defined: 

y = JIDolDit (14) 

K = o t  (15) 

n = tlz (16) 

p(n) = q(t)l/t/c" ~TK = q(t) / C O ~ / D ~  (17) 

G = 1"ln~t. (18) 

Substitution of the appropriate dimensionless parameters into eqns. (12) and (13) 
leads to the dimensionless form of these integral equations: 

The integral equations (19) and (20) are a convenient starting point for the 
subsequent mathematical analysis, as will be apparent from the following sections. 

(c) The oxidation current 
The expression for the dimensionless oxidation current can be found most 

easily by combining eqns. (5), (19), and (20), Laplace-transforming the resulting 
integral equation and writing the series expansion in closed form; the result is: 
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'fJ exp [z l /G]  - I y ( s )  = - - 
l z s  ( y + ~ ) e x p [ z j / G ] + ~ - ~  ' 

where s is the Laplace transform variable and y is defined by 

y =ye  = exp [ ( n F / R T )  ( E i -  E* ) ]  . (22)  

The second fraction of eqn. (21)  can be written as 

( ~ - I ) / { ( Y  + I ) ~ + Y - I )  (23)  

with z = e x p [ z l / ~ s ]  > I .  Normally, the assumption is made that y + I ,  and then the 
following series expansion for expression (23)  is obtained: 

However, for the purpose of this investigation it is not desirable to introduce this 
simplification at this stage; if all the terms in expression (23)  are retained, the follow- 
ing series expansion is obtained : 

With the use of expression (25) ,  eqn. (21) can be manipulated into a form 
suitable for back-transformation to the variable 4 ;  this back-transformation results in: 

When eqn. (26)  is simplified by assuming y 4 1 ,  one obtains: 

For small values of G/1,  eqn. (27)  converges slowly; for these cases, a more suitable 
expression for the oxidation current can be found by starting from a formula given 
by CARSLAW A N D  J A E G E R ~ .  The mathematical manipulations are quite straight- 
forward and the result, in terms of the dimensionless parameters defined above, 
can be written as: 

00 

~ ( 1 )  = - ( 2 / 1 / G l  x e x p [ - $ ( z i + ~ ) 2 n 2  ( 4 / G ) ] ,  
i =O 

(28)  

which is the equivalent of eqn. (27) because in its derivation it is assumed that 
y + 1 .  

Numerical calculations of the oxidation current for various values of G have 
been carried out using eqns. (27)  and (28) .  I t  has been found that eqn. (28)  converges 
more rapidly than eqn. (27) for G/A < 2. 

Figure I shows the oxidation current, y (1) x l/K = q ( t ) v t / C O v D ~ ,  for various 
values of G and o < A <  2. I t  can be seen that the oxidation current decays to a smaller 
value a t  the end of the waiting period (1 =I) when the mercury film becomes thinner 
and/or the waiting period longer. 

( d )  Integral equation for the re-reduction current-potential curve 
The approach used to find the integral equation describing the re-reducton 
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current-potential curve is almost the same as that used earlierl. A new current 
function, @'(A), is defined : 

The re-reduction current peak is not measured from the zero-current axis, but from 
the base-line formed by the oxidation current extrapolated beyond the waiting period. 
Of course, @'(A) =o for o <  A< I. 

Fig. I. Oxidation current, as a function of time, a t  a mercury-film electrode following a potential 
step. The corresponding G-values are: (a), oo ; (b), 5; (c). 2; (d), I ; (e), 0.5; (f), 0.2; (g), 0.1 ; (h), 0.05. 

In  order to find the desired integral equation the procedure is as follows. 
First, eqns. (19) and (20) are Laplace-transformed, while the series expansion resulting 
from eqn. (19) is written in closed form. Equation (29) is also Laplace-transformed 
and the resulting series expansion reduced to its closed form (see eqns. (23) and (25)). 
From the latter equation an expression for p,(s) is obtained by algebraic rearrangement, 
and this is substituted into the Laplace transforms of eqns. (19) and (20). The 
appropriate fractions are again expanded in series form to permit back-transformation, 
giving finally: 
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(The integration from E=o to (=I  is omitted as it contributes nothing since @'(A) =o  
for o <  A< I.) Equations (7), (30), and (31) are now combined and the following 
substitutions made: 

x = K(L-I) =o(t-z); (32) 

@(x) = @' ( I )  ; (33) 

H =GK =L%/DR. (34) 

At this stage, the simplifying assumption that y 9 I is introduced; algebraic rearran- 
gements lead to : 

1 Do-  2 " % @(6) iZH 
FJ-o $7 + I/. .F: Jo T x 7  exP [- -1 

A comparison of this equation with eqn. (26) of ref. 6 shows that they are of identical 
form except for the factor 

00 

Q ~ H / ( X  + K )  = I + 2 X ( - ~ ) i  erfc 
i= 1 

in the first left-hand side term of eqn. (35) (note that G/;(=H/(x +K)).  Combination 
of eqn. (35) with eqn. (13) of ref. 6 gives an approximate form useful for small values 
of H. 

(e) The continuity of the current-potential curve at the start of the fiotential sweep 
At this point it seems appropriate to make some remarks about the effect of 

the initial and boundary conditions on the continuity of the current-potential curve 
a t  the start of the potential sweep. In  the theory of normal linear-sweep ~ o l t a r n m e t r y 7 ~ ~  
i t  is customary, in the treatment of a reduction process, to assume the concentration 
of R to be zero a t  time t=o :  CR(X,O) =o. This mathematical assumption causes a 
discontinuity in the current response a t  time zero, as the application of the potential 
sweep starting at  Ei is then equivalent to a potential step from an infinitely positive 
potential to the (also positive) initial potential, Ei. Thus, a t  time t=o,  the concentra- 
tion of R a t  the electrode surface has to adjust to a small but finite value, €)Coo, 
where COO is the initial concentration of 0 and 0 is defined by eqn. (6). 

The above formulation of initial conditions leads to the following integral 
equation representation of the well-known SevEik-ltandles P-function: 

When, however, the initial concentration of R is assumed to be CR(X,O) =0C00 
instead of zero, 

J .  Electroanal. Chem., 16 (1968) 295-312 



POTENTIAL-STEP ELECTROLYSIS A N D  LINEAR-SWEEP VOLTAMMETRY 301 

and i t  is seen that in this case, for x = o  both sides of the equation are zero, which is 
not the case with eqn. (37). Although this does not affect the shape of the P-function 
near E t  and beyond, the use of eqn. (37) caused difficulties in the work of PERONE 
AND MUELLER on derivative linear-sweep voltammetryg. The discontinuity a t  time 
t = o  attains significant values a t  the first peaks of the second and third derivative 
curves (dzP/dx%nd dVldx3). These authors apparently did not take into account 
the fact that this effect stems from their use of eqn. (37), and they failed to  draw a 
clear distinction between the theoretical and experimental aspects of this phenomenon. 
Use of eqn. (38) would have prevented this difficulty. 

In  order to avoid this discontinuity, we preferred to use eqn. (26) for the 
oxidation current, and not the more simple equation (27). The use of this latter 
equation causes the term (ex- I) in eqn. (35) to become ex, thus giving rise to a 
discontinuity a t  time t=o. 

(fl T h e  function Q (I/G/il), defined by eqn. (36) 
The function Q(I/G/L), defined by eqn. (36) converges slowly for small values 

of G/A. An approxin~ation for small values of Glil can be found as follows. The Laplace- 
transform (from il to s), in closed form, of this function is: 

I t  is easy to  derive the following relationship: 

The expression between brackets is obtained by expansion of eu in powers of u and 
carrying out the indicated division. Substituting 2VGT for u in eqn. (40) results in:  

(41) 
and baclz-transformation giveslo: 

exp ( - z2) 
Q(z) = I-erfcz - -- 

C'Z 

with z=lG/il. 
For very small values of z, one can put I - erfc z = erf z x  zzlvn, and assume 

that exp(-z2)z1 and that higher powers of z are negligible compared to  z. The 
result is a still simpler approxim a t '  lon: 

Q (z) = Z/I/Z. (43) 

In  Table I, the approximations (42) and (43) for Q(z) are compared to the exact 
equation (36), and it is seen that eqn. (42) especially, is a useful approximation for 
small values of z. In Fig. 2, Q(z) is shown for o <  z<  2.4. 

( g )  El iminat ion of parameter K =uz 
From eqn. (35) it can be ascertained that the re-reduction current-potential 
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curve depends on y (i.e., the initial potential with respect to the polarographic 
half-wave potential, see eqn. (22)), H =12o/D~ (combining influences of mercury-film 
thickness and rate of potential change), and K = ot (i.e., duration of oxidation period). 
Unlike the case of normal linear-sweep voltammetry, the re-reduction current func- 
tion, @(x) ,  will depend strongly on the value of y.  A larger value of y (more positive 
potential Ei) will allow more time for the mercury electrode to become depleted 
during the initial part of the potential sweep. Thus, the height of the re-reduction 
curve will decrease with increasing y. The same considerations lead to the conclusion 
that peak height will also decrease with increasing K. 

TABLE 1 
COMPARISON OF THE APPROXIMATIONS ( 4 2 )  AND (43) FOR Q(z) WITH THE EXACT EQUATION (36); 
= 1~71 

- 2  

Fig. 2 .  The function Q(z), with z = 1/G/A,  as defined by eqn. (36). 

When it is tentatively assumed that the decrease of the re-reduction current 
peak is largely governed by the time elapsed when the electrode reaches the potential 
Et,  counted from the application of the potential step, it might be supposed that 
this decrease remains the same when this time is constant: 

This assumption proved to be true when the appropriate numerical calculations 
were carried out. This result enables us to put K equal to zero and thus to eliminate 
this parameter from eqn. (35). This amounts to starting the sweep a t  once after 
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application of the potential step. Thus, the re-reduction current peak depends only 
on H and y. 

For a certain value of y, one can find pairs of values of K and y' according to 
eqn. (44). The value of y' must, however, not be chosen too small, as then the shape 
of the re-reduction current peak will depend on y', although K f l n  y' remains con- 
stantll. Thus, 

and it is seen that with In y -1n y' remaining the same, the waiting period increases 
with decreasing sweep rate. When H is also kept constant, t decreases sharply with 
decreasing film thickness. 

LOO 200 0 -200 LOO 200 0 -200 LOO 200 0 -200 - n(E-El I ImVl  
2 

Fig. 3.  Re-reduction current-potential curves obtained during a reducing linear potential sweep, 
for several values of H = lau/DR. For explanation see text. 

(h)  Numerical calculations and results 
The numerical calculations of re-reduction current-potential curves have 

been carried out using the method of H u B E R ~ . ~ .  The Algol-60 digital computer pro- 
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gram (available from the author on request) calculates Q(z) by eqn. (42) for z < 0.250, 
and by eqn. (36) for larger values of z. 

We have not carried out a comprehensive parameter study; instead, the most 
important properties of the re-reduction current peaks are summarized in Fig. 3. 
In  each of the nine figures (the large number not belonging to the vertical axis 
denotes the value of H=Z~O./DR) the thinly-drawn highest curve is obtained on 
direct stripping of the metal from the mercury film, starting the potential sweep a t  a 
negative potential. The middle curve is obtained on re-reduction following a potential 
step towards n(Ei-Et) =250 mV (at 25'). For the lowest curve, n(Ei-E+) =5oo mV. 

The height of the re-reduction current peak is strongly dependent on the 
values of H and n(Ei-Et),  especially for 5 < H < 20, while the proportion of heights 
between the direct stripping curve and the re-reduction peaks attains a constant 
value for small values of H .  For semi-infinite linear diffusion, the heights of all 
three curves would be the same1. I t  is estimated that for H-values between 40 and 
60, the lower curves will become identical with the SevEik-liandles P-function. The 
considerable loss in sensitivity for low values of H is caused by the rapid removal of 
tlle metal from the thin mercury film after the potential step, and subsequent diffusion 
into the solution, which rapidly diminishes the surface concentration of oxidized 
metal. 

(i) Limiting case for H +  o 
The constant proportion between the lieiglits of the direct stripping curve 

and the re-reduction peaks for small values of H suggests a siinplification of eqn. 
(35) analogous to that of the integral equation describing the direct stripping curvesG. 
Thus, a function O(x) is defined: 

@(x) = @(x)/VH, 
-- 

(46) 

Q ( ~ H I ( x + I ~ ) )  (with K put equal to zero) is approximated by eqn. (43), and tlie 
right-hand side of eqn. (35) is written as" 

The final result is : 
ex-I -- WE) 

Equation (47) defines a function O(x) which depends only on tlie value of y/H:. 
We have calculated O(x)-curves for a number of values of y /H+.  The maximum 
value of O(x), Omax, is plotted in Fig. 4 vs. log (y/Hj).  I t  is seen that Omax decreases 
with increasing y/H*, reflecting the loss in sensitivity tliat occurs when the re- 
reduction is started from more positive potentials and when a thinner mercury film 
or a lower sweep rate is employed. From tlie definition of O(x) it follows that a t  25": 

ip = 3.7547 x I ~ ~ @ ~ ~ ~ P z ~ A C R ~ ~ Z ~  amp, (48) 
where i, is the peak current (A), PZ the number of electrons in the electrode reaction 
equation, A the electrode area (cmz), CRO the initial concentration of R in the thin 
layer (mole cm-3), I the thickness of the solution layer (cm), and v the sweep rate 
(V sec-1). 
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By analogy with the case of direct reduction a t  a mercury-film electrodefi, 
one would expect a relationship of the form 

n(E,-E:) = c +zg.gSo log H m v .  (49) 

This relationship is indeed nearly fulfilled. The constant, c, does not change much 
when y / H i  is varied over a wide range. In Table z the values of Omax, the constant 
c of eqn. (49), and the widtli a t  half height, are given for several values of y/Hb. 

H' 

1:ig. 4. Maximum value of (-)(x), GI,,,,,, as  tlcf~ncd by cqn. (47). plotted us. log ( y / H f ) .  

PARAMETERS O F  @ ( A ' ) ,  AS D E F I N E D  B Y  R Q N .  (47), FOR S E V E R A L  V A L U E S  O F  ?/l/Ht; C I S  T H E  CONSTANT 

OCCURRING I N  R Q N .  (49) 

( j )  Discussion 
From an analytical viewpoint, the results of the theoretical investigation are 

\ornewhat disappointing. The properties of the current-potential curves do not 
permit a higll sensitivity or a good resolution of adjacent peaks to be achieved com- 
pared to direct stripping with a thin mercury-film electrode. In the latter case, 
s,,, (which is analogous to Om,, in eqn. (4S), see ref. 6) has the value 0.2971, and 
the height of the re-reduction curve is decreased by a factor 3.7-5.7. However, 
base-line difficulties caused by interfering electrode reactions and the presence of 
other depolarizers introduce other factors and in these cases the method of YARNITSRY 
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AND ARIEL can give better resultsz. I t  is advantageous to choose experimental con- 
ditions so that conditions of semi-infinite diffusion are approached as closely as 
possible. The use of a thin mercury-film electrode can therefore not be recommended 
in this method. The necessity of having a large value of H dictates the use of high 
sweep rates and short (perhaps even zero) oxidation periods (see eqn. (45)). This will 
cause the re-reduction current-potential curve to be superimposed on a very steep 
base-line (formed by the extrapolated oxidation current), and will make the recording 
and evaluation of the peak difficult. Thus, the approach of PERONE AND B I R K ~ ~ ,  
consisting of measuring the time-derivative of the direct stripping curve, seems to 
hold more promise than the method of potential-step oxidation followed by linear- 
sweep re-reduction, when a thin mercury-film electrode is employed. 

When a mercury-drop electrode is used, application of the method of YAR- 
NITSKY AND ARIEL does not entail a serious loss of sensitivity as long as conditions 
of semi-infinite diffusion are adhered to as closely as possible (short oxidation periods 
and high sweep rates). Conditions of semi-infinite diffusion are less difficult to achieve 
with a mercury-drop electrode than with a thin-film electrode owing to the generally 
large radius of the mercury drop. The drop radius, which is of the order of 0.5 mm = 
500 p, is analogous to the mercury-film thickness, which seldom exceeds 50 p. 

POTENTIAL-STEP REDUCTION FOLLOWED BY LINEAR-SWEEP OXIDATION 

(a) Initial and boundary conditions ; integral equations 
Equations (I) and (2) must be solved with the following initial conditions: 

where CO now denotes the initial concentration of oxidized metal in the aqueous 
solution. The boundary conditions are given by: 

t< t: co(o,t) = e c R ( ~ , t ) ,  with e+  I (52) 

t  >z: CO(O, t) /C~(o,t) = e exp[-a(t - t ) ]  (53) 

aco 
DR($)~=" =  DO(^)^_. = 

lim Co(y, t) = CO. 
Y+oo 

The boundary condition at x=l is given by eqn. (9). The flux, q(t), is so defined as 
to have a positive value for the oxidation process. The metal, present in the aqueous 
solution in its oxidized form, is thus reduced by a potential step applied a t  time t=o  
from an infinitely positive potential towards a negative potential, Ei (see eqn. (6)). 
At the end of the reduction period of t sec, the potential is linearly changed with 
time towards more positive values : 

We use the same dimensionless quantities as defined earlier, except for ~ ( j l ) .  
which is now defined by 
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~(1)  = q(t)l/t/c"~noE( = q(t)/COl& (57) 

I t  is easily verified that the eqns. (I) and (2) with the initial and boundary conditions 
formulated above can be summarized in the following integral equations: 

(6) Reduction current and integral equation for the re-oxidation current peak 
The expression for the reduction current can be derived in the same way as 

for the oxidation current by combining eqns. (52), (58), and (59); this derivation 
results in: 

which reduces to the familiar form for semi-infinite diffusion when y is assumed to 
be zero and/or G infinitely large. 

Equation (60) is now used to define a new current function, @'(A), strictly 
analogous to the procedure used in the previous case (see eqn. (29)). The derivation 
of the desired integral equation also follows the same lines, using the same parameters 
in the transformation (eqns. (32)-(34)). The final result is: 

This equation has the same form as eqn. (6) of ref. 6, except for the factor Q(I/GT) 
in the first left-hand side term: 

The parameter K = u t  can be eliminated from eqn. (61) by an analogous 
reasoning to that in the previous case; then 

(c) Tlze function ~(I/q;i), defined by eqn. (62) 
The Laplace-transform of Q((IGII) is 

(64) 
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and the second fraction in the right-hand side of eqn. (64)  is written as 

Putting u=21/Gs, combining eqns. (64)  and (65) ,  and back-transforming the resulting 
expression gives an approximation for small values of z = I/G/A : 

For very small values of z :  

In Table 3, the approximations (66)  and (67) are compared to the exact equation 
(62) .  Figure 5 shows Q(z)  for o < z < 1.6. 

TABLE 3 

Fig. 5. The function Q(z) ,  with z = I ~ G I A ,  as tlcfincd b y  cqn. (62) .  
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( d )  Numerical ca1culation.s and results 
The numerical calculations of the re-reduction current-potential curves have 

been carried out by the method of HUBER. Q(z) was calculated by eqn. (66) for z< 0.4, 
while eqn. (62) was used for larger values of z. 

The results have been summarized in Fig. G .  In each of the nine figures, the 
thinly-drawn lowest curve is obtained on direct reduction of 0, starting the linear 
potential sweep a t  a positive potential. The middle curve is obtained on application 
of a potential step towards pz(Ei-E:) = -250 mV and immediately starting the 
linear potential sweep back towards positive potentials. For the highest curve, 
n(Ei-El)  = -500 mV. The large number in the figures again denotes the value of 
H=L%/DR. With decreasing H ,  the re-oxidation peaks become higher and their 
width decreases. 

I t  might be expected that decreasing the value of H, which can be interpreted 
as decreasing the value of a and thus allowing more time for the reduction of metal 
(leading to a higher concentration in the mercury film), would result in an increase 

Fig. 6. 1Ze-oxidation current-potential curves ol>tnined during an oxidizing linear potential 
swccp, for several valurs of Ii = l % ~ / l l n .  l'c~r explanation sec text. 

J .  Electvoaltal. Chem., 16 (1968) 295-312 
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of the height of the (dimensionless) re-oxidation current peak. This is not the case 
for smaller values of H, as can be seen from Fig. 6. The explanation of this behaviour 
can be found in the properties of the oxidation current peak obtained with a very 
thin mercury-film electrode6. The height of the peak is proportional to the total 
amount of metal in the film, ICE, and to the rate of potential change, a. Thus, changing 
H by altering the film thickness leaves LCR unaltered. When a is changed, the amount 
of metal reduced after application of the potential step also changes, being proportional 
to o-"current is proportional to t-9). The flux is thus proportional to a.o-k=o< and 
the dimensionless flux is independent of a. Thus, for low values of H, an increase in 
the dimensionless re-oxidation peak can only be achieved by decreasing the value 
of *. 

- log Y 
"4 

Fig. 7 .  Maximum valuc of @(%) for H+o, a,,,,, as defined b y  cqn .  (OX), plottctl 71s. log ( y / H t ) .  

TABLE 4 

PARAMETERS OF @ ( x ) ,  FOR H + o ,  AS DEFINED BY EQN.  ( o x ) ,  FOR SEVERAL VALUES OF H h / y ;  C IS 

T H E  CONSTANT OCCURRING IN  EQN. (70) 

( e )  Limiting case for H+o 
The integral equation describing the re-oxidation current peak for very small 

values of H can readily be found by simplifying the right-hand side of eqn. (61) in 
the usual way, and using eqn. (67) : 
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@(x) depends only on the value of HIIy when H approaches zero. The maximum 
value of @ ( x ) ,  @,,,,,, is plotted vs. log (vIH4) in Fig. 7. The gradual increase of @,,, 
with decreasing y / H i  reflects the influence of a longer time during which reduction 
takes place. At 25": 

i, = 6.020 x IO~CD, , ,~~ACO~D~+V+ amp, (69) 

while the relationship 

n(E,- E : )  = c +29.580 log H mV (70) 

is also nearly fulfilled, as can be seen from Table 4, where several parameters of 
@(x) are given for some values of y/Hb. 

(f) Discussion 
The method described has not yet found analytical application. Although a 

(modest) increase in sensitivity is obtained, and adjacent peaks can be better re- 
solved, any practical application would be very limited in scope (e.g., the determina- 
tion of Cd, TI, Pb, Cu). This technique could, however, be useful for elucidating the 
nature of the electrode reactions occurring at  a mercury-film electrode. The linear- 
sweep voltammetric experiments reported by DE V R I E S ~ ~ ,  PERONE AND  DAVENPORT^^ 
and PERONE AND BRUMFIELD~~ ,  show a poor quantitative agreement between theory 
and experiment, and this shows that many reactions regarded as reversible do not 
take place as such at  a mercury-film electrode. In the case of a metal-based mercury- 
film electrode (e.g., on Ni, Ag, Au, Pt) ,  formation of intermetallic compounds could 
come into play, although this is certainly not the only factor causing deviations 
from reversibilityl3. If the formation of an intermetallic compound is a slow process, 
its presence or absence could be easily detected using the technique of a reducing 
potential step followed by an oxidizing linear potential sweep, by varying the time- 
scale over which the experiment is carried out. 
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SUMMARY 

A theoretical treatment is given of constant-potential electrolysis followed by 
linear potential-sweep voltammetry at  a mercury-film electrode. The case of an 
oxidizing potential step followed by reduction with a linear sweep is considered, as 
well as that of a reducing potential step followed by oxidation with a linear sweep. 
The analytical aspects of the results are discussed. The effect of initial and boundary 
conditions on the continuity of the current-potential curve a t  the start of the 
potential sweep is considered. 
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IKTRODUCTION 

During a study of the behaviour of polyphosphates on the mercury dropping 
electride by the method of oscillographic polarography with alternating currentl, it 
has been found that, in an acidic medium, an indentation of a capacitive character 
is produced on the oscillogram. The capacitive indentations correspond approximately 
to  the desorption maxima on the differential capacity curves2.3. In the present paper 
the capacity curves of polyphosphate solutions and their changes after the addition 
of neutral salts are discussed. Measurement of the differential capacity is tedious, 
but analogous results can be obtained with the aid of a.c. polarography4. The a.c. 
polarograms follow the same trend as the capacity curves5.6. A.c. polarography was 
used for indicating the changes taking place in polyphosphate solution, caused 
through spontaneous hydrolytic degradation of the polyphosphate macromolecule. 

EXPERIMENTAL 

Tlle polyphosphate solution was prepared by dissolving sodium polyphosphates 
(from Dr. U. P. STRAUSS, U.S.A.) having a mean molecular weight of 14,500, in 
distilled water and diluting with the respective electrolyte. 

The differential capacity was measured by the classical bridge method7 with 
the aid of a low-frequency Schering bridge Tesla TM 3 5 1 ~ . ~ ,  using a frequency of 
1000 c/sec and an alternating voltage ainplitude of 10 mV. The measurements were 
performed with a mercury dropping electrode, flow rate m=o.262 mglsec, drop-time 
t =6.o sec, unless otherwise stated. 

The a.c. polarograms were obtained with a GWP 563 polarograph (Akademie- 
Werkstatten fiir Forschungsbedarf der DAW, Berlin-Adlershof, Germany) lo working 
with a frequency of 78 c/sec and an amplitude of 10 mV. D.c. polarograms were also 
obtained with the same instrument. The a.c. polarograms were obtained at  a sen- 
sitivity of 10 ,IAA and damping 7, and the d . ~ .  polarograms a t  a sensitivity of 2.5 pA 
and damping 2. A mercury dropping electrode having a flow rate of m=g.g~ mglsec 
and a drop-time t=4.o sec was used for polarographic measurements. 

A NovAk's vessel11 with a nitrogen atmosphere was used for differential 
capacity and polarographic measurements. The potential of the mercury electrode 
was measured with reference to the mercury pool a t  25'. 
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RESULTS AND DISCUSSION 

The capacity curves of solutions containing 5 mg/ml polyphosphate in 0.5 M 
sodium acetate, 1.0 M sodium acetate, and 0.5 M citric acid were established. A 
maximum appeared on the curves a t  a potential of approximately -0.6 V. This 
maximum was most pronounced when 0.5 M citric acid, p H  2.4, was used as support- 
ing electrolyte, with drop-time 6 sec (Fig. I). 

The a.c. polarograms of a solution containing I mg/ml polyphosphate in 
0.5 M citric acid (Fig. 2) follow a similar course to the capacity curves. 

Fig. I. Capacity curves of soln. of 5 mg/ml polyphosphate in 0.5 M citric acid, m = 0.262 mg/sec. 
( x ) ,  supporting electrolyte; (A),  t = 3.7 sec; (e), t = 6.0 sec; (o) ,  t = 9.7 sec; 13.4 sec. 

No polarographic waves appeared on the d.c. polarograms of 0.5 M citric 
acid and of a solution of polyphosphate in 0.5 M citric acid (Fig. 3) in the potential 
range -0.2 to -1.2 V. The polarograms were almost linear, a break appearing on 
the polyphosphate polarogram only a t  a potential of -0.6 V. Under the given condi- 
tions, the solutions tested are thus polarographically inactive and the maximum 
arising on the capacity curves and a.c. polarograms a t  a potential of -0.6 V is 
apparently of a capacitive character and arises through an adsorption-desorption 
process. Polyphosphate is adsorbed on the electrode surface a t  potentials more posi- 
tive than -0.6 V and a t  potentials more negative than -0.6 V is desorbed from the 
electrode surface (the a.c. polarograms and capacity curves of polyphosphate merge 
with the curves of pure supporting electrolyte). In the adsorption of polyphosphate, 
electrostatic forces act between the positive charge of the electrode and the negative 
charge of the polyphosphate (irrespective of the acidic medium, polyphosphate is 
a t  least partly dissociated and/or dissociation takes place on the positively charged 
electrode surface by induced ionizationl". 
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Fig. 2. A.c. polarograrn for 0.5 M citric acid and 0.5 M citric acid containing I mg/ml poly- 
phosphate. Sensitivity, 10 /LA;  damping, 7;  amplitude, 10 mV; frequency, 78 c/sec, sweep rate 
of potential, 0.2 V/min. After (a) o h, (b) 24 h, (c) 48 h. 

Tlle potential of the maximum corresponds to the potential of the indentation 
observed on the oscillopolarogran~s of polyphosphate solutionsl. Our results support 
the conclusion that this indentation is of a capacitive character. The maximum of 
the a.c. polarogram (Fig. 2) is essentially higher than that of the capacity curve 
(Fig. I) ,  although the concentration of polyphosphate was one-fifth of that used for 
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E[V]

+0.8

+0.6 .

o

-0.2

-0.4

-0.2 -0.4 -0.6 -0.8 -1.0 -1.2 -14
E[V]

Fig. 3. D.c . polarogram for 0.5 M c itric acid. Sensitivity, 2.5 u A; clamping, 2 ; sweep ra te o f poten­
tial, 0.2 V/min . (a) without, (b) wit h 1 m g/ ml polyphosphatc.

the capacity curve because in order to atta in a better adsorption- d esorption equ :­
librium, the altem ating voltage frequency used in measurements of the a .c. polaro­
grams was less than one-tenth ofthat used in measurements of the capacity curves12,I a

In time, the maximum on the a .c. polarograms diminishes, shifting slightly anodica lly
(Figs. 2b and c) because of the decrease of the molecula r weight of poly phosphate due
to spontaneous hydrolytic degradation of the macromolecules. Shorten ing of the
chain-length of m olecules usua lly results in a diminution of the surface act ivity, the
desorption maxima subsequently decreasing 4 ,14,15.

The addition of n eutra l salts, NaC!, KCl, CaCb, to the support ing electrolyte
decreased the desorption maximum, Figs. 4- 6. If the concentrat ion of NaCI in creased
five-fold, the maximum diminished by about 5% . At a five- fold higher concentration
of KCl, the maximum decreased by about 9%, while a two-fold in crease in the
concentration of CaCiz lowered the maximum by about 23%. This shows that the
ability of ions to suppress the maximum increases in the order Na+< K +< Cau .

The cations form a counter-ion atmosphere around the central polyanion, screen
the charges of the dissociated phsophate groups of polyphosphate and thus reduce
the ability of polyphosphate to adsorb electrostat ically. Na+ ion s seem to be most
loosely bound to the polyphosphate; the electri c fi eld in the neighbourhood of the
electrode may eas ily repel Na+ ion s from the phosphate groups. Ca2+ ions are most
strongly bound and are thus the most efficient in hindering the adsorption of poly­
phosphate. The intensity of the interaction of Na+, K +, and CaH ions with poly-

J. Electroanal. Chen!., 16 (1968) 3 13- 318
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phosphate increases in the same order as the intensity of the interaction of theseions 
with alginic acid16.18. The differences in the coupling of Na+ and K+ ions to the poly- 
anion are explained by the different radii of the hydrated Na+ and K+ ionslg. The 
strong coupling of bivalent ions to the polyions is explained by the specific association 
of ions with the polymeric chain and with formation of neutral ion pairsl"l7. 

A similar effect to that produced by the cations of neutral salts is obtained 
with the cations of bases, and the adsorption of polyphosphate in an alkaline medium 
is therefore, suppressed (no indentations appear on the oscillopolarogram of poly- 
phosphate solutions in an alkaline mediuml). 
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SUMMARY 

Measurements of the differential capacity of tlie mercury dropping electrode 
and d.c. and a.c. polarograms of polyphosphate solutions in an acidic medium have 
been recorded. A comparison of the capacity curves with the a.c. and d.c. polarograms 
shows that the maximum arising on tlie capacity curves and the a.c. polarograms 
a t  a potential of -0.6 V is of a capacitive character and is due to desorption of 
polyphosphate from the negatively-charged electrode surface. Polypliosphate is ad- 
sorbed on the electrode primarily through electrostatic forces. The cations of tlie 
neutral salts, NaC1, KC1, CaClz screen the charges of the pllosphate groups of poly- 
phosphate and suppress adsorption with subsequent decrease of the desorption 
maximum. The ability of cations to suppress the maximum increases in the order 
Na+ < K+ < Ca2+. In time, degradation of the n~acromolecules takes place in the 
phosphate solution in an acidic medium, and the desorption nlaximum decreases 
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INTRODUCTIOX 

The electrodeposition bellaviour of a metal ion a t  an inert electrode in quan- 
tities insufficient to form a monolayer a t  the electrode surface cannot be described by 
the abridged for111 of tlie Nernst equation'. In  most instances, curves relating the 
amount of the ion deposited to the potential of the electrode, exhibit one or more 
steps which are considerably more anodic than the step described by the abridged 
form of the Nernst equation. This phenomenon, referred to as an undervoltage effect, 
has been extensively investigated by ROGERS and co-workersz-7, and has been 
attributed to : 

(i) variations in the activity of the deposit with fractional surface coverage?; 
(ii) the nature of the inert electrode and the state of its surface including adsorp- 

tion effects3; 
(iii) intertnetallic bonding6. 
Undervoltage effects have largely been ignored in controlled-potential coulo- 

metric titration procedures involving the deposition and stripping of metals a t  inert 
electrodes. This action is justified when the amount of metal ion involved in the for- 
mation of a surface nlonolayer a t  the inert electrode is a negligible fraction of the 
total amount titrated. However, when microgram quantities are deposited at ,  or 
stripped from an inert electrode, the amount involved in monolayer formation is 
significant and the deposition and stripping potentials must be selected with care. 
All~lost no quantitative information is available on this effect, and the correct 
potentials for titrating microgram quantities of a particular metal ion must be deter- 
mined by experiment. 

The technique of scanning coulornetryR should be ideally suited for the deter- 
mination of trace metals in solution. The recorded coulogram is essentially a pictorial 
display of the reactions a t  the working electrode; the deposition potentials and the 
atnount of substance deposited can be obtained directly from the coulogram. In view 
of the inlportance of primary coulon~etric methods, a study was made of the quanti- 
tative deposition of trace metals a t  the gold electrode by scanning coulometry. Silver 
was selected for study because this metal is known to exhibit undervoltage effects, 
and radioactive 1lOAg is readily available for tracer studies. 
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EXPERIMENTAL 

Apparatus  
The scanning coulometer is described in an earlier papers. The instrument was 

used in both the controlled potential and scanning modes. For electrolysis a t  controll- 
ed potential, the titration was initiated a t  the equilibrium potential of the electrode 
with respect to the solution. The potential was then aclvanced manually to tlie 
desired electrolysis potential to prevent amplifier overloacl. The background com- 
pensation circuits were not used. 

In tracer experiments, radioactive gamma activity wai monitored with a 
4-in. NaI(T1) crystal detector and conventional counting equipment. 

Cell and electrodes 
The cells described in an earlier papera were iitted with side arms to permit the 

addition of aliquots of the silver solution. The I-in.-diameter, cylindrical gold 
electrodes were fabricated from 20 mil 99.95% gold foil (Handy and Harman, Inc.) 
with a total surface area of approximately 30 c ~ n "  a11 - :-in. g-ap was left in the side 
of the cylinder. The edges of the gap were offset - A in. along tlie diameter (in the 
direction of rotation of the stirring bar) to provide for free circulation of the solution 
on both sides of the foil. 

The mercury-mercurous sulfate (I M sulfuric acid) electrode, MSE, used in 
this study had a potential of +o.418 If10.003 V vs. tlie saturated calomel electrode. 

Reagents 
All chemicals were reagent-grade and were used witl~out further purification. 

The distilled water was deionized to remove copper. 
Stock solutions of silver were prepared by dissolving weighed amounts of 

silver nitrate in I M nitric acid. Standard solutions, 100-150 pg of silver/ml, were 
prepared by diluting tlie stock solution with I M percliloric acid. The resulting solu- 
tions were sufficiently concentrated, - ~ o - ~  M ,  so that adsorption on the walls of 
the container was minimal. However, to minimize further loss with time, the solutions 
were stored in polyethylene bottles and fresh dilutions were prepared periodically. 

The llOmAg solution for the tracer studies was purchased from tlie Isotopes 
Division of the Oak Iiidge National Laboratory. This solution contained 0.4 mg of 
carrier silverlml in 0.6 M nitric acid; the specific activity was 3.95 If10.4 mcuries/nll. 

All solutions were sparged continuously througllout the titration with helium. 
The helium had previously been bubbled through distilled water to minimize evapora- 
tion from the cell. 

Background coulograms and electrode condztzoning 
Scans of the electrolyte solution were recorded before each titration to provide 

a convenient means of correcting for the background quantity of electricity and to 
ensure that no residual silver remained from previous titrations. The cell and elec- 
trodes were thoroughly rinsed with deionized water, 10 ml of  I M perchloric acid was 
added to the cell, and the solution was then electrolyzed a t  controlled potential at  
+0.6, -0.65 and +o.6 V. The electrolysis was continued a t  each potential until tlie 
current had decayed to a steady value. In this study, the current at  +0.6 V reached a 
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steady value of w1.5 pA after about 10 min. The current at -0.65 V was quite high 
due to the evolution of hydrogen; however, an electrolysis time of 10 min was usually 
sufficient for complete removal of silver. A background scan was then recorded from 
+0.6 to -0.4 V ;  if traces of silver were evident, the solution was again electrolyzed at 
-0.65 V and then at +0.6 V to remove the silver completely from the electrodeg. The 
solution was then discarded, and the procedure repeated with a fresh aliquot of I M 
perchloric acid. 

Titration by automatic scanning 
Upon completion of a background scan, the electrolyte solution was electro- 

lyzed at controlled potential at  +0.6 V until the background current decayed to a 
steady value, as before. An aliquot of the silver solution was added, and the coulomb- 
potential curve was recorded automatically from the equilibrium potential of the 
electrode to -0.4 V. After the titration, the solution was electrolyzed at -0.65 V 
and +0.6 V and discarded. 

The cell was filled with I M nitric acid when not in use. 

Titration by manual scanning 
The procedure for stepwise titrations at a series of potentials was identical 

with that described above except that the scan rate control was turned to "zero" and 
the electrolysis potential was advanced manually in zo-mV increments. The elec- 
trolysis current was allowed to decay to a steady value a t  each potential. Thus these 
titrations were effected under nearly equilibrium conditions. 

For stepwise titrations of llOmAg solutions, the potential was advanced in 
50-mV increments and 25-pI aliquots of the solution were removed at each step and 
counted for gamma activity. The amount of silver deposited was then calculated as 
the difference between the gamma activity of the aliquot added to the titration cell, 
and the gamma activity of the solution a t  the potential corresponding to each step. 

RESULTS 

In the initial phase of this study, coulograms (coulomb-potential curves) for 
the electrodeposition of silver at the gold electrode from 0.1 M perchloric acid were 
recorded for comparison wit11 similar curves published by GRIESS et al. for the electro- 
deposition of silver at hammer-forged gold and gold-foil electrodes. The observed 
electrodeposition behaviour followed a pattern similar to that reported by these 
authors. 

Coulograms recorded in this study (Fig. I) for the electrodeposition of silver 
show three waves due to undervoltage effects. The fourth wave ( E t =  -0.2 V) 
corresponds to the reduction of silver a t  its standard potential. The half-wave 
potentials for the first three waves ( E l =  +0.55, +o.4 and +o.o5 V) were essentially 
independent of concentration, while GRIESS'S curves were concentration dependent. 
Almost identical deposition curves were obtained in I M solutions of nitric, sulfuric 
and perchloric acids. The individual curves were reproducible to +IO-4 C. The 
exclusion of light from the titration cell had no apparent effect. 

The reversibility of the deposition process was demonstrated by recording a 
coulogram for the stripping process under nearly equilibrium conditions. This 

J. Etectroanal. Chem., 16 (1968) 319-326 



322 R. C. PROPST 

Electrode Potential vs. MSE 

Fig. I. Coulograms showing the elcctrodeposition bchaviour of silver. 36 cm-u-electrode; M 
HClO4 electrolyte. 

coulogram exhibited three well-defined waves with half-wave potentials of +0.4, 
+o.o5 and -0.2 V. The wave, Et= +0.55 V, was not detected since this small wave 
merged with the wave produced by the dissolution of gold at +0.6 V. In similar ex- 
periments, in which curves for the stripping process were recorded by scanning 
coulometry, three waves were also produced; however, the waves corresponding to 
undervoltage effects were not well defined, and the half-wave potentials for these 
waves were dependent on the scan rate of the instrument. Coulograms of the dissolu- 
tion process are, therefore, not useful for quantitative analysis. 

Confirmatory evidence for the deposition of silver from +o.6 to -0.5 V was 
obtained by titrating the llomAg solution under nearly equilibrium conditions and by 
scanning coulometry. Curves for the percentage of radioactivity deposited vs .  poten- 
tial exhibited waves at potentials identical with those shown in Fig. I. 

The half-wave potentials and slopes for the waves attributed to undervoltage 
effects were calculated by means of the modified form of the Nernst equation derived 
by ROGERS AND STEHNEY~, and the wave, E t =  -0.2 V, was analyzed by means 
of the Nernst equation for the deposition of a metal ion a t  a surface of similar atoms. 

The first undervoltage process for the deposition of silver occurs in the poten- 
tial range from +0.6 to +0.5 V and involves the deposition of silver in amounts of 

0.025 pglcm2 of electrode area. Thus, when silver in the titration cell was < 10-W, 

this was the only wave produced by the deposition of silver. The half-wave potential 
and corresponding value of the slopes for this process are given in Table I. The appar- 
ent current efficiency for this process varied from 90-160%. 

We tried to determine the current efficiency for this process as the ratio of the 
amount of silver deposited a t  +0.5 V (determined by gamma counting) to the amount 
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deposited a t  +0.5 V determined by coulometric measurements. These attempts were 
only partly successful due in part to the inability to distinguish precisely between the 
amount of silver adsorbed on the glass components of the cell and that deposited on 
the electrode, together with the poor reproducibility for coulograms recorded in this 
range. Also, traces of gold produce a wave on the coulogram that cannot be distin- 
guished from the first silver deposition wave. 

TABLE 1 
HALF-WAVE POTENTIALS A N D  VALUES O F  THE SLOPE FOR UNDERVOLTAGE PROCESSES 

U'aue E r  (1') Slope ( V )  Sources 

Coulogram 

O/, Activity deposited us. potential 
Coulogram 
Stepwise titration in 20-mV increments 

% Activity deposited us. potential 
Coulogram 
Stepwise titration in 20-mV increments. 

Coulogram 
O/, Activity cleposited us. potential 

The second wave produced by the deposition of silver appeared whenever the 
amount of silver in the titration cell was greater than the amount required to produce 
a deposit of > 0.025 pglcm2 of electrode area. This process involves the deposition of 
silver in amounts from o.oz5-o.130 pgjcm2 of electrode area with a current efficiency 
of - 150%. The half-wave potential and value of the slope for this wave are given 
in Table I. 

The third silver wave involves the deposition of silver from 0.130-0.250 
pglcm2 of electrode area. The maximum amount of silver required to complete the 

Silver Added. pg 

Fig. 2 .  Typical electrode calibration curve. working electrode; M HC104 electrolyte. 

Fig. 3 .  Titrated us. deposited silver. 13  ~ r g  carrier silver with 11OmAg tracer; 36 cm2 Au-electrode; 
10 nll M HClO4 clectrolytc. 
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development of this wave is in reasonable agreement with the calculated amount, 
0,275 pglcmz, required to form a monolayer at the gold electrode. Thus, the first 
three waves are attributed to the monolayer formation process. The half-wave 
potential and corresponding value of the slope for the third wave are given in Table I. 

The standard potential and slopes for the fourth wave (Table I) agree well 
with published values for the Ag-Ag+ couple. This wave therefore corresponds to the 
reversible reduction of the silver ion a t  the silver electrode. 

Curves illustrating the current efficiency obtained for the monolayer formation 
process (first three waves) are shown in Figs. 2 and 3. The data for Fig. 2 were taken 
from the curves shown in Fig. I ; the curve is a plot of the amount of silver titrated 
vs. the amount of silver added to the titration cell. The data for the curve in Fig. 3 
were obtained by titrating an aliquot of the ORNL llOAg solution by scanning 
coulometry. The percentage of silver titrated for the wave was obtained from an 
electrode calibration curve constructed in the manner of Fig. 2. The break in the 
curves of Figs. 2 and 3 occurs at the point representing the maximum height of the 
third wave and the completion of the monolayer formation process. The current 
efficiency for the monolayer formation as represented by the slope of the curve before 
the break, is nearly 150%. The slope of unity following the break shows that the 
deposition of silver at its standard potential proceeds with 100% current efficiency. 

Further evidence that the observed undervoltage effects are produced by the 
monolayer formation process was obtained by recording a family of curves showing 
the development of the first three silver waves as a function of electrode area. The 
ratio of the heights of the second and third waves was approximately unity for all 
electrode areas, and the amount of silver in pglcmz required to completely develop 
the second silver wave was also approximately constant for all areas. This result is 
given in Table 2. 

TABLE 2 
MAXIMUM HEIGHT OF COULOGRAM AT $ 0 . 2  V versus ELECTRODE AREA 

Electrode area M a x .  curve height, p g  Silver Silver deposited 
(geometric) ( cmz)  (c) COYY. fov ( /%/cmz) 

150% C E  

5 . 2  0 -  = 45 
3 .7  0 .137 

2.7  0.147 
1.2 0.127 

Av.  0 . 1 4  & 0.01 

In view of the undervoltage effects as described above, two alternative ap- 
proaches to the quantitative titration of silver at the goldelectrode were evaluated. One 
approach was to construct a calibration curve for each individual electrode similar to 
the curve shown in Fig. 2. The amount of silver titrated was then corrected on the 
basis of the calibration curve to give the actual amount of silver in the titration cell. 
The second approach was to correct the height of the coulomb-potential curve as 
measured a t  -0.3 V for the 150% current efficiency of the monolayer formation 
process as measured a t  -0.05 V. Typical results for both approaches are given in 
Table 3.  These data show that the first approach is more precise. The relatively poor 
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TABLE 3 
-. -- 

Electrolyte Cl-  No. of 
fM) titrations 

A v .  recover?, and coef. uar. 

B y  curve By calcn 

~ o r f  3.8% roof 2.7% 
99f2.0% 104f-11.0o/, 
98f3.6% 104f  7.0% 
a 100f 5.6% 
a 1 0 3 f  9.0% 

No calibration curve prepared. 

precision obtained by direct calculation is attributed to the use of the height of 
the coulogram a t  -0.05 V as a measure of the amount of electricity consumed by the 
undervoltage processes. Theoretically, the height of the wave a t  -0.05 V can be 
corrected on the basis of the Nernst equations for the undervoltage and primary 
deposition processes, to show only the amount of electricity consumed by the under- 
voltage process; however, the calculation is lengthy and only a small increase in 
precision results. 

The effects of pH, chloride ion and nitric and sulfuric acids on the quantitative 
titration of silver were also studied. Essentially identical results (Table 3) were ob- 
tained for the deposition of silver from 0.1 and I M solutions of nitric and perchloric 
acids. Above pH I, removal of silver from the titration cell becomes increasingly 
difficult, and the titration results are erratic. However, in spite of this erratic behav- 
iour, the half-wave potentials for the four waves were essentially independent of pH in 
the range studied. 

Trace amounts of chloride ion liad a negligible effect on the titration results 
even when tlie product of the concentrations exceeded the solubility product for 
silver chloride by a factor of 25. However, excessive chloride produces low results and 
must be avoided. 

Attempts to use sulfuric acid for this titration were unsuccessful probably 
because of the limited solubility of silver sulfate. The stoichiometry for the under- 
voltage processes was essentially the same as that observed in nitric and perchloric 
acids but the results became progressively lower with increasing concentrations of 
silver. 

DISCUSSION 

The electrodeposition behaviour of silver in this study generally agreed with 
the theory of GRIESS et al.%ltllougli the reproducibility was better than expected in 
view of the stated importance of the nature of the electrode surface. Several different 
gold electrodes were used in these studies ; some of these electrodes had been in service 
for more than two years. The gold foil thus represented more than one order from the 
vendor. Also, one of these electrodes liad a rough and pitted surface resulting from an 
unsuccessful electro-polishing attempt. No differences in the electrodeposition 
behaviour of silver other than the amount required for monolayer formation was ob- 
served a t  any of these electrodes. On this basis, tlie procedure involved in obtaining a 
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low titration blank may be largely responsible for the reproducible surface con- 
ditions a t  the electrode. 

During the initial phase of this study, the first wave for silver, E ,  =o.55, was 
attributed to the deposition of traces of gold because an identical wave appeared on 
the coulogram whenever traces of gold were added to the titration cell, or when the 
electrode was scanned into the region 10-20 mV more positive than + o h  V. Since 
later experiments with the *lOAg solution indicated that silver was indeed deposited 
in this potential range, an attempt was made to determine the precise contribution of 
gold to the height of the coulogram a t  +0.5 V. The average gold content of the 
solution a t  fo.6 V and +0.5 V, both before and after the addition of silver, was 
determined by  activation analysis. The results indicate that the deposition of gold 
accounted for only, approximately, 15-25% of the wave height a t  0.5 V. In view of 
the variable amounts of gold present in solution a t  +o.6 V, analytical results based 
on the height of the first silver wave, E l  =o.55 V, can be expected to be high and the 
precision to be poor. 

We have no explanation for the observed 150% current efficiency of the under- 
voltage processes for silver. Undervoltage processes for the electrodeposition of 
bismuth and polonium a t  the gold electrode proceed a t  100% current efficiency. 
BYRNE AND ROGERS 3 have commented on the effect of complex reactions; perhaps 
the deposition of a polymeric ion is involved here. 
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SUMMARY 

The effects of the monolayer formation process on the coulornetric titration 
of silver a t  the gold electrode are described. The electrodeposition of silver in less 
than monolayer amounts occurred in three distinct steps. These steps were from 0.25 
to 0.75 V more positive than predicted by the abridged form of the Nernst equation, 
and the corresponding current efficiencies were 150q/o The standard deviation of the 
coulometric method in the concentration range that includes monolayer formation 
was 3.3%. 
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Tlie electrochemical reduction of indium(II1) is interesting in that it is 
irreversible for tlie ayuo ion but is strongly catalyzed by certain anions. Previous 
references to this effect have been summarized in a recent report by MOOR HEAD^. 
Like the Ni(I1) reductive catalysis"3, tlie In(II1) catalysis can be utilized for con- 
centration determinations of the activating species at  rather low levels4. Factors of 
apparent importance in the catalysis are the surface adsorption properties of the 
activating species and its labilization of the aquo coordination shell of the metal ion 
by an interfacial coordination reaction5. 

Tliiocyanate ion is an example of an activating anion in In(II1) reductive 
catalysis; when added in low concentrations, it produces a catalytic wave near the 
reversible In(II1) potential. At high concentrations, thiocyanate permits an In(II1) 
diffusion-controlled reduction in the potential interval -0.5 to -0.9 V vs. S.C.E.6. 
Tlie report by MOOR HEAD^ describes an a.c. admittance study of the reduction under 
this condition. Qualitative evidence for adsorption of an In-SCN complex was 
derived from observation of a double admittance peak. This finding raises the 
possibility of involvement of metal complex adsorption in the In(II1) reductive 
catalysis, and i t  seemed of interest to examine more quantitatively the In(II1) 
adsorption from thiocyanate medium, and from other halide media (iodide and 
bromide) which also exhibit reductive catalytic activity toward the In(II1) ion. This 
report presents the results of this examination, and the findings of a study of a 
potentially analogous case, tlie Ni(I1) reduction from thiocyanate medium. 

Quantitative data on In(II1) adsorption a t  a hanging mercury drop electrode 
(HMDE) in thiocyanate medium were derived with the chronocoulometric technique7, 
in which a charge-time transient is recorded following a potential step from an Einit. 
allowing no faradaic reaction, to an Efinal exhausting the reactant surface concen- 
tration. The appropriate relation is 

where (Qb~ank-Q~ci~) represents the double-layer contribution to the intercept of a 
Q - t b  plot. This plot can be displayed directly on an oscilloscope screen with a recently 
described chronocoulometric functional readout apparatuss. The double-layer correc- 
tion term, Qblank, is obtained from a potential step in the absence of the metal ion. 
The term QAm, which represents the modification of double-layer charge a t  E i n i t .  by 
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the adsorbed metal complex, is determined8 from the difference in integrated current 
flowing (at E init .)  a t  a DME in the presence and absence of metal ion. 

EXPERIMENTAL 

Cltevnicals 
Reagent-grade chemicals were used without further purification, except that 

sodium perchlorate stock solutions were prepared by NazC03-HC104 neutralization. 
\Vater was ion-exchange and carbon-colunln purified. Stock NaSCN solutions were 
prepared just prior to use to avoid any adverse decompositions. The NaSCN electrolyte 
solutions contained 0.1 M HClO4 to prevent indium hydrolysis and sufficient NaC104 
to maintain a constant ionic strength of I M to minimize solution resistance. Stock 
In(II1) solutions were prepared from the trinitrate salt (Alfa Inorganics, Inc.) in 
0.2 M HC104. The electrolyte solutions displayed no detectable impurity waves by 
chronopotentiometry. 

Cell 
The jacketed cell (25"), I't auxiliary electrode, S.C.E. reference electrode, and 

hanging mercury drop electrode assembly were of a previously reported designg. 
The calibrated HMDE areas ranged from 0.025 to 0.03 cmZ. Solutions were degassed 
with pre-purified nitrogen, and a I-min pre-equilibration period proved adequate for 
adsorption equilibrium. 

Instrtrmentatzon 
The chronocoulometric apparatus with automatic Q-tk readout has been 

previously describedn. Faircllild diodes FD3oo were used instead of I N ~ S ~ A  for Dl 
and I12 and appreciably decreased the circuit switching time. Operation of the func- 
tional readout apparatus was verified as satisfactory by spot-check comparisons of 
recorded Q-t and Q-t 1 curves. 

RESULTS AND DISCUSSION 

Polarograms were obtained for the indium reduction over a 0.05-1 M thio- 
cyanate concentration range and the diffusion-limited character of the wave over the 
potential interval reported by TANAKA et al.6 was verified. Qualitative indication of 
In(II1) adsorption from this medium was obtained from chronopotentiometric 
experiments, which exhibited itLvalues that increased with increasing current. 
Chronocoulometric experiments were then performed over the above range of 
thiocyanate concentrations using equilibration Ei,it. values from -0.15 to -0.5 V 
and an E f i n a l ,  -0.75 V, known from the polarographic data to be in the diffusion- 
limited potential region. Q-ti displays were linear, and exhibited zero-time intercepts 
exceeding those obtained in the absence of In(II1) (Qblan~), confirming the existence 
of an In(II1) surface excess. 

Table I gives the Qblank and QArll data collected to correct the chronocoulom- 
etric Q-tl intercept data from the above experiments, for the double-layer contri- 
bution to the charge intercept. The QAdl correction term was essentially invariant 
over the 0.4-1.2 mM indium concentration range studied. QAdl was also unchanged 
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on gently stirring the solution around the DME, further evidence that adsorption 
equilibrium is sufficiently well attained during drop life to avoid appreciable errors 
in the QArll term. The QAcil modification of the douhle-layer cliarge a t  Ei,l i t .  by 
indium adsorption is solllewl~at interesting in tliat its value changes sign (becomes 
negative) wlien tlie thiocyanate concentration is decreasecl or Ei,it. is made more 
negative. Tlie negative sign of QAal means that morc anodic current flows to charge 
the double layer at  Einit. when adsorbed indium is present. 12nalogous effects have 
been previously reported by BARKER AND I;AIIZCLOTHI~'. 

TABLE 2 

S U R F A C E  E X C E S S  V A L U E S  F O R  I N D I U M  A D S O R P T I O N  F R O M  I'HIOCVAWATI.: MRI>IUM 
- - -. 

[hraSCN] ( M )  LNaC104] ( M )  LIm"] ( w z i l l )  r .  r o l l 1  (riro1i.s crir - 2 )  (it E i , , i t .  = 
-- -- 

-0.J.5 -0.20 -0.30 - 0 . 4 0  - 0 . 4 5  - 0 . 5 0  
- - - - - - 

0 . 4  
- 1 . 3 ;  I .  I .  1 . 0 ,  0 . 9 ~  

0 . 8  - I .  1 . 1 ;  r.oo 1 . 1 ~  0 . 9 ~  
1 . 2  - I .  1 . 2 4  1 . 3 0  I .  1 . 1 4  

Surface excess values for indium adsorption fro111 tliiocyanate medium derived 
from the chronocoulon~etric data are given in Table z. These data are reproducible 
to about 0.1 x 10-10 moles cm-? Variations of the surface excess with ecluilibration 
potential, Einit., and tliiocyanate concentration are not large, but trends can be 
discerned. The surface excess exhibits a ~naximum a t  about 0.1-0.2 M tlliocyanate 
and decreases as Einit. is made more negative. These data confirm the indium ad- 
sorption from thiocyanate medium suggested by M O O R H E A I J ~ ,  wllo also observed 
the same thiocyanate concentration-dependency of the second a.c. admittance peak. 
Our data do not show the strong dependency of surface excess on indium concentra- 
tion indicated by MOORHEAD, however. 

The slopes of tlie chronocoulometric Q-t "curves for indium in tliiocyanate 
are accurately proportional to the indium concentration. The calculated D=7.o x 
10-6 cm2 sec-1 was obtained for all indium and thiocyanate co~icentrations employed. 

An examination for indium adsorption from iodicle and bromide media and 
for Ni(I1) adsorption from thiocyanate lnediu~ll was also conducted. In 0.5 and 0.1 M 
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bromide (Ei,,it. = -0.35 and -0.45 V, Ef ina~= -0.75 V, [In3+] =0.5 m M )  and 0.05 
and I M iodide (Ei,it. = -0.4 and - 0.5 V, E ~ i n a ~ =  - 0.85 V, [Ins+] = 0.5 mM) media, 
tlie chronocoulometric Q-t' intercepts were, within experimental error, identical with 
those of a Qblallk in these media. Likewise, chronopotentiometry of indium in 0.05-1 
M iodide revealed transition time-independent it values, also indicatingno detectable 
adsorption of indium. l'revious data by BARKER AND FAIR CLOTH^^ sllow absence of 
indium adsorption from chloride medium. Cllronopotentiometry of Ni(1I) in I M 
tlliocyanate also produced no evidence for nickel adsorption in that constant it* 
values are observed. 

In view of tlle fact that iodide catalyzes the reduction of In(II1) mucli more 
stronglv than does tl~iocyanate in solutions containing low concentrations of these 
anions4 (yet indium adsorption from tlliocyanate medium is appreciable whereas no 
detectable adsorption is found in iodide medium) it would appear that there is no 
direct correlation between the catalytic reductive activity of such anions and their 
tendencies to induce adsorption of the metal complex. This remark must, however, 
be tempered by the recognition that the present adsorption measurements are 
conducted a t  mucll Iligher anion concentrations than those required to observe the 
reductive catalytic effect. 

Clironocoulometry and its double potential step permutation have proved to 
be valuable tools in the recent surge of investigations of metal complex adsorption 
on mercury electrodes7-"11-1" Tile surface excess data which have appeared thus 
far in the literature are not sufficiently extensive a t  this early stage of investigation 
to permit obvious generalizations, or predictions, on the adsorption or non-adsorption 
of a given metal complex. The data have sliown, however, that the concentration of 
lig-and and tlie electrode potential a t  which adsorption equilibrium is established can 
be important variables in determining the extent, and possible detectability, of 
metal-con~plex adsorption. T l ~ e  present In-SCN adsorption data reaffirm the ligand 
concentration and electrode potential effects on metal-complex adsorptions, and, in 
the interest of initiating some discussion in the literature on these variables, the authors 
have been prompted to set clown in this writing some of their current thoughts on 
tlie problems of their interpretation. 

Surface excess data taken over a range of ligand concentrations a t  a given 
electrode potential have been observed to exhibit maxima a t  a particular ligand 
concentration. This effect was found11 in the adsorption of Cd(I1) from tlliocyanate 
medium, ancl the In-SCN adsorption data also show such beliavior. Tlie adsorption 
of Cd(I1) from iodide medium was observed to increase at  lower iodide concentrations8 
and must surely exhibit an adsorption maximum, decreasing thereafter, a t  iodide 
concentrations lower than those investigated. 

I t  is reasonable to compare plots of sucl~ surface excess-ligand concentration 
data with distribution curves showing tlie bulk solution concentration of various 
coordination states of the metal complex as a function of ligand concentration. If 
the ligand concentration-dependencies of surface excess and solution concentration 
of a particular coordination state exhibit essentially identical properties, identification 
of that particular complex as the predominantly adsorbed species is possible. Such a 
correlation Ins  been achieved for tlie Hg(I1)-SCN system9 where the maximally 
coordinated Hg(SCN)42- complex was identified as the adsorbing species above 0.1 M 
tlliocyanate concentration. Altliougll in all probability this correlation should also 
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be possible in the systems exhibiting 111asinla in their surface excess and solution 
composition curves, interpretation of tlie data in tliose cases can become complicated 
by otlier effects. One obvious point of caution is tlie possibility o f  sin~ultaneous ad- 
sorption of other complexes of higher and lower coordination number. A more subtle 
point is that it may not be entirely proper to compare surface excess data taken over 
a range of ligand concentrations a t  a constant electrode potential, as this ignores 
the possibility that the surface excess-ligand concentration curves should be prepared 
at  electrode potentials for wllicli there is a constant cliarge on tlie electrode. In  the 
In-SCN adsorption system, for example, the effect of plotting surface excess against 
ligand concentration a t  constant charge rather than a t  constant electrode potential 
is to shift the position of the surface excess maximum to lower tliiocyanate concen- 
trations. Although in tlie present study this shift is relatively small, it is conceivable 
that i t  could be important in otlier systems and is an effect of obvious relevance in 
comparisons with solution complex distribution curves. Inasniucl~ as the influences 
of electrode potential or charge on surface excess are not well understood, the best 
mode of comparison is not at  present very &ar. 

If the effect of the equilibration potential, Bi,,it., on tlie surface excess is 
considered, an interesting difference between tlie adsorption of Cd(I1) from iodide 
mediums and tlie adsorptions of Cd(II), %n(II),  and In(II1) from tliiocyanate 
mediumll.'3 can be discerned. Tlie latter systenis exhibit a surface excess wliicli 
decreases a t  more negative electrode potentials. At low iodide concentrations, C,d(II) 
also exhibits a barely detectable trend in tliis direction but a t  the higher iodide 
concentrations clearly shows an increased surface excess wit11 increasingly negative 
EiniL. (a  limited study of I3b(II) in tl~iocynnate%uggests tliat tliis system also is 
more strongly adsorbed a t  more negative potentials). l'hese observations are indica- 
tive of tlie general operation of at  least two factors having opposing potential-depend- 
encies, with the dominance of one over tlie other producing the observed overall 
trend of adsorption with potential in a given case. 

If it can be assu~ned in a metal-complex adsorption system that the ligand 
is interposed between the electrode and tlre metal ion, a useful approacl~ to imagining 
an adsorption potential-dependency, we suggest, may be to think in terms of the 
relative tendencies toward adsorption of "free" ligand and (metal) "bound" ligand. 
Tlie potential-dependency of "free" anionic ligands common in current metal-con- 
plex adsorption studies (halides, tliiocyanate) is a steadily increasing adsorption at  
more positive electrode potentials. Thus, if tlie form of the electrode-ligand interaction 
in "bound" ligands is substantially similar to tliat for a "free" ligand, tlie ~netal- 
complex adsorption can also be expected to increase a t  more positive electrode poten- 
tials. If, however, the positive metal ion weakens the electrode-ligand interaction 
for a "bound" anionic ligand, tlie enhancement of "hound" ligand adsorption by a 
more positive electrode potential will probably not be as great as in the "freenligand 
adsorption. Such a difference in adsorbability can enhance competitional effects, of 
either an electrical or physical nature, between "hound" and "free" ligandfor residence 
space on the electrode surface. Recause of tlie different degrees of potential- 
dependence of "free" and "bound" ligand, this competition will be more intense at  
more positive electrode potentials and, thus, can ulti~nately bring about a trend toward 
decreased metal-con~plex adsorption a t  more positive electrode potentials, or a reduc- 
tion of the extent of metal-complex adsorption to an undetectable level. 
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These arguments on "free" and "bound" ligand adsorptions, while reasonable 
in tliemselves, are obviously of a speculative nature and ignore the possible effects 
of variables such as the concurrent adsorptions of different kinds of "bound" ligand 
(adsorptions of metal co~nplexes bearing different numbers of ligands). They result 
in the interesting prediction, however, that, at  an intermediate level of "freeH- 
"bound" ligand competition, maxima may occur in surface excess-electrode potential 
curves. Such maxima have not yet been clearly detected in published experimental 
studies on metal-complex adsorptions, and the worthiness, or unworthiness, of the 
above arguments will depend on their future detection and careful characterization. 

Llrorli supported by tlle Directorate of Chemical Sciences, Air Force Office of 
Scientific liesearch, Grant AF-AFOSK-584-06. 

S U M M A R Y  

The adsorption of indium(II1) a t  a mercury electrode from acidified thiocyan- 
ate medium has been quantitatively characterized using the chronocoulometric 
technique. The indiu~n(III)  surface excess increases a t  more positive electrode poten- 
tials and passes througll a lnaxilnum a t  0.1-0.2 M thiocyanate concentration. 
Indium(II1) gave no detectable adsorption from iodide or bromide media, nor did 
nickel(I1) adsorb from thiocyanate medium. There appears to be no obvious correla- 
tion between the catalysis of indium(1II) reduction by thiocyanate, iodide, and 
bromide ions and the tendencies of these anions to cause indium(II1) adsorption. 
Some discussion of the problems of interpretation of the electrode potential and 
ligand concentration effect on metal con~plex adsorption is given. 
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CHRONOPOTENTIOMETKIC DETERMINATION 01; U(III),  U(IV), UOz(V1) 
AND Np(1V) IN MOLTEN LiC1-KC1 EUTECTIC* 
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(Received February 13th, 1967) 

Analytical chemistry in ~nolten salts is still largely unexplored: the unusual 
esperimental conditions make difficult the simple transposition of analytical methods 
from aqueous solutions to molten salts, and so far tlie most valuable results have 
been obtained by electroanalytical methods. 

HILL et al.1 describe a voltammetric determination of U(III) ,  in LiC1-KC1, by 
oxidation on a l't microelectrode. Attemps to determine U(II1) in the presence of 
LJ(1V) by the same method were unsuccessful but good results were obtained by 
coulometric titration of U(II1) in I<Cl-NaC1-MgCle, by means of IJt(II) anodically 
generated ilz sitz~. 

Uranium(1V) lias been investigated by SMIRXOV~ and THALMAYER et a1.3, 
who used chronopotentiometry for tlie determination of its diffusion coefficient. 
MAMANTOV A N D  MANNING* have sllown that tetravalent uranium can be quantitatively 
determined in molten fluorides by voltammetry, chronopotentiometry or clirono- 
amperometry. 

S M I I ~ X O V " ~ ~  STKOIMATT~ studied clironopotentiometrically the reduction of 
UO.(VI) in NaC1-I<Cl, and determined its diffusion coefficient a t  various temperatures. 

From a strictly analytical viewpoint, HILL et al.1 and FON~ANAICHE AND 

I < I K I M D ~ ~ I ~ " I ~ V ~  made quantitative determinations of UOz(V1) in LiC1-KC1 eutectic 
in the temperature range 400-450'. They used classical voltammetry and platinum 
and graphite indicator electrodes, respectively. 

This paper describes a systematic application of chronopotentiometry to the 
quantitative determination of uranium in its various oxidation states and of Np(IV), 
in the LiCl-KC1 eutectic between 400 and 550'. 

The preparation oi the LiCl-I<CI eutectic and of trivalent or tetravalent 
uranium solutions have already been describetl7. CszUOzCl4, used for the preparation of 
the UOs(V1) solution, was prepared according to the ~netliod described by Koor et al.8. 
Cs~NpCls used for preparing the solution of Np(IV) lias been described elsewhereg. 

We e~uployed a classical clironopotentiometric circuit with three electrodes. 
The constant current was supplied by a rapid-response galvanostat ( ~ z  psec, 

* I<esearcll carriccl out in the frame of the Buratonl contract 011-04-6-TPUB. 
** Present atlclress: Institut of Transuranic Elements liuratom, ICarlsruhc (West Germany). 
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Tacussel PRT). The potential difference between the indicator and the reference 
electrode was measured by a high impedance millivoltmeter (1014 Q, Tacussel SGE), 
coupled with a fast pen recorder (118 sec for full-scale deflection, Speed-Servo Angus 
Esterline). 

The reference electrode consisted of an Ag(Ag(1)JLiCl-KClJJPyrex electrode. 
The concentration of AgCl in the reference electrode was 2.03 x 10-3 ml;. 

Three types of indicator electrode were used: 
a bright platinum foil (S = 0.22 cmz) 
platinum wires : diameter I mm (s =O.I c~nz) 

diameter 0.4 nlnl (s = 0.046 cm". 
The auxiliary electrode consisted of a large platinum foil ( s=4  cm2). 

The experiments were carried out in dry glove-boxes. Further experimental 
details are given in our previous publication7. 

RESULTS 

Figure I (a, b, c, d) shows typical chronopotentiograxns of the following 
reactions : 

(a) Np(1V) +e +Np(III) 
(b) U(1V) +e +U(III) 
(c) U(II1) +U(IV) +e 
(d) UOa(V1) +e+UOz(V), UOs(V) +e+UOa(IV). 

I " " " "  1 

Fig. I. Chronopotentiograms of the  reaction: (a), Np(1V) + e + Np(II1) ; [Np(IV)] = 5.7 x 10-2  

M, to = 400". i o  = 4.32 mA cm-2; electrotlc, platinum wire, diam. I mm. (b), U(1V) + e -t U(II1) ; 
[U(IV)] = 2.26 x 10-I M, t o  = 450°, io = 54.8 mA cm-? (c)). U(II1)  + U(IV) + e ;  [U(III)]  = 
8.65 x I O - ~  M, to = 400°, in = 5.64 mA cnl-2. (d), UOz(V1) + e -+ UOz(V); [U02(VI)] = 1.08 x 
1 0 - 2  M, to = 400°, i o  = 1.1 mA cnl-'2; electrode, platinunl foil. 

Fig. 2. Plot of the function ior* vs. io. [U(III)]  = 4.02 X AT, to = 400'. 
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Figure 2 shows the variation of tlie product i o t b  with the current density, i o ,  
for tlie oxidation of U(II1) where i o  is tlie current density a t  the indicator electrode, 
and t tlie transition time. 

Tlie relationship between i o t h  and concentration for the various ions is given 
in Figs. 3 and 4. 

Table I gives the diffusion coefficients, D,  calculated from the data of Figs. 3 
and 4. 

The curve i o t r  as. C for UOa(V1) is given only for 4o0°, because a t  higher 
temperatures IJO2Cls is unstable, decomposing according to the reaction: 

UOsC12 -t UOsCl + gc12 

Fig. 3. I'lotof i o ~ *  us. :  (a), [Np(IV)] a t  varioustcrnps., r . g G i o G 2 0  m A  cm-'; (b) U(IV), o.59< 
i,,< 13.65 m A  cm-2. (0) P t  wirc $3 I mm; (n) Pt wire 0 0.4 mm; ( A )  P t  foil. 

Fig. 4. Plot  of l . 0 ~ '  us.: (a), [U02(VT!] a t  various temps., 0.82G io< 2.74 mA ~ r n - ~ ;  (b), U(III) ,  
0.22 < in< 16.35 m h  cm-Z. ( A )  Pt foll; (0) P t  wirc ~3 I m m ;  (0) P t  wire 0 0.4 mm. 

TABLE 1 
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The chronopotentiograms for the reduction of UOz(V1) in LiCI-KC1 are similar 
to those reported by STROMATT~ for NaC1-KC1. As observed by STROMATT, the value 
of the ratio, zz/zl =3, where TI is the transition time for the reaction UOz(V1) +e-+ 
U02(V) and zz the transition time for the reduction U02(V) +e-+UOz(IV), is difficult 
to determine. 

For reactions involving soluble species, the cylindrical electrode, I mm in 
diameter, has proved to  be the most satisfactory. I t  can be used both for cathodic 
and anodic reactions, over the whole temperature range, whereas other electrodes 
are limited regarding the temperature or type of electrode reaction. With all types of 
electrodes, the most reproducible results were obtained a t  lower temperatures. 

For the cathodic reduction of UOz(VI), the foil electrode has given the best 
results. 

The statistical analysis of the results obtained has, however, shown that,  
where different electrodes have been used for the determination of D*, they give 
slightly different results. These discrepancies are attributed to the difficulty of a 
precise measurement of the electrode surface. 

The concentration of U(1V) and Np(1V) may be determined with an accuracy 
of -k4%, for U(II1) and UOz(V1) an accuracy of 6% is obtained since the precision 
of D is about half these values. 

The analysis of U(1V) and U(II1) together in the same solution would seem 
to be possible. As the reduction of U(IV) takes place a t  less negative potentials than 
the reduction of U(III) ,  the first transition time in a chronopotentiograrn of such 
a mixture should give the concentration of U(1V). 

The second transition time (for the reaction U(II1) +3e- + U(0))  cannot be 
recorded without large discrepancies which arise when metallic uranium plates the 
cathode. I n  fact, metallic uranium does not form a superficial alloy with P t  or with 
W. To overcome this difficulty, U(1V) was reduced to U(II1) and then an anodic 
chronopotentiogram was run to determine the total amount of U(II1). If the con- 
centration of U(1V) previously determined by cathodic chronopotentiometry on the 
mixture, is subtracted from this value, the initial amount of U(II1) is obtained. 
In  this method U(1V) is reduced with metallic uranium wire so that the overall 
reaction is 

This method was not used for analytical determinations of U(II1) and U(1V) 
but we have shown that the values of D u c ~ v l  obtained a t  400' from two solutions 
containing [U(III)] =o.o248 M; [U(IV)] =o.o106 M and [U(III)] =o.o135 M; [U(IV)] 
=o.o21g M fall within the limits of Ilucrv,-values measured with solutions containing 
only U(1V). 

The same holds true for the I > ~ ~ ~ ~ ~ , - v a l u e s  obtained after the reduction of 
U(1V). 

The similarity of the polarisation curve of Np(1V) on a platinum electrode 
suggested that the same procedure could be adopted for analyzing a mixture of Np(1V) 
and Np(III), but this would necessitate the use of a metallic neptunium electrode. 

It is of interest to note that the transition times that give satisfactory results 
range from 0.5 to 7 sec, which means that a rapid pen recorder may be used and there 
is no need for oscillographic equipment. 
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DISCUSSION 

The transition time, z, in chronopotentiometry is given by Sand's formula: 

where : F = Faraday, C =concentration (mole cm-a), i o  = current density, D = diffusion 
coefficient, n = number of electrons involved in the electrochemical reaction. 

This formula holds true for semi-infinite linear diffusion. The mass transport 
towards the indicator electrode must be diffusion-controlled, and any convective 
movement excluded. 

At the transition time, as defined by eqn. (I), the diffusion layer is depleted 
of reactive species, and 6E/6t  is maximum (E  is the potential of the indicator electrode 
versus a reference electrode). 

The potential-time curve for a reversible process involving two soluble species 
is given by: 

E = Et/4 + (RTInF) log {(t+-t ")l*) 

Figure I shows that our experimental curves differ from the ideal shape: the 
inflection point is less sharp and cannot be determined accurately for several reasons, 
some of which are inherent in molten-salt systems and some typical of the systems 
investigated here. 

First, molten-salt systems, and especially the LiC1-KC1 eutectic employed 
in our experiments, are difficult to obtain in a very pure state. Traces of electro- 
chemically-active impurities interfere with the electrode process and cause the 
experimental curve to depart from its ideal shape. Also, it is impossible to devise 
a cell geometry that gives a perfectly homogeneous distribution of the current density 
on the surface of the indicator electrode. This inhomogeneity causes local overtensions, 
which differ from the average electrode potential. 

Finally owing to the high temperature a t  which the measurements are made, 
the temperature control becomes rather difficult and, especially with large electrodes, 
micro-convective movements may arise from temperature gradients. 

When the reduction of UOz(V1) is involved, the formation of the solid product, 
UO2 (which adheres to the electrode) changes its surface. This explains the hump 
in Fig. I (d). 

From Sand's formula, the product ioz) should be independent of the current 
density, io. As shown in Fig. z ,  this is true only within a limited range of current 
densities. 

If i o  becomes too small, t becomes exceedingly large and convective movements 
disturb the diffusion layer: the mass transport towards the electrode exceeds the 
merely diffusive process and the product, iot*, increases. ' 

According to the theory of chronopotentiometrylo, a t  the transition time 
the thickness of the diffusion layer is greater the smallei io. 

When a cylindrical electrode is employed, the conditions of linear diffusion 
required by Sand's formula are reasonably approximated only when the diffusion 
layer is thin compared to the electrode diameter. Sand's formula does not hold true 
for very small values of i o  and the product, iozk increases. PETERS AND L I N G A N E ~ ~  
have proposed a formula which corrects the experimental results by taking into 

J .  Electroanal. Chem., 16 (1968) 335-340 



34O F. CALIGARA, L. MARTINOT, G. DUYCKAERTS 

account the non-linear diffusion, but our experience has shown that this formula is 
applicable only if the correction does not exceed 10-15% of the measured t. 

On the other hand, if io becomes too large, both with cylindrical or plane 
electrodes the diffusion layer becomes too thin. In this case, the roughness of the 
electrode surface becomes important, the real io becomes smaller than that calculated 
from the geometrical surface of the electrode, and t again increases abnormally. 

Also, when io is very high and z very small, a considerable fraction of the 
current is used to charge the double layer. This also contributes to an increase above 
the value calculated from Sand's formula. 
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SUMMARY 

The use of chronopotentiometry for the quantitative analysis of uranium and 
neptunium in a molten LiC1-KC1 eutectic has been investigated: U(1V) or Np(1V) 
may be determined with an accuracy of +4% and U(II1) or UOz(V1) with an accuracy 
of +6% in the temperature range 400-550'. 

U(II1) and U(1V) may be determined in the same solution with the accuracies 
given above. 
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I. POLAIiOGRAPHIC REHAVIOUR O F  cis- AND trans-CINNAMIC ACID AND 
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The determination of olefinic unsaturation v ia  addition of a halogen or 
interhalogen compounds to the -C-C- double bond is, in many cases, complicated 
by interfering side reactions'. This is especially so when the olefinic group is attached 
to  an aromatic nucleus. The majority of the authors of the very large number of 
published methods have tried to avoid this problem by establishing empirical conditions 
under which a reasonably reproducible result could be obtained. Polarography offers 
a means of continuously monitoring the relative concentrations of >C=C( and 
halogen (as well as the concentration of side products containing the -C-halogen 
bond) during the addition reaction. The aim of the present investigation was to 
establish the polarograpllic behaviour of cinnamic acid; this information would 
subsequently provide the means of following the course of addition of a halogen or 
interhalogen to the double bond. 

The polarographic bellaviour of cinnamic acid and its derivatives has been 
studied by several workers. The earliest investigations were carried out before the 
importance of adequately buffered supporting electrolytes for organic electro- 
reductions was realisedz-4. The more recent studiess-9, however, have not completely 
clarified the situation. 

In polar media, the most probable course of the electrode process would be a 
2-electron reduction to tile dihydro derivative, 

C6H5-CH = CH-COOH + e + H +  + c~H~-CH-CHZCOOH (14 
CsH5-CH-CHZ-COOH +e + H +  -t CcH5-CHz-CHz-COOH (Ib) 

If the energy difference between tlle intermediate free radical ( ~ a )  and the dihydro 
derivative ( ~ b )  is small, then a single 2-electron wave would occur. If, however, the 
stability of (ra) is sufficient for it to have an appreciable independent existence then 
two I-electron waves would appear. I t  would also be possible for this free radical 
to terminate the reduction process by dimerisation, 

z C6H5-CH-CHz - COOH -t CsH5CH-CHzCOOH 

I 
C~H~CH-CH~COOH etc. 

The latter possibility would result in a mixed electrode process with an overall value 
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for the number of electrons transferred, n, lying between I and a. The dimerisation 
would be promoted by increasing the concentration of depolariser; it would also be 
more likely to occur with decreasing dielectric constant of the medium, i.e., with 
increasing stabilisation of the free radical intermediate. 

ONO AND UEHARA~ have studied the problem and suggest a a-electron reduc- 
tion to the dihydro derivative. Their attempts to prove this by isolating the products 
of the controlled-potential electroreduction of cinnamic acid a t  a mercury pool 
cathode, were unsuccessful as a mixture of dihydrocinnamic acid and dimer (24% 
and 53%, respectively) was obtained. It is clear that in this case controlled-potential 
electrolysis a t  a mercury pool cathode cannot be used t o  confirm the course of the 
electrode process at  a dropping mercury electrode as the increased concentration of 
depolariser required facilitates the dimerisation of the intermediate a t  the expense 
of the competing monomeric reaction. 

An earlier study5 in aqueous unbuffered media had shown the presence of 
two waves which had been correctly attributed, by MARKMAN AND ZINKOVA~, to 
reduction of undissociated acid and its conjugate base. The wave for the reduction 
of the anion occurred a t  negative potentials i.e., -2.0 V. No valid conclusions could 
be drawn from the relative heights of the two waves since the recombination reaction 
seriously alters the pH in the vicinity of the electrode. 

In  the present investigation, the polarographic reduction of a range of sub- 
stituted cinnamic acids and three esters of cinnamic acid have been studied. A com- 
parison has also been made of the polarographic behaviour of the cis- and trans- 
isomers of cinnamic acid and 3-chlorocinnamic acid. 

EXPERIMENTAL 

Reagents 
Compounds I-IV, VI, VII (Table I) and IX-XI (Table 2) were obtained 

commercially. Compounds V and VIII were prepared from the corresponding al- 
dehydes by amodified Doebner reactionlo. The purity of these compounds was checked 
by melting-point determination, and by elemental analysis. 

A 10-2 M stock solution of each compound was prepared in absolute ethanol, 

TABLE 1 

COMPOUNDS OF TYPE X-CSH~CH = CHCOOH 
-- 

X 

I H 
11 4-CH3 
I11 3-C1 
IV  4-Cl 
V 4-Br 
VI 3-OCH~ 
VI I 4-OCH3 
VIII  4-CN 
.- - 

a Measurcd a t  p H  0.1. 
b Mean a = 0 . 5 4 ~ 0 . 0 2  

Mean dEl /dpH = 81 j-4 mV/pH unit. 
A very poorly defined wave makes thcsc results approximate only. 
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with the exception of 4-cyanocinnamic acid for which a 5 . 1 o - ~  kf stock solution 
was prepared because of tlle low ~olubilitv. Buffer solutions were prepared from AnalaR 
reagents using glass-distilled water. 

Afifiarat~ts 
A liaclelkis polarograpli type OH-102 (Metrinlpex, Hungary) was used to 

record polarograms by the conventional 2-electrocle system. The polarograpllic vessel 
was a Kalousek cell with a separated saturated calonlel reference electrode (SCE). 
Capillary constants measured a t  the potential of the SCE in 0.1 M potassium chloride 
solution were t =4.0 sec, nl. =r .hr  mg sec-1, a t  h =6o cm. 

TABLE 2 

C O M P O U N D S  O F  T H E  T Y P E  CaHsC'H=CH-CO(>R 
- -- - - - - 

K aiL ( I '  us. .SC/<) 
- -- - 

IS CHs- 0.508 -1.666 
S CzHs- 0.476 -1.(i51 
XI Cfl1-I~-CHn- 0.495 - 1.638 

TABLE 3 

MICROCO1TLOiUETRICALI.Y-l>ETERMINlln N U M I < H R  O F  E L E C T R O N S  C O N S U M E D  IN  T H E  R E D U C T I O N  O F  

C I N N A M I C  A C I D  O R  S l I I i S T I T I I T R I )  CINNAMIC A C I D  

- - - - - - - - 

Conzpound " l l r r l i ~ ~ t t z  1 1  
- -- - - p~ 

1 so":, cthai~olic ;tcctntc l)ufIcr, p H  0.1 1.90; 2 . 0 1  

1 1 1  .=pi)/ cthanolic acctatc I~uffer ,  p1-L 6.1 1.97; 1.91 ; 1.94 
-- - - -- ~ 

Half-wave potential measurements, and accurate nleasurements of tlle poten- 
tial of the dropping mercury electrode (DME) required for logaritllmic analysis of 
tlre wave sl-rape, were made using a 3-electrode system. The potential of the DME 
was nleasured potentiometrically against a reference SCE in an auxiliary circuit 
using a I'recision potentiometer 7565 (Pye, Cambridge). A modified Kalousek vessel 
was used, in w11icI1 the junction of an auxiliary SCE was immersed in the solution 
studied. 

Controlled-potential electrolysis for ~nicrocoulornetric measurements and 
identification of the electrolysis products was carried out using the Iiadelkis polaro- 
graph as a potentiostat, and a tnoclified H celln for a volume of 0.5 ml. 

The relative pH-values of buffer solutiotls containing 50% ethanol were meas- 
ured with a Vibron pH-meter   nod el 3gA (E.I.L. Ltd., Surrey). 

Ultraviolet spectra were nleasurecl with an Ultrascan spectroplrotometer 
(Hilger and Watts Ltd., London). The tmgzs-cis iso~nerisrn of cinnamic acid was 
achieved by irradiating a. solution in a quartz cell with a 500-W xenon lamp. 

Pvocedr6re 
Solutions for polrtrography were preparecl by mixing measured volumes of 
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ethanol, stock solution of depolariser, water and aqucous buffer solution in a 10-n~l 
graduated flask. Tlie volume contraction on mixing ct11:unol and water was corrected 
by dilution to volume wit11 aqueous etl~anol. 'l'lie solution was transferred to the 
Kalousek cell, deoxygenatecl witll a stream of nitrogen for 3 n ~ i n ,  and the polarographic 
wave measured. Possible hydrolysis o f  the dcpolariser in the cell was detected by 
repeating tlie recording 10 ~ n i n  after the start of the first recording. 

For the controlled-potential electrolysis, the solution was prepared as for 
polarography, and a 0.5-nll aliquot transferred to the elcctrolysis cell. After tlie solu- 
tion had been deoxygenated by passing a strcarn of nitrogen for zo ~ n i n ,  the electrolvsis 
was carried out, over a period of 3 11, a t  the potential a t  \vhich the polarographic 
wave reached its limiting value. l'olarograms were recorded at  intervals of I 11 
during the electrolysis. I t  was sllown that the liniiting current measured a t  any time 
during the electrolysis sho~ved no cliange after mising the solution briefly with a 
stream of nitrogen. This confirmed tliat, for the electrolysis cell used, the hornogeneity 
of the solution was maintained by tlie stirring effect of the falling mercury drops. 
The nun~ber of electrons, n, was calculated from the cquationL2, 

n = K I  tlz.3 k. TTI; log ( io l i , )  

The conversion of trr~~~.s-cinnaniic. acid to its cis-isomer was followed spectro- 
photometrically. *4 5.1or"Tf cinnamic acid solution in 5o'%, ethanol was pumped 
fro111 the cluartz cell in wliich it was irradiatc,d, tl~rougll a flow-through cell in the 
spectropliotometer, and then returnetl to t l ~ c  quartz rrll for further irradiation. This 
arrangement allowed tlie cliange in al>sorptiou sl>eCtrunl to bc ~ne:tsured continuously 
during irradiation. T l ~ c  overall change in t l ~ c  spectrum sl~owed :L decrease in absorbance 
characteristic of the trczizs-cis isomerism; tlic \v;ivclengtll o f  nlasimum ahsorption 
shifted from 273 m p  to 264 mp, confirming tllc formation of cis-cimlanlic acid. i2 
kinetic study sliowed tlint t l ~ e  conversion \vas complete after j o  min. A 10-2 M 
solution was irradiated for a similar period, ancl absorption spectra were nlcasured 
on diluted aliquots before and after irr:ltliation, to conlirm tllxt tlrc ronversion time 
was concentration-independent. Solutions of cis-cinnamic wicl prcparecl in this way 
showed no change in absorption after standing for 2 11. 

RESULTS AN]) 1)ISCliSSIOK 

The > C = C <  l>ontl in cinnamic. ant1 sul~stitutctl cinnrtmic acids is reduced in 

CURRENTS IN  / I  -\ 
- -  - 

Covlzpou?zd ? I f  
- 

4.1 
--- - 

I 
I1 
I11 1.34 
1v 1.38 
v 1.20 
VI 
VII 



a single wave, the hcigllt of whicll is inclcpendent of pH over a limited range (Table 
4). Above pH 0.5, t l ~ e  height of the wave decreases in the form of a dissociation curve 
(Fig. I). Wit11 the exception o f  4-cyanocinnamic acid*, a11 the compounds studied 
were reduced in a not-too-well defined wave because the reduction occurs a t  very 
negative potentials wl~ere the wave is ohscured by the wave due to  the reduction 
of the cation of tlie supporting electrolyte. Below : ,H 4.0, the reduction of the ) C =  C <  

Fig. I .  pH-dcpcndcnce of waves oi 5.10-' 112 cinlla~nic acid in 50% ethanol. pH: (I), 5.6; (z), 
6.1; (3). 6.7; (4), 7.3; (5). 7 .8  Starting potentials: (I  and 2). -1.3; (3). -1.35; (4). -1.4; (5). 
-I .45 V us. SCE. Sensitivity, 4 p A  f.s.d. ; 25 mV/absc. 

* The bchaviour of this compountl ctiffcrctl markcdly from the gcncrrtl pattern; a detailcd study 
\\.ill be rcported later. 
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bond is completely masked by the reduction of llydrogen ions. The presence of sub- 
stituents on the benzene ring liad a marked effect on the definition of the wave 
(Fig. 2). Substituents with a +I-effect caused tlie wave to be shifted to more positive 
potentials and hence iulproved tlie shape of the wave. On the other hand, -I 
substituents caused Et to be shifted to more negative values with the result that the 
wave became less clearly defined and tlie pH-range over wliich the wave was measur- 
able became even more limited. 

The effect of varying the composition of tlie supporting electrolyte was 
studied, in an attempt to improve the shape of the wave. 

(i) Tlie effect of varying tlie ethanol concentration was studied. No significant 
improvement in the shape of the wave was observed. 

(ii) The concentration of the acetate buffer (witli respect to acetate anion) 
was varied over the range 0.1-0.5 M. With decreasing buffer concentration, the 
reduction of the cation of the supporting electrolyte was shifted to more negative 
potentials and hence the wave became better defined. 

(iii) Tlie influence of several cations was next studied. Potassium, litliiun~, 
and ammonium ions (0.1 M as chlorides) liad no effect, I ~ u t  in the presence of mag- 
nesium and lanthanum, no wave was observed. Cations of  the tetra-alkylammonium 
type (Et4N+, Bu4N+) caused a inarked improvement in tlie shape as BI was shifted 
some 50 mV more positive. 

Fig. 3 .  Effcct of cations 011 polarographic wave of 5.10-"nI cinnamic acid in 5oob cthanolic 
acctatc buffer pH 6.1. Cations: ( I ) ,  0.01 M Na-'; ( r ) ,  0.01 1V I<t.,N+. Starting potentials - 1 . 3 5  \- 
us.  SCE. Sensitivity, 4 //A f . s .d . ;  25 mV/ahsc. 

The optimum conditions were found to be 50% ethanol together witli 0.1 M 
buffer. Although the presence of tetra-alkyla~nmonium ions llad been sliown to 
improve the shape of the wave, its general use is not recolnnlended owing to its 
strongly surface-active properties. For purely analytical work, however, the use of 
a 0.1 M acetate buffer containing te t ra-et l iy lan~n~oniu cliloride is suggested (Fig. 3). 

The number of electrons transferred in tlie elcctrode process was estimated 
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by comparing tlie wave-heigl~t of cinnalnic acid with the wave for equimolar solutions 
of: 

(a) benzaldehyde semicarbazone (n =4) 
(b) 1,4-napl~tl~oquinone (n = 2) 

(c) benzaldeliyde (n  =I) 
the three standards being measured in an acetate buffer, p H  4.2, containing 50% 
ethanol. The results indicated that 7% =z .  

This was confirmed by microcoulometric determination of the number of 
electrons transferred. The values obtained for X =H, and 3-Cl are shown in Table 3, 
the precision being better wit11 tlie more well defined 3-C1 wave. 

The isolation of the produc,ts obtained from the microcoulometric analysis 
was attempted as a further check. Tlle object was to prove that the residual solution 
after constant potential electrolysis a t  the DME contains only dihydrocinnamic acid 
together wit11 residual cinnamic acid. After extraction with ether the products were 
separated by thin-layer cliro~natography. Owing to tlie difference in Kp-values, the 
separation was difficult and it was found that using a range of solvents recommended13 
for the chromatographic separation of carboxylic acids, no spots corresponding to 
the presence of dimer were observed. 

An attempt to detect the molecular ion corresponding to the dinier by mass 
spectroscopy of the electrolysis product was unsuccessful as the product was found 
to decarboxylate. Different spectra were obtained with higli and low inlet temperatu- 
res, corresponding to the different volatilities of cinnamic acid and itsreduction 
product. 

Mechanism of the electrode brocess 
The polarograpllic reduction of cinnamic acid can, in principle, occur through 

one or Inore of three electroactive species: 
H+ 

(i) the protonated conlplex C~H~-CH= CH-COOH, 

(ii) the undissociated acid, 

(iii) the cinnalnate anion. 

The overall diffusion control of the electrode process a t  pH-values below 6.5, 
was shown by the dependence of tlie wave-height on the height of the mercury 
reservoir. The dependence of the current on depolariser concentration was found to 
be rectilinear over the range I . I ~ - ~ - I .  1w3 M. 

A linear dependence of half-wave potential on p H  (Fig. 4) indicated that 
protonation was the first, rate-determining step in the reaction. Over the pH-range 
(4-8) in whicl~ a polarograpllic wave was observed, the anion predominates in solu- 
tion. The electroactive species is therefore a protonated form of the anion: 

I t  is not possible to say with certainty wllether one or two protons are involved in 
the pre-protonation. T l ~ u s  a second protonation, following the recoinbination of the 
anion with a proton, is not precluded: 
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C6H5-CH= CH-C-OH + H +  + C6H5-CH= CH-C-OH + products 

The behaviour of the acid was co~npared with that of a series of cinnanlic acid 
esters, IX, X, and X I  (Table z )  in wliicli ionisation of tlie carboxyl group is ilnpossible. 
In each case a single wave was observed the height of which remained practically 
constant over tlie pH-range 6-13 (Table 5). Above p H  8, the half-wave potential 
was independent of pH, indicating reduction of the ester without pre-protonation. 

Fig. 4. Dcpcndence of half-wave potcntials of substitutccl cinnamic acids on p1-I. Substi tucnts:  
(O), 3-C1; (V),  4-Br; ( O ) ,  4-C1; ( X ). 3-CH&; (0) .  H; ( Y), 4-cl-I~: ( W), 4-CH30. 

TABLE 5 

C U R R E N T S  IN  l1.h 

In the pH-range 6-3, the half-wave potential was linearly dependent on pH and the 
electroactive species was thus a protonated fornl of the ester: 

CsH5-CH=CH-C-OR +H+ -+ CljH5-CH=CH-C-O1< + products 

I I 
0 

'.... I I 
H+. 0 

The analogy between the overall behaviour of the acid and esters suggests that the 
acid is reduced in the form of the mono-protonated anion. 
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Strzcctz~val effects 
A linear relationship between half-wave potential and the Ham~net t  substitu- 

ent constant was obtained fro111 compounds I-VII (Fig. 5) and confirmed that cin- 
namic acids mono-substituted in the 3- or gposition obey the modified Hammett 
equation14 : 

AEt = op' 

Tlie observed value of tlie reaction constant, p'=o.16 V, was based on the measure- 
ments of seven half-wave potentials a t  four different pH-values. The value of the 
Hammett reaction constant, p, in dimensionless fornl is given by 

p = (wzF1RT)p1 = +2.8 

The Iralf-wave potential of 4-cyanocinnamic acid was found to differ signifi- 
cantly from that predicted by the Ha~l l r l~et t  equation for a substituent constant, 

I I 
-0.3 - 0 2  -0.1 0 0.1 0 2  0.3 0.4 

Homrnett subst~tuent constant d 

Fig. 5. Dcpcndc~~cc of half-wavc potentials on Hammett substituctit constant, o, for substituted 
cinnamic acids. Sy~nbols as in Fig. 4. pH: (a) 5.1; (b) 5.6; (c) 6.1; (d) 6.7. 

o =oh28 ; in this case a mixed electrode process operated in the pH-range concerned. 
Tlie low value of the reaction constant, Q ' ,  is a consequence of the fact that a protonat- 
ed form of the depolariser is tlie electroactive species. 

A plot of the polarograpllic dissociation constant, pK', against the substituent 
constant, o, showed little correlation, whereas tlie El-o plot was linear. This indicates 
that tlie substituent exerts a greater effect on tlle P-carbon atom than on the ionisation 
of the carboxyl group. 

MARKMAN AXD ZINI<OVA~ have studied the cis- and trans-isomers of cinnamic 
acid and found a wide variation in the values of tlie limiting diffusion current and 
tlie transfer coefficient, a ,  for tlie two isomers. In view of tlie structural similarity, 
these results are surprising; one possible explanation could be the non-quantitative 
chemical synthesis of tlie cis-ison~er. 

Polarograms of cis-cinnamic acid prepared as described previously by irradia- 
tion of the tvans-isomer, were nleasured a t  pH 4.4 and pH 6.1, and compared with 
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those of the corresponding trans-isomer measured under identical conditions. A very 
slight shift towards more positive potentials was observed for the cis-isomer, but 
owing to the poor definition of the waves, accurate measurement of AE! was not 
possible. The wave-heights for the isomers, Itowever, were the same. 

The cis. isomer of 3-clllorocinna~nic acid was next studicd as this derivative 
showed a well defined wave. Conlparison of this wave wit11 that of the corresponding 
trans-acid showed that the diffusion coefficients of the ison~ers were tlie same. The 
difference in half-wave potentials (E@- Eatrans) was found to be 21 mV. 
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SUMMARY 

Cinnamic acid and substituted cinnamic acids are polarograpl-iically reduced 
in 50% ethanol in a single 2-electron wave between p H  4 and p H  8. At pH-values 
above 6.5, the height of the wave decreases in the form of a dissociation curve. The 
shape of the wave is lnucll improved in the presence of tetra-alkylammonium ions. 
From the linear dependence of half-wave potential on pH, it is apparent that a 
protonated anion is the electroactive species. Comparison with the behaviour of 
cinnamate esters suggests tlie  non no-protonated anion is electroactive. The half-wave 
potentials of substituted cinnarnic acids, except for 4-cyanocinnanlic acid, obey the 
modified HAMMETT equation AE a =q'. The difference in half-wave potentials of the 
cis- and trans-isomers is 21 mV. 
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ELECTIiOCHEMICAL OXIDATION 01; FORMATE IN 
DIMETHYLSULFOXIDB AT GOLD AND PLATINUM ELECTIiODES 

IZINr\l< J.XCORSEN*, JUI,IAN I.. I<ODEI<TS, Jr.** A N n  DONh1,I) T .  SAWYER 

Ilepavtnteizt o f C h e n ~ i s f v y ,  U?zivrrsity of C(clifov~zia, R i ~ ~ v s i d e ,  Cal i f .  92502 (U.S .A . )  

(l<eceivetl Juilc 7th,  1907) 

There has been considerable work in recent years on the mechanism of electro- 
oxidation of formic acid in aqueous solutions. The overall oxidation products for 
acidic conditions are carbon dioxide and hydrogen. However, the oxidation mechan- 
is111 is complicated and in\lolves adsorption of formic acid and a slow pre-electrochem- 
ical step in wliicll fornlic acid tlecomposes to form atomic hydrogen and an adsorbed 
formate ( - COOH) radicall-8. 

Formate ions in aqueous alkaline solutions are not oxidized a t  platinum 
electrodes".". However, in anllydrous formic acid, formate ions are electroactive and 
the oxidation of formate on platinum, gold and palladium electrodes has been 
studied in detail" 'The overall oxidation products are carbon dioxide and hydrogen 
ions, but adsorbed HCOO . intermediates are involved in the electrode reaction. 

During a recent electrocliernical study of dissolved carbon dioxide and its 
reduction products in dimetliylsulfoxide~, it was observed that formate ion is oxidiz- 
ed a t  a gold electrode. Tlie present investigation has been undertaken to study the 
electrochemical oxidation of forinate in dimethylsulfoxide and to determine whether 
the oxidation mechanism in this non-aqueous medium is similar to that in anhydrous 
forinic acid. 

EXPERIMENTAL 

A$paratrrs 
All electroche~nical measurements were made with a versatile electronic 

instrunlent l>reviously described by D E F o R D ~ ~ .  I t  is based on the use of I'hilbrick 
operational amplifiers and is capable of perfornling clironopotentiometry, controlled- 
voltage coulo~netry and cyclic volta~nmetry by appropriate interconnection of the 
operational modules. I'otential-time curves were recorded with a Sargent model SR 
strip-chart recorder, and cyclic voltarnmograms were obtained with a Moseley X-Y 
recorder, rnoclel70304 

The electrochemical cell, the reference electrode, and the platinum and gold 
electrode have been described previously'? Tlie areas of tlie platinum and gold 
electrodes were determined using ferricyanide in 0.5 F potassium chloride, assuming 
that tlie diffusion coefficient of ferricyanide is 7.07 x 10-6 cm%eccl. 

A gas cliroruatograpliic system similar to that described by I<YRYACOS ANT) 

* On leave from thc Univcrsity o f  Oslo, Norway. 
**  On lcave from the  University of Iictllantls, I<edlancls, California. 
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BOORD'~ was used to attempt the detection of carbon monoxide in the reaction 
products. The apparatus was calibrated with a mixture of 10% carbon monoxide in 
nitrogen. The amounts of dissolved carbon dioxide and formic acid in the sample 
after electrochemical oxidation a t  controlled potential were determined by pH 
titration using conventional apparatus. 

Reagents 
A 0.1 F solution of tetraethylan~lllonium percl~lorate was used as supporting 

electrolyte. The salt, obtained from Eastman Organic Che~nical Co., was recrystallized 
from doubly-distilled water, dried and stored in a vacuum desiccator. Dimetl~ylsulf- 
oxide (DMSO), obtained from J. T. Baltcr Co., was reagent-grade with a lot analysis 
of 0.05% water. Stock solutions of tetraetl1ylammoniul71oni formate were prepared by 
adding an equivalent amount of 10% aqueous tetraetllylanlmonium hydroxide to 
formic acid, removing the water by vacuum evaporation, and dissolving the residue 
in DMSO. The solution was standardized by titration with perchloric acid in DMSOlO. 

Tetraethylammonium formate is hydroscopic and the water could not be 
completely removed by vacuum evaporation. To investigate the effect of water and 
of excess hydroxide (which is rapidly decomposed in DMSO) on the oxidation of 
formate, a few solutions were prepared by adding known amounts of concentrated 
(25% w/w, aqueous) tetraetliylammoniu~n hyclroxide and formic acid to de-aerated 
supporting electrolyte in the cell. 

RESULTS 

Clzronopotentiometry 
The oxidation of tetraethylammonium formatc in DMSO gives well-defined 

one-step chronopotentiograms. The quarter-wave potential is +0.33 and -0.07 V 
vs. S.C.E. a t  a gold and a platinum electrode, respectively. As indicated in Table 
I, the value of izflACO is practically constant which implies a diffusion-controlled 
process. 

The reverse (cathodic) chronopotentiograrn shows two small waves the sum of 
which is less than 113 of the forward anodic wave. 'l'lie reverse waves appear at  higl~ 

TABLE 1 

CHRONOPOTENTIOMETRIC DATA FOR THE OXIDATION OF FOKMATIC IN  DIMETHYLSULFOSIDE 
- - - - - . . . -. . 

Gold e lrc trode~ Platirzuwt c,lrctrode'l 

i T ~T*/COA i T i ~ a / C u 4  
( / L A )  ( s ~ c )  ( A  cwz S P C ~  mole-1) ( p A )  (sec)  ( A  cnz sec: rrzole-1) 

-- - - - - - - - - -- 
120 3.35 213 I 2 0  3.15 
100 4.92 21.5 ~ a o  4.40 
70 10.1 216 7O 9.45 
50 20.2 217 50 18.9 
40 32.3 220 - 40 30.2 

Av.216 
- - - 

a Area, 0.185 cln2; CO, 5.58 x I O - ~  moles C I I - ~  

b Area, 0.226 cm2;  Cn, 4.44 x moles cm-" 
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negative potentials (-1.2 and -1.9 V 71s. S.C.E. a t  a gold electrode) and indicate 
an irreversible process. The potential-time relationship for such irreversible systems 
with Illass transfer controlled by linear diffusion is given by14 

wllere E is the potential of the working electrode vs .  the normal hydrogen electrode, 
(I  -n) the anodic transfer coefficicnt, nn the number of electrons in the rate-control- 
ling step of tile oxidation process, I; tlie faraday, Izb,hn the heterogeneous rate constant 
for the oxidation (backward) reaction, i n  the current density, CO the concentration of 
the electroactive spccics in the bulk of the solution in moles cm-3, z the transition 
time for oxidation in an unstirred solution and t the time after the electrolysis is 
started. 

Fig. I .  Analysis of chronopotcntiogmnl for oxidation of 5.58 x F tetraethylammonium 
formate in dimctliylsulfoxidc a t  a goltl clcctrntl'c. 

Fig. 2 .  C,yclic voltammojirams of 3.44 x 1 0 - V  formic acid ~ I I  dimcthylsulfoxide. ( I ,  2 and 3) .  
first, second and thirtl cyclic potential swccps, rcspectivcly; (4). obtained after electrolysis a t  
-2.0 V for 30 scc. Scan rate. 0 . 2  V/scc. 

- 7  , 1 I-- 

I 

- - 

4 
- 

W < 0.40 - \ 

This expression indicates that a plot of E us. log [I - (t,/z) k] sllould give a 
straight line. However, at  a gold electrode (Fig. I) the line is curved, which implies 
that the oxidation of formate is not a simple irreversible electrode reaction and that 
the value of (I -n)n, is not constant during the electrolysis. Hence, a chemical 
reaction, an adsorption process, or Inore than one electroactive species, must be in- 
volved in the electrodc process. 

The reversed (cathodic) chronopotentiometric waves of formate in DMSO a t  a 
gold electrode occur a t  the potentials for reduction of formic acid (ET14= - 1.3 V vs.  

+ 1.0 0 -1.0 -2.0 

109 [I - ($) I'z] E . V  vs S.C.E. 

> 
W 

0.30 

0.20 
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S.C.E.) and dissolved carbon dioxide (ET/4= - 1.9 V 71s. S.C.E.) in the same medium, 
indicating that formic acid and carbon dioxide may he the overall oxidation products 
of formate. 

Coulometry 
Coulometric oxidations of for~nate at  controllecl potential Ilave been performed 

to determine the number of electrons involved in the overall oxidation reaction. These 
experiments have been carried out using a small electrolysis cell with a Teflon stirring 
bar, and a gold foil (area, 35 cm" as the anode, with the potential of the anode 
controlled a t  +0.60 V vs. S.C.E. The number of couloinbs consumed in the oxidation 
of 42.1 ml of 6 .40~10-3 F tetraetllylarnmoniu~ll for~nate in DMSO is 28.1. The 
theoretical value for a one-electron oxidation is 26.0, whicli indicates that tlie overall 
oxidation of formate involves only one electron. 

The oxidation products of formate have been determined by pH titrations of 
samples from the coulometric cell. Dissolved carbon tlioxide has been determined by 
adding the sample to a solution containing an excess of sodiurn hydroxide and titrat- 
ing with 0.01 F perchloric acid. The difierence betwccn tlie two pH breaks is equiv- 
alent to the amount of dissolved carbon dioxide in the sample. Additional samples, 
stripped with nitrogen to remove carbon clioxide (tlle loss of formic acid under these 
conditions is negligible), have been used to determine tlie forniic acid and free 
hydrogen ions by titration with 0.01 I; sodiurll Ilydroxide. 

The pH titrations establish that 3.9 x 1v3 I; carl~on clioxide and 3.40 x 10-3 

F formic acid are formed upon oxidation of (1.40 x 10 -V formatc. 
Samples have been analyzed for carbon monoxide !,y gas chromatography, 

but no carbon monoxide was detected. Hence, the final oxidation products of one 
mole of formate in DMSO are 4 mole o f  carbon dioxide and 4 mole of formic acid. 

Cyclic voltanzrnetry 
Volta~nmetric experiments have been performed using tile same gold electrode 

and tlie same electrolysis cell as in cl~ronopotentio~iietry. 
F o r m i c  acid. Recause the coulo~netric and cl~ronopotentiometric data indicate 

that formic acid is formed upon oxidation of formate, experiments have been per- 
formed to determine the voltaninietric I,eliaviour of formic acid in DMSO. The 
residual current does not change during an anodic scan in the range -0.5 V to + 1.0 V 
vs. S.C.E. upon addition of 2 .  1op3 F for~nic acid to tlie supporting electrolyte (Curve I, 

Fig. 2). However, a well-defined cathodic wave is observed a t  tlie reversed scan. Tile 
peak potential of this wave is - 1.25 V vs. S.C.E. and the value, ilviCOA, is essentially 
constant and independent of the scan rate, indicating a diffusio~l-controlled process. 
If the anodic scan is started a t  a potential more negative than the cathodic wave, a 
new anodic wave with peak potential close to o V 71s. S.C.E. is observed (Curve 2, 

Fig. 2). When the cyclic scan is repeated between + ~ . o  V and -2.0 V vs. S.C.E. 
(without stirring the solution), the peak currcnt of the cathodic wave decreases 
whereas that of the anodic wave increases. The anodic wave is never observed if the 
anodic scan is started a t  a potential more positive than the catllodic wave. However, 
the height of the anodic wave increases and tllc peak potential is shifted to  less positive 
potentials with the time the electrode has been kept a t  potentials more negative than 

a Ion the cathodic wave (Curve 4, Fig. 2 ) .  Apparently, the anodic wave is due to oxid t '  
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of tlie products formed by reduction of formic acid, whereas the acid itself is not 
electroactive in the potential range from -0.5 V to + 1.0 V vs. S.C.E. 

Hydroxide ion. Tetmetl~ylammonium hydroxide in DMSO is oxidized at  a 
gold electrode a t  potentials above +o.S V vs. S.C.E. Tlie peak current decreases with 
the time elapsed after mixing the solution, indicating that hydroxide ions are de- 
composed in DMSO. The peak potential is dependent on the scan rate and shifts 
from +0.8 V a t  V=O.OI V/sec to +r .o  V at v = I . ~  V/sec. Hence, the second anodic 
peak observed on Curve 4, Pig. z is probably the oxidation wave of hydroxide ions 
formed during thereduction a t  -2.0 V. 

Fornmte iolz. Voltammogra~ns of the tetraethylammonium formate stock 
solution exhibit a drawn-out oxidation wave with a pealr potential of about +o.4 V 
21s. S.C.E. No catl~odic wave is observed upon reversing the scan, indicating a com- 
pletely irreversilde reaction. \Vhen the cyclic scan is repeated between -0.5 V and 
+I.O V witllout stirring the solution, the peak current decreases (Fig. 3) which 
indicates that tlle electrode reaction is partly inhibited by the oxidation products. 
\Vllen tlle anodic scan is followed 1)y a. cathodic sweep to more negative values, two 
small peaks appear a t  -1.25 V and -1.90 V 71s. S.C.E., respectively, which are close 
to the potentials for the reverse cllrono1)otentiometric waves. 

Figs. 3-4. Cyclic voltarn~nograms of 3.44 x 1 0 - 3  I; t e t rae t l~yla~i lmonium formate in dimcthyl- 
sulfosidc. ( I ,  r ,  3 ,  .+ nn(l l r ) ,  f irst, scconcl, tliirtl, fourth a ~ i d  sixth cyclic potential sweeps, rcspcc- 
tivc.ly, ( s ) ,  rccor(Ict1 aftckr rlrctro1)~sis at - r.oV for Oo scc. Scan rate:  (3)  0.5V sec-l; (4) o.zV scc-1. 

i 
. - 

-- 
-1 . :..;;jFyF- ; t,>" - 

)oil 

. 1 -1 - .  -1 ~- - 

If the cyclic scan is repeated between -2.0 V and + ~ . o  V, a new anodic peak 
is observed at  potentials close to o 71s. S.C.E. (Fig. 4). This wave is probably identi- 
cal with that one obtained upon osidntion of thereduction product of formic acid. To 
avoid complications froin these products, voltammograms have been recorded by 
cyclic scans between -0.5 and +I.() V 7)s. S.C.E. 

A number of voltam~nogranis have been recorded at  different scan rates for 
different concentrations of tetraetllylammonium formate solutions. At fast scan 
rates, a well-defined pealr is observed. At low concentrations of formate, the anodic 
peak potential is shifted onlv slightly to more positive values with increasing scan rate. 
The peak potential, llowever, is shiftetl to more positive values and becomes increas- 
ingly dependent on the scan rate a t  higher concentrations of formate (Fig. 5). Volt- 
amnlograms recorded a t  slower scan rates (less than 0.05 V/sec) are less well defined 
because the curve is dividcd into two poorly-developed peaks (Fig. 6). This implies 
that two oxidation processes occur a t  the electrode. 

! 5 ! '  t L r  2 C' -100 -5c,-  < 1 
1 5 0  
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For irreversible anodic reactions the currents oi which are limited by diffusion, 
D E L A H A Y ~ ~  has derived an expression for the peal< current, i,, 

i,=g.or x 10s (I -a)] f ADCO v 1 ( 2 )  

where n, is the number of electrons on the rate-controlling step, (I -a) the anodic 
transfer coefficient, A the area of the electrode, 1) the diffusion coefficient, and v  the 
scan rate. 

According to this equation, the value of i / v i C O  should be constant, and in- 
dependent of concentration and scan rate for a diffusion-controlled reaction. Figure 7 

Fig. 5. Variation of peak potential with scan rate for tetractllylammonium formatc. Concn. of 
formate: ( I ) ,  7.0 x I O - ~ ;  (2) ,  2.6 x I O - ~ ;  (3). 5.2 x lo-? I;. 

0 -  

, /- 

7 0 

I 2 0 p A  

2 I O p A  
60 3.  5 p A  

+ L O  t O . 8  - + O . 6  + 0.4 + 0 2  0 -0.2 -0.4 
, 

0.005 0.02 0.05 0.1 0.2 .0.5 1.0 

E .  V vs. S.C.E. v,V /sec 

Fig. 6. Cyclic voltammojirams of 2.0 x I O - ~  1: tetraetliylammonium formatc a t  different scan 
rates (v) : (I) ,  0.1 ; (2) .  0.05; (3).  0.02 V/SCC. ( - - - ) ,  rcvcrsc (ciitl~o~lic) potential S W ~ C ~ S .  

Fig. 7. Variation of anodic peak current function ( i , / t l$C")  with scan rate. Concn. of formatc: 
( I ) ,  7.0 X 10-4; (2), 1.35 X 10-" ((3, 5.2 x 10-:i F ;  (4). valucs for thc first wavc of a 1.72 X 
F formatc soln. which contains < 0.1 (yo H20. 
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shows this quantity appears to approach a constant value a t  low scan rates. At faster 
scan rates, however, the current function increases and becomes increasingly depend- 
ent on the scan rate with decreasing concentrations of formate. 

Because tetraetl~ylamn~onium formate is hydroscopic, the variation of the 
peak potential and of the current function with increasing concentration of formate 
nlay be due to an increasing concentration o f  water in the solutions. To investigate the 
effect of water on the oxidation wave of formate, a few solutions have been prepared 
by mixing concentrated (25% w/w, aqueous) tetraetliylammonium hydroxide with an 

0 - 

+l.O +08 +06 r0.4 1 0 2  0 -0.2 - 0 4  * I 0  *0.8 +0.6 +0.4 * O I  0 - 0 2  -0.4 

E.V vs S.C E. L .  V VJ S C E  

Fig. 8. Cyclic voltan~mograms of 1.72 x 1 0 - V  formatc in tl~~nethylsulfoxitlc containing < 0.1 % 
H?O. (---), rcvcrse (cathotlic) potential swccp. Scan ratcs. ( I ) ,  0.2; ( r ) ,  0.1; (3). 0.05; (4). 0.01 

V/scc. 

Fig. g .  Effcct of watcr on cyclic voltnmmograms of 1.72 x I: formate in tlimcthylsulfoxide. 
Concn. of watcr: ( I ) ,  0.1 ; ( r ) ,  0.2; (.<), 1.0; (4), 4 ;  (s) ,  . + o x ,  (---) ,  reverse (cathodic) swccp. Scan 
ratc 0.05 V/sec. Currents not corrcctctl for dilution. 

TABLE 2 

EFFECT OF WATER ON THE VOLTAMMETRIC O X I D A T I O N  O F  FORMATE I N  DIMETHYLSULFOXIDE AT A 

GOLD ELECTRODE 
-- - - -- - - - --- 

Scaiz rate , En? i 1 i1/1,iC0 
( F  SCG-I) - (f1.4) ( A  secb c m V - i  mole-1) 

( 1'  u s .  .5-,c.T;,) 
.- - --- 

I\. ( H Z ~ ) ,  0.1 *,; 
I .oo 0.30 I 50 87.0 
0.50 0.2.5-to-0.j; 91 75.0 
0.20 0 0.50 50 05.0 
0.10 0.22 0.50 3 . 5  61.5 
0.05 0.21 0.51 23.5 60.5 
0.02 0.22 0.50 15.0 (11.5 
0.01 0.23 0.50 11.0 64.0 
0.005 0 . 2  0.50 8 . j  08.5 



358 E. JACORSEN, J. I*. ROBERTS JR., D. T. SAWYER 

equivalent amount of formic acid in dimethylsulfoxide containing 0.027% water. 
Voltammograms of these solutions (in whiclr the total concentration of water is less 
than 0.1%) exhibit two peaks a t  all scan rates below 0.5 V/sec, indicating that two 
oxidation processes occur at  the electrode even at  fast sweep rates (Fig. 8). In addition 
to the absence of cathodic waves, both waves are drawn out indicating that a chem- 
ical reaction is coupled between two irreversible charge transfersl? As indicated in 
Table z, the peak potential of both waves is constant a t  scan rates below 0.2 V/sec. 
Tlle value of i/vhCO for the first wave is approximately the same as that for tlre single 
wave obtained for the formate stock solution (Fig. 7). Tlre current function increases, 
however, a t  low scan rates, indicating that kinetic effects are involved in tlie electrode 
reaction and become more important as the scan rate decreases. 

The addition of small amounts of water to the solution has no immediate 
effect on the voltammograms. After 10-20 rnin stirring, Ilowcver, the peak Ileiglit of 
the first wave decreases and only one drawn-out wave is obtained a t  fast scan rates 
(Table 2). Tlre current fu~lction of the first wave for this solution does not increase a t  
slow scan rates, indicating that the kinetic effects are suppressed by the presence of 
water. 

With a further increase in tlie water concentration only one wave is obtained 
at  all sweep rates and the peak potential is sl~ifted to more positive values with in- 
creasing concentration of water. In the presence of 40'j/o water the entire wave is 
obliterated (Fig. 9). 

The addition of a 100% excess of formic acid to a formate solution has no 
significant effect on the voltammograms. However, upon addition of excess tetraetliyl- 
ammonium hydroxide, a new oxidation wave appears a t  potentials close to o V vs. 
S.C.E. The peak current of this wave increases and the pcak potential is shifted to less 
positive potentials with increasing amounts of hydroxide. This wave is probably 
identical with the anodic wave obtained after elcctrolyzing formic acid or formate at  
-2.0 V (whiclr generates Ilydroxiclc ions in the solution). Tlir peak current of this 
wave decreases upon addition of water to the solution, indicating that the electrode 
reaction is inhibited by tlre presence of water. 

DISCUSSIOS A N D  CONCLUSIONS 

The coulometric experiments establish that tlre electrocllemical oxidation of 
formate in dimethylsulfoxide is a one-electron proccss and that + mole of carbon 
dioxide and 4 mole of formic acid are formed/mole of formate electrolvzed. The for- 
mation of these products has also been confirmed bv rcverse cl~ronopotentiometry 
and by cyclic voltammetry. Hence, the overall oxidation o f  formate is represented by 

HCOO- + 4 CO, ++ HCOOH + e -  (3)  
Cyclic volta~nmetry indicates, however, that two oxitlation reactions take place at  
the electrode and that a slow cllelnical or adsorption process is coupled between the 
two charge transfers. An intermediate adsorbed radical probably is thus involvecl in 
tlie electrode reaction. A mechanism is proposed \vllich accounts for this and wliiclr 
lias been suggested previously for the oxidation of formate in anlr!ldrous formic 
acidg, 

HCOO- + -HCOOaa +e-  (4) 
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H+ + H C O O  $ HCOOH (7) 

If these reactions go to completion, the overall process is represented by eqn. 
(3). Reaction (5") ispr01)ably slow such that reaction (6) is favoured a t  fast scan 
rates. Only one drawn-out wave is observed for fast scan rates which implies that 
reactions (3) anci (0) occur at  almost t l ~ e  same potential. Wlren the voltammograms are 
recorded at  vcry fast scan rates, reactions (4) and (6) may occur before reaction (7) is 
complete. This would cause the peak current to increase with increasing scan rate 
and tile value of i / v V  to become greater tlian expected for an overall one-electron 
reaction. 

\'oltam~nogr;trns recorded a t  slow scan rates exhibit two well-defined peaks a t  
+o.z V and +o.5 V 71,s. S.C.E., corresponding to reactions (4) and (5b), respectively. 
.l'lie free radical, .HCOO, is apparently adsorbed on the electrode during the first 
charge transfer. This adsorbed species probably inhibits further electron transfer a t  
+o.z V and causes the peak current to decrease. At extremely slow scan rates, 
reaction (5a) appears to go to co~npletion such that .HCOO is decomposed and the 
peak current can increase (Curve 4, Fig. 7). 

In tlie presence of small amounts of water, tlie two peaks are observed only at  
slower scan rates and the current function of the first wave does not increase at  the 
slowest scan rates (Table 2). This implies that H.  is not stable and that reaction (6) 
is favored in tlie presence of small amounts of water. Upontlie additionof anincreas- 
ing amount of water t l ~ e  peak potential is shifted to lnore positive values (Fig. 9) 
\vllicll implies that the I~vclrated formate ion I HCOO(H20)-] is more stable and not as 
easilv oxidized as the simple forrnate ion. The shift in the peak potential as well as 
the variation of i/vl.Co with increasing concentration of forlnate (Figs. 5 and 7) is 
probal>ly the result o f  an incrcnsing amount of water. 

Clironopotentiometric esperirnents indicate a diffusion-controlled reaction. 
However, t l~cse experiments have been performed in the presence of small amounts of 
water. Cyclic volta~nrnetry of a si~nilar solution (Curve 3 ,  Fig. 7) gives a fairly constant 
"diffusion-controlled" value for ilvkCo a t  scan rates from 0.02-0.2 V/sec (a time-scale 
comparable to the cl~ronopotentiometric transition times). 

In tlie presence of excess Ilydroside ion, the oxidation of forrnate occurs a t  
potentials close to o V 7,s. S.C.E. Llil~en the Irydroxide is produced electrolytically 
(i.e., without introduction of water) the peak current is greater than for formate alone 
(Fig. 4),  wliich iinplies an overall 2-electron oxidation. 

Tlie peak current decreases in the prescnce of water, wllicli may indicate that an 
unstable free radical internlediate also is involved in this electrode reaction. Tlle 
mechanism is probal>ly reprcxsentcd by reactions (3) ,  (sa),  (5b) and (ti), but the pres- 
ence of excess livdroxidc ion prevents reaction (7) and thereby gives an overall two- 
electron process with one mole of formate giving one mole of carbon dioxide. 
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SUMMARY 

The electrochemical oxidation of formate in dimethylsulfoxide llas been 
studied by chronopotentiometry, controlled-potential coulometry, and cyclic volt- 
ammetry a t  gold electrodes. The oxidation products arc carbon dioxide and hydrogen 
ions, which react with formate ion. Thus, the overall reaction is a one-electron oxida- 
tion in which one-half mole of carbon dioxide and one-half mole of formic acid are 
formed for each mole of formate ion electrolyzed. Cyclic voltammetry indicates that 
adsorbed free radical intermediates are involved in the oxidation process and that 
these are coupled between two irreversible charge transfers. Oxidation mechanisms 
are proposed which are consistent with the data. 
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Osalic acid is oxidized readily in aqueous solutions with platinum and gold 
electrodes at  a potential above +0.8 V 7)s. S.C.E. by a mecllanism which involves ad- 
sorption of oxalic acid prior to electron transfer'-5. The oxidation is a two-electron 
process which gives carbon dioxide and hydrogen ions as products. The undissociated 
acid is probably the reacting species with the second charge transfer the rate-deter- 
mining step4. When the pH of the supporting electrolyte is increased above pH 3, the 
electrode reaction is inhibited; oxidation of oxalic acid does not occur in alkaline 
1nedias-4. 

The electrocl~emical oxidation of oxalic acid in non-aqueous media has not 
been investigated to the best of our knowledge. However, during a recent electro- 
chemical study of dissolved carbon dioxide and its reduction products in dimethylsul- 
foride" oxalate ion was observed to give a chronopotentiometric oxidation wave a t  a 
gold electrode. The present discussion summarizes the results of a detailed investig- 
ation of the electrocl~ernical oxidation of oxalate ion in dirnetliylsulfoxide a t  a gold 
electrode. 

il75$aratus 
All electrochernical measurements were made with a versatile electronic 

instrunlent based on the use of Philbrick operational amplifiers7. This instrument was 
capable of performing cl~ronopotention~etry and cyclic voltammetry by appropriate 
interconnection of the operational modules. Potential-time curves were recorded 
wit11 a Sargent model SR strip-chart recorder and cyclic voltammograms were ob- 
tained with a Moseley Model 7o3oA X-Y recorder. 

The reference electrode, t l ~ e  electrochemical cell and the gold electrode have 
been described previously" The area of the gold electrode was determined by chrono- 
potentionietry to bc 0.185 cnl-sing ferricyanide ion in 0.5 I; potassium chloride; 
the diffusion coefficient of ferricyanide ion was assumed to  be 7.67 x 10-%m? sec-1 
All potentials are reported versus tlie aqueous saturated calomel electrode (S.C.E.). 

Reagents 
A 0.1 F solution of tetraethylammonium perchlorate in dimetllylsulfoxide was 

used as supporting electrolyte. The salt, obtained from Eastman Organic Chemical 

* On leave from the  llniversity of Oslo, Norway 
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Co., was recrystallized from doubly-distillctl water, dried and storecl in a vacuum 
desiccato~. Dimetliylsulfoxide (DMSO), obtained from J. T. Baker Co., was reagent- 
grade with a lot analysis of 0.05% water. 

Sodium, lithiurn and arnmoniunl osalate are insoluble in DMSO a t  the 5.10-3 
F level. Tetraetllylamn~oniurn oxalate was prepared by adding equivalent amounts of  
tetraethylammonium hydroxide to oxnlic acid and removing the water by vacuum 
evaporation. The residue, however, was very Ilydroscopic and did not dissolve corn- 
pletely in DMSO. Hence, the drying was omitted and all oxalate solutions were prepar- 
ed by adding known amounts of tetraethylamrnoniuml hydroxide and osalic acid to 
the supporting electrolyte. 

A 0.1 F stock solution of oxalic acid (wllich dissolved readily in DMSO) was 
prepared by dissolving the appropriate anlount of oxalic acid (Raker and Adamson) 
in IOO ml of DMSO. Tetraethylarnmoniuin liydroside (25% w/w aqueous solution ob- 
tained from Matheson, Coleman and Rell) was standardized against oxalic acid in 
DMSO by potentiometric titration". As indicated by curve A of Pig. I ,  two sharp 

EQUIVALENTS OF BASE PER MOLE OXALIC ACID 

Fig. I .  (A), Potentiometric titration of 2 . 1 0 - 2  Foxalic acid in L)ATSO (co~ltait~in:: 0.1 I; tetracthyl- 
arnmoniuln pcrchlorate and I'Z water) with t c t r a c t l l y l a m ~ ~ ~ o ~ ~ i i ~ ~ i ~  hydroxide; (B), back-titration 
with perchloric acid after cxposurc of sol~l. to air for z h. 

breaks in the titration curve were obtained after addition of one and two equivalents 
of base, respectively. The same curve was obtained wlien the solution was back- 
titrated with perchloric acid in DMSO, provided that an atmospliere of purified nitro- 
gen was maintained over tlie solution ancl that the titration was completed within one 
hour. However, if the oxalate solutions were exposed to air the osalate began to 
decompose to give curve B in Fig. I. The latter curve indicates that a weak base was 
formed a t  tlie expense of the strong base wlien tlie oxalate solution was exposed to 
air. The decomposition product may have been bicarbonate ion formed by the 
reaction 

COO- 
I 
COO- f Hz0 + 4 0 2  -t 2 HC03- (11 
To avoid decolliposition of oxalate ion and to keep the total ainount of water as 

J .  Electroanal. Chem., 16 (1968) 361-374 



(COO)zs IN DMSO AT AU 363 

low as possible, known ainounts of the oxalic acid stock solution and of concentrated 
(25% w/w, 1.718 I;) tetraethylammoniuin l~ydroxide were added to de-aerated 
supporting electrolyte in the cell, by means of micropipettes, just prior to the measur- 
ements. The total amount of water in the solution after addition of the reagents was 
approximately 0.1 %. 

RESULTS 

Chronopotentiometry 
Oxalic acid in DMSO is not oxidized a t  potentials below +I.Z V vs. S.C.E. At 

higher potentials, a cl~ronopotentiornetric wave with an Et-value of +I.25 V is ob- 
served. This wave may be due to the oxidation of oxalic acid but the transition time 
is higlily dependent on the pre-conditioning of the electrode. Therefore, the wave is 
probably due, a t  least in part, to the oxitlation of the gold electrode. 

TIME, sec 

Fig. 2. Chronopotentiograms for oxitlatiotl of 1.8 x 10 -3  I; oxalic acid in the presence of I 

(curve 2 )  and 2 (curve I )  cqniv. tctracthylimmonium hytlroxitlc/molc oxalic acid in DMSO. 
Curves I3 and C, waves for current rcvcrsal. Currcnt. 30 ,LIA (curve I )  and 20 /&A (curve 2). 

Fig. 3. (a), Plot of IS$=" us. log i for galvanostatic oxitlati011 of 1.72 x I O - ~  F oxalate ion 
in DMSO a t  a gold clt~ctrotle; ( o), valucs aftrr  addition of loo'% cxccss hydroxide (4 equiv. 
13 ydroxide ion/molc osalic acid). 

Upon the addition of tetraetllylammoniurn liydroxide to oxalic acid in DMSO, 
an oxidation wave is observed with an Et-value of +0.72 V U S .  S.C.E. (curve z, Fig. 2).  

The transition time of this wave (at constant current density) increases with increas- 
ing amounts of l~ydroxicle ion and reaches a limiting value a t  a concentration of one 
equivalent of hydroxide ion/mole of oxalic acid. For a solution containing 1.8 x I O - ~  I; 
oxalic acid plus 1.8 x 10-3 F tetraethylammonium hydroxide, the chronopotentiom- 
etric constant, i t i lACO, has an average value of 198+6 A cm sect mole-1 for tran- 
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sition times from 1-20 sec (see eqn . (~) ) .  A small reverse chronopotentionietric wave 
(cathodic) is observed with an Eo.zz-value of -0.75 V whicll is close to the potential 
for reduction of oxygen in DMSO? Another interesting point is that tetraethyl- 
ammonium hydroxide in the absence of oxalic acid gives an independent cllron- 
opotentiometric oxidation wave with an El-value of approximately +o.S V us. 
S.C.E. 

On the addition of more than one equivalent of tetraetlrylammonium hydrox- 
idelmole of oxalic acid, a new oxidation wave appears on the chronopotentiogran~ a t  a 
less positive potential. A typical clironopotentiogram of oxalate ion (two equivalents 
of tetraethylammonium hydroxide/mole of oxalic acid) is illustrated by curve I ,  

Fig. z. A well-defined oxidation wave with an E i-value of 0.0 V vs. S.C.E. is followed 
by two poorly-defined waves which appear at  potentials close to that for the oxidation 
wave of hydroxide ion. 

If mass transfer is controlled by linear diffusion in an unstirred solution, then 
the Sand equation is applicable10 

where i is the current, t the transition time, n the number of electrons involved in the 
overall reaction, F the faraday, D the diffusion coefficient, A the electrode area and 
CVthe bulk concentration. The chronopotentionietric data summarized in Table I 
establish that t l ~ e  value of iti/ACO for the first oxidation wave of oxalate ion decreases 
with decreasing current density, wlrereas the corresponding value for the sum of 
the three waves is constant. In the presence of a large excess of tetraetliylammoniuln)niu~n 

TABLE I 
CHRONOPOTENTIOhlETRIC DATA F O R  TIIE OXIDATION O F  O X A L A T R  I O N  I N  UMSO A T  A GOLD 

ELECTRODE 
- -  -- 

i T I  ( T I  + T ~ + T : % )  ~ T I  L/,4C" ~ ( T I  - I T &  T:%) L/.qC" 
( P A )  fsec) fsec) ( A  cm SPC : mok, 1) (..I C I V Z  S ~ C  ntok -1) 

A. 1.72 x I O - ~  Z; oxalic acid plus 3.44 x 10-"I; tctracthyl,zrn111011i11111 hytlroxitle 
80 1.00 1.85 252 342 
70 1.14 2.30 230 .3.39 
60 1.43 3.30 2 20 342 
50 1.90 4.85 217 340 
40 2.70 7.30 207 339 
3 5 3.40 9.65 20.3 342 
3" 4.40 13.0 I 98 .3 .<<) 

25 5.80 19.1 I 89 342 
20 8.10 28.6 178 3 3 0 

I 5  12.9 - 169 - 

10 26.4 - 101 - 

B. 1.72 x lo-" F oxalic acld plus 6.88 x lo-": tetraethylarn11iol1i~11~~ llytlroxitlc 
90 0.94 274 
80 1.18 ' 74 
70 1.56 274 
Go 2.10 274 
50 2.60 I54 
40 3.78 245 
30 5.80 228 
20 10.6 2 05 
15 16.5 192 
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hydroxide, the transition time of the first wave increases and a constant value for 
it "ACO is obtained a t  high current densities (section B, Table I). The effect of excess 
hydroxide ion on the second and third oxidation waves of oxalate ion cannot be 
studied because they are masked by the oxidation wave for hydroxide ion. 

Curves IK and IC in Fig. 2 represent the chronopotentiometric waves obtained 
by current reversal. Two reverse waves with E0.22-values of -1.5 and -1.95 V, 
respectively, are observed even if the current is reversed before the transition time of 
the first wave (curve C, Fig. 2). The transition time of the second reverse wave in- 
creases with increasing time of electrolysis before current reversal, whereas that of 
the first decreases slightly. However, the sum of the two transition times appears to 
be much greater than 4 of the electrolysis time in the forward reaction, indicating that 
the oxidation products are adsorbed on the electrode. 

When the current is reversed just before the transition time of the third oxida- 
tion wave, a srnall prewave a t  allout -0.7 V is observed on the reverse chronopoten- 
tiogram. This wave is probably from the oxidation product of the third oxidation 
wave for oxalate ion. 

The clironopotentiogram in Fig. 2 indicates that the oxidation of oxalate ion in 
DMSO is a highly irreversible process. For sucll constant-current processes the 
potential-time relationship has been derived for an electrode reaction in unstirred 
solution where mass transfer is controlled by linear diffusionlo. For an oxidation 
process at  2s0 this nlay be expressed as 

- 0.0502 nFACnk,,,ho 0.0502 
E =  log -- 

(I - ~ ) % a  i (I - ( ~ ) % a  
1% [I - ( t l ~ ) + l  

where E is the potential of the working electrode vs. NHE, a the transfer coefficient, 
n, the number of electrons in the rate-determining step, A the electrode area, F the 
faraday, Izb,h0 the lleterogeneous rate constant for the oxidation reaction, CO the 
concentration of tlie electroactive species in the bulk of the solution, z the transition 
time, and t the time of electrolysis. When t is zero, eqn. (3) reduces to 

Equation (3) indicates that (I -E)na can be evaluated from the slope of a plot of E 
us. log ( t i - t i )  for the chronopotentiometric wave. The value of (I -a)n, can also be 
evaluated froin the slope of a plot of Et=o us. log i through the use of eqn. (4). 

By applying a constant current and recording the potential of the working 
electrode as a function of time, the value of Et=o can be obtained by extrapolation of 
the potential-time curve to zero-time. A plot based on eqn. (4) for the first oxidation 
wave of oxalate ion is illustrated in Fig. 3.  The slope of the line gives a value for 
(I-a)na of 0.98 which implies a two-electron oxidation. A plot of Et vs. log ( t t - t*)  
[or the chronopotentiometric wave gives a curved line which indicates that the initial 
two-electron reaction is probably followed by a complicating slow adsorption or 
:hemica1 process. Identical plot? of Et=o vs. log i are obtained for oxalate ion in the ab- 
sence and in the presence of a large excess of hydroxide ion. Hence, the electrode 
-eaction must be the same for both solutions and the decrease in izi/ACO with 
lecreasing current density for the first oxidation wave of oxalate ion (Table I) is 
xobably the result of a secondary cl~emical process which is hindered by excess 
lydroxide ion. 
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The potential-time curves of oxalic acid in the presence of one equivalent of 
hydroxide ion/oxalic acid are curved and do not allow even an approximate value 
for Et=o to be obtained. A plot of Et 71s. log ( t r - t i )  for this solution also gives a 
curved line. The shape of the chronopotentiometric potential-time curve (curve 2, 
Fig. 2) indicates that two electrode reactions occur a t  alnlost the same potential and 
that the value of (I -oc)n, cannot be determined for these solution conditions. 

Cyclic voltarnrnetry 
Cyclic voltammograms of supporting electrolyte for the voltage range - 0.5 to 

+I.O V do not change upon addition of oxalic acid, wl~icli establishes that oxalic 
acid in DMSO is not oxidized a t  a gold electrode for this potential range. When 
tetraethylammonium hydroxide is added to the oxalic acid solution, a well-defined 
anodic wave appears on the voltammograms. The peak current increases with in- 
creasing concentration of hydroxide ion and reaches a limiting value when one 
equivalent of hydroxide ion is added/mole of oxalic acid. As indicated by Fig. 4, the 
recorded peak potential is highly dependent on the time elapsed after mixing the 
solution. Immediately after mixing, the peak potential is +o.48 V, but it shifts 
rapidly to more positive values. Ten minutes after the addition of hydroxide ion, 
the peak potential becomes constant ( +o.9 V at a scan rate of I V/sec) and no further 
shift in the peak potential is observed during the next z 11. 

The voltammetric data for aged one-to-one oxalic acid-tetraethylammoniu~n 
hydroxide solutions are summarized in Table z. The value of i,,/viCo decreases with 
decreasing scan rate which indicates that the electrode reaction is not diffusion- 
controlled. The peak current also decreases upon repeating the cyclic scan between 
-0.4 and +I.O V (Fig. 5) ; this indicates that the oxidation product is adsorbed on 
the electrode and probably inhibits further oxidation. However, the peak current 
again increases if the electrode is kept in the unstirred solution a t  -0.4 V for a 
short time before repeating the anodic potential sweep (curve 7, Fig. 5). This implies 
that the adsorbed oxidation product is rapidly decomposed. Voltammograms recorded 
a t  slow scan rates (less than 0.01 V/sec) do not exhibit a significant decrease in peak 
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8 -100- 

.,so- 

-200- 
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Figs. 4-5. Cyclic voltammogra~iis~oi 1.72 x 10-V oxalic acitl plus 1.72 x lo-" tctraethyl- 
ammonium hydroxide in DMSO. l'ig. 4:  ( I ) ,  1 ;  (n), 4 ;  ( 3 ) .  ro min after ntldition of llydroxidc ion 
recorcled. Scan rate, I V sec-1. Fig. 5 : recorded 15 ~ n i n  after soln. preparation. (I .  2 ,  3, 6).   st, nnd, 
3rd. 6th cyclic scans, respectively; (7), recorded after electrode held a t  -0.4 V in unstirred soln. 
for 30 Sec (following 6th scan). (---) ,  vol ta~i~~l iogram of 1.72 x 1; t c t r ; ~ c t l l y l a n ~ m o ~ ~ i u ~ ~ i  hy- 
droxide in DMSO in absence of oxalic acid. Scan rate, 0.5 V sec-1. 



TABLE 2 

VOLTAMMETRIC DATA FOR THE OXIUATION O F  TETRAETHYLAMMONIUM HYDROXIDE I N  DMSO AT 

A GOLD ELECTRODE 

XI1 data  obtained 10-00 inin after solution preparation 

1. I .72 x lo-:% F hytlroxitle Ion in the  presciice of 1.72 x lo-" oxalic acid 
I .o 0.92 100 93-0 
0.5 0.89 113 93.0 
0.2 0.87 71 92.5 
0.1 0.84 49.0 90.2 
0.05 0.83 34.5 89.5 
0.02 0.82 21.5 88.5 
0.01 0.82 15.2 88.5 
0.005 0.81 10.7 88.0 

10-:l P liyclroxidc ion in  the abscncc of oxalic acid 
0.95 170 99.0 
0.92 '13 93.0 
0.90 (I 5 84.7 
0.87 42 77.2 
0.86 29.2 75.6 
0.83 18.0 74.0 
0.82 I 2.6 73-5 
0.80 8.9 73.0 

current a t  the second and following cyclic scans; this also indicates a rapid decompo- 
sition of the adsorbed products. Reproducible peak currents are obtained a t  all scan 
rates by stirring the solution for one minute between each cyclic potential sweep. 
The peak current decreases slowly (a few %/hour) with the time elapsed after mixing 
the solution and is probably due to a slow decomposition of the electroactive species. 

Voltammetric data for the oxidation of tetraethylammonium hydroxide in 
DMSO in the absence of oxalic acid are also included in Table 2 and Fig. 5. A peak a t  
+o.65 V is not observed immediately after mixing the solution. However, the peak 
potential as well as the peak current are essentially the same as those obtained for 
the one-to-one oxalic acid-tetraethylammonium hydroxide solutions 10 min after 
preparation. The voltan~mograms of tetraethylammonium hydroxide do not change 
upon addition of excess oxalic acid. 

Apparently, when aqueous hydroxide is added to oxalic acid in DMSO, the 
first reaction product is the acid oxalate ion (H(CO0)g-) which is oxidized a t  +0.68 V 
to give curve I in Fig. 4. After a few minutes, however, tlie acid oxalate ion hydrolyzes 
to oxalic acid (which is not oxidized) and DMSO solvated hydroxide ions; the latter 
are oxidized a t  +0.8 to +o.9 V. If tetraetllylammonium hydroxide is dissolved in 
DMSO before the addition of oxalic acid, the hydroxide ions are so strongly solvated 
that essentially no acid oxalate ion is formed and only the oxidation wave for hydrox- 
ide ion is observed. Upon the addition of more than one equivalent of tetraethyl- 
amrnoniunl hydroxide/tnole of oxalic acid a new well-defined peak appears on the 
voltammogranls a t  a less positive potential. A typical voltammogram recorded for a 
solution of oxalic acid in the presence of two equivalents of hydroxide ion is illustrated 
in Fig. 6. Voltammograms recorded a t  fast scan rates exhibit two anodic peaks a t  
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+O.I and +0.7 V, respectively. However, a t  slower scan rates, a third peak a t  +o.9 V 
(probably due to oxidation of hydroxide ions) appears on the voltammograms. 

Solutions containing two equivalents of tetraethylammonium hydroxide/ 
mole of oxalic acid appear to be more stable than acid oxalate ion solutions. The peak 
potentials do not shift with time and only a slight decrease in the peak currents is 
observed 3 11 after mixing the solution. 

10 08 0.6 0 4  0.2 0 -0 7 -0.4 

E. V Yr. S.C.E. 

-01 1.0 0.8 0.6 0.4 0.2 0 -0.2 -0.4 

E ,  V VS. S.C.E. 

Figs. 6-7. Voltammogran~s of 1.72 x I O - ~  F oxalic acid plus 3.44 x 1 0 - 3  F tetraethylammonium 
hydroxide in DMSO. (1-3). 1st. ~ n d ,  3rd cyclic scans, respectively; (4). recorded after electrode 
held a t  -0.4 V for 30 scc (follou~ing 3rd scan). Fig. G ,  scan rate 0.2 V sec-1. Fig. 7, scan rate 
0.01 V sec-1. 

When cyclic scans are repeated between -0.4 and +I.O V, the peak current of 
the first wave decreases (Fig. 6). A decrease in the peak current is also observed if the 
potential sweep is reversed at  +0.4 V, which indicates that the oxidation product 
from the first electrode reaction is also adsorbed on the electrode. The adsorbed 
products, however, are decomposed fairly rapidly. Voltammograms recorded a t  
slow scan rates show only a slight decrease in the peak current a t  the second and the 
following scan (Fig. 7) and the peak current (recorded a t  fast scan rates) increases 
again if the electrode is kept a t  -0.4 V a short time before the next anodic potential 
sweep (curve 4, Fig. 6 ) .  If the solution is stirred for one minute between each experi- 
ment the peak currents are perfectly reproducible. 

Voltammetric data for a one-to-two oxalic acid-tetraethylammonium hydrox- 
ide solution in DMSO are given in Table 3.  The peak currents of the second and third 
waves have been measured from the extension of the preceding wave. The third wave 
is not con~pletely separated from the second wave and only approximate values for 
its peak current can be measured. As indicated in Table 3, the values of ip/v* for all 
three waves are dependent on the scan rate. The electrode reactions are thus not 
diffusion-controlled. 

On the addition of a large excess of tetraethylammonium hydroxide to the 
oxalate solution, the voltammetric peak at  +0.7 V disappears and only the first wave 
a t  +O.I V and the oxidation wave of excess hydroxide ion a t  +0.9 V are observed on 
the voltammograms (Fig. 8). The data summarized in Table 4 give a constant value 
for (ip)~/vtCo (with the exception of the lowest scan rates) for the first wave in the 
presence of excess hydroxide ion. This value is almost identical with the corresponding 
value for the sum of the first and second waves tabulated in the last column of Table 3. 

Figures 4-8 establish that a wave is not observed for the reverse cathodic scan. 
However, if the cathodic potential sweep is extended to more negative values two 
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peaks are observed at -1.5 and - 2.0 V, respectively (curve 2, Fig. 9). These waves
are not observed on voltammograms of the supporting electrolyte or for solutions
that are reduced without previous oxidation. H ence, these two waves must be due to
reduction of the oxidation products formed by the anodic reaction . As shown in
Fig. 9, the same cathodic peaks are observed whether or not the cyclic sweep is
reversed at +0-45 or at +1.1 V vs . S.C.E. Only the peak currents are d ependent on

100 -

« -20

"-

-60 -

1.2 1.0 o.e 0 .6 0.4 02 0.0 ·0.2 ·0."

E , V vs. S.C. E.

0-

~.

~ - ~o -

-100

- I~O

-200 -

E. v 1'5 se E.

Fig. 8. (I), Voltammogra m of 0.82 x 10- 3 F oxalic acid plus 3-4 X 10- 3 F t etraethylammonium
hydroxide in DMSO; (2) 2nd cyclic scan . Scan rate, 0. 2 V sec- I.

Fig . 9. Cyclic voltammograms of 1.72 X 10- 3 F oxalic acid in presence o f: (I). I; (2 a nd 3). 2
equiv. of t etraethylammonium hydroxide/mole oxalic acid in DMSO. Curve I , recorded immed iate ly
aft er soln. preparation. Scan rate, I V sec- I.

T ABLE 4

VOLTAMMETRIC DATA FOR TH E OXIDATION OF OXALATE ION I N DMSO I N THE

PRESENCE OF EXCESS HYDROXIDE ION AT A GO LD ELECTRODE

0.82 X 10 - 3 F oxalic acid and 3.4 X 10-3 F t etraeth yla mmonium h ydroxide

Sean rate (E p), (E p). ( ip}t (ip),/vICo
( V/see) (V vS. S.C .E.) (/l.A ) (A em 3 see l V-I mole - I)

1.0 0.24 0 .90 115 140
0·5 0.1 8 0·90 8 1 140
0.2 0.14 0.88 57 139
0.1 0.10 0 .86 35· 5 137
0.05 0.08 0.85 35.0 136
0 .02 0 .04 0.82 12.8 110

0.01 0.01 0.80 8.2 100

the potential at which the potential sweep is reversed, indicating that the same
oxidation products are formed by the electrode reactions at +0.2 and +0.7 V,
respectively. Cyclic voltammograms of acid oxalate ion solutions (measured immediat­
ely after mixing the solution) also exhibit the same cathodic peaks (curve I , Fig. 9).
This confirms that the same oxidation products are formed by the electrode reaction
for oxalate ion (at +0.2 V) and for acid oxalate ion (at +0.7 V) .

The peak current at - 1.5 V decreases rapidly with decreasing scan rate and
the peak is not observed at scan rates b elow 0.02 V/sec. The oxidation product is,
therefore, decomposed rapidly (Table 5) . The second cathodic peak has the same
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potential as that for reduction of carbon dioxide (-2.0 V vs. S.C.E.)? This implies 
that the final product fro111 the oxidation of oxalate ion is probably carbon dioxide. 
The second cathodic peak is poorly developed a t  slower scan rates but its peak current 
appears to increase a t  the expense of the first peak (at - 1.5 V) with decreasing scan 
rates. 

TABLE 5 

E F F E C T  O F  SCAN R A T E  ON T H E  PRAIC C U R R E N T S  OI7 T H E  F O R W A R D  A N D  R E V E R S E  W A V E S  F O R  

1 . 7 2  X 10-3  T E T R A M I S T ~ I Y L A M M O N I U M  O X A L A T E  

Cyclic scan rcvcrscd at + I. I V; rcvcrsc peak at - 1.5 V us. S.C.E. 

VOLTAMMETRIC DATA F O R  TlIE O X I D A T I O N  O F  1.55 X I O - ~  T E T R A E T H Y L A M M O N I U M  O X A L A T E  I N  

DR~SO-WATER M I X T U R E S  A T  A GOLI) TSLRCTRODF: 

- 

S c a l z  vat? ( E n ) ,  (E, )2  
( I '  s e c l )  ( I7 us. S.C. E.)  

A. I O ~ ,  1-120 in DRISO 
I .o 0.46 0 . 7 2  

0.5 o..zX 0 . 7 2  

0 .2  0.34 0 . 7 1  

0. I 0.30 0 . 7 1  

0.05 0 . 2 8  0.70 
0 . 0 2  0 . 2 5  

0.01 0 . 2 0  

f i , J ~  ( i n ) ~ / ~ j h C O  
(11.4) (A c n z 3  sect V-h  mole-') 

On tlie addition of water to tetraetl~ylammoniun~ oxalate in DMSO the peak 
potential of the first oxidation wave is shifted to more positive values and tlie peak 
current of the Iiydroxide ion wave at  +o.c )  V decreases. In the presence of 10% water, 
only tlie two first waves are observed on the volta~nmograms (Table 6). With further 
increase in the water concentration, t l ~ e  first wave is shifted almost to the same 
potential as the second wave, and in tlie presence of 25% water only one wave is 
observed. The value of (i,)~/vhCO for this wave is constant a t  fast scan rates which 
implies a diffusion-controlled process (Table 6). 
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CONCLUSIONS 

The experimental results indicate that oxalate ion in DMSO (containing 0.1% 

water) is in slow equilibrium with acid oxalate ion and hydroxide ion 

COO- COOH 
I +HzO*I +OH- 
COO- COO- 

The galvanostatic experiments establish that oxalate ion undergoes a two-electron 
oxidation a t  a gold electrode. Furthermore, the chronopotentiometric and the cyclic 
voltammetric data indicate that an unstable intermediate is produced by the oxid- 
ation process, probably an adsorbed radical species 

+ ['o .] +. e- I 
COO- COO- ads. 

The radical is reduced a t  - 1.5 V to give the first of the reverse waves in Figs. 2 and 9. 
However, i t  is unstable (Table 5) and is decomposed to carbon dioxide ['""-I -2CO. 

COO' ads. 

which is responsible for the second reverse wave in Figs. 2 and 9. 
The second oxidation wave of oxalate ion, which occurs a t  the same potential 

as the oxidation wave of a freshly prepared acid oxalate ion solution (E,, +0.7 V),  
can be represented by 

yH + [r] +2 e-+H+ 
COO- COO ads. 

This reaction also represents the electrode process for the cllronopotentiometric 
oxidation of the acid oxalate ion (curve 2A, Fig. 2). Carbon dioxide and hydrogen ions 
formed by reactions (7) and (8) react with hydroxide ions 

Consequently, reaction (5) is shifted to the right and the concentration of ( C 0 0 ) ~ z -  
(and hence the value of (i,)l/v*CO) decreases whereas the concentration of H(C00)z- 
(and the value of (ip)Z/v)CO) increases with decreasing scan rate (Table 3 ) .  

In the presence of excess hydroxide ion, reaction (5) is shifted to the left and 
only the first oxidation wave (reaction (6)) is observed. However, in the presence of 
water, reaction (5) is shifted to the right and only the second oxidation wave (reac- 
tion (8)) is observed on the voltammograms. The value of i,/vKO for the single wave 
obtained in the presence of excess hydroxide ion as well as the value obtained in the 
presence of 25% water is close to the sum of the corresponding values for the first 
and second waves obtained from solutions in which both oxalate ion and acid oxalate 
ion are present according to reaction (5)  (Tables 3 ,4 ,  and 6). 
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Chronopotentiometric and voltammetric experiments indicate that acid 
oxalate ion is not stable in DMSO and that it is decomposed to form oxalic acid and 
DMSO solvated Ilydroxide ion (Fig. 2). Furthermore, when hydroxide ions are 
removed from the solution by reactions (9) and (IO), the acid oxalate ion decomposi- 
tion will be accelerated 

COOH COOH 
/ + H 2 0 + /  +OH- 
COO- COOH 

Consequently, for slow scan ratcs where reactions (9) and (10) are brought to com- 
pletion, the peak current for acid oxalate ion (at +0.7 V) decreases and that of hydrox- 
ide ion (at +o.9 V) increases with decreasing scan rate (Table 3) .  Reaction (11) is 
favoured a t  slow scan rates and causes the value of [(i , )~ +(i,)z]/v~CO to decrease a t  
scan rates below 0.05 V/sec. 

'~etraetllylammonium hydroxide in DMSO is oxidized a t  a gold electrode with 
a peak potential of +o.8 to +o.q V (Table 2 and Fig. 5). The wave is probably due to 
a one-electron oxidation of hydroxide ion to a radical intermediate which is adsorbed 
on the electrode 

OH- -t .OH,,I,. +e- (12) 

The radical species may decoliipose to water and oxygen, the latter being responsible 
for the reverse chronopotentiogram of curve zR, Fig. z9. 

The peak current for hydroxide ion decreases in the presence of water and the 
wave is conlpletely obliterated in a IO?, water-DMSO mixture. Apparently, hydrox- 
ide ion.; are not osidized a t  potentials below +I.O V in water-DMSO mixtures. 
Further work on the electrochemical oxidation of hydroxide ion in DMSO is in 
progress. 
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S U M M A R Y  

The electrocl~eniical oxidation of oxalate ion in dimethylsulfoxide a t  a gold 
electrode has been .itudied by chronopotentiometry and cyclic voltammetry. The 
final oxidation product is carbon dioxide but an unstable intermediate is formed 
during the oxidation process. In the absence of excess hydroxide ion, oxalate Ion is 
partly hydrolyzed to acid oxalate ion which is oxidized to carbon dioxide and hy- 
drogen ions. Oxidation mechanisms are proposed that are consistent with the data. 
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BIAMPEIiOMETRIC INDICATION I N  CHELOMETliIC TITRATIONS IN 
ACIDIC SOLUTIONS 
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Czechoslo71ah Academy of Scrrnces, J .  Hry~,ouskd Polarographzc Instztute, Analytzcal Laboratory, 
Prague (Czecl~oslouak~a) 

(Iieccive~l May rgth, 1967) 

Riamperometric and bipotentiometric titrations are often used in analysis 
because of their simplicity and versatility. Riamperometric and bipotentiometric indi- 
cations are used mainly in redox titrations, especially in the determination of water 
with Karl Fischer reagent, and in precipitation and complexometric titrations. 
Riamperometric EDTA titrations of various substances, using two mercury electrodes 
or electrodes of the same metal as that to be determined (e.g., copper electrodes for 
the determination of copper) have been described in the literaturel-6. 

liecently, a series of papers reported on biamperometric titrations with EDTA 
and related co~npouncls for the determination of various metals using two platinum 
electrodes7-"'-. In  these titrations, relatively Iligli applied voltages are used (400-1100 
nmV) and the titration curves obtained are of the V-type for the electroactive metals 
titrated (e.g., Fe3+, T13+, Cu") and of the reversed L-type for electroinactive metals 
(e.g., Al", TI14+, Hi3+). Recause in these titrations two oxidation forms are not 
present in t l ~ e  solution, as in other biamperometric titrations (only one oxidation 
state of the titrated metal and its chelate is present in the solution up to the equiv- 
alence, and only the metal chelate and excess titrant after the equivalence), we 
followed the course of the titration curves, recording the potentials of the indicating 
electrodes during the titration and the polarization curves of the titration systems in 
an attempt to find tlle mechanism of indication. 

EXPERIMENTAL 

The shape of the titration curves, and electrode potentials during the course of 
titration were followed using an apparatus (Fig. I) consisting of two rotating platinum 
wire electrodes with area 0.15 cm" rotating in the range 600-1400 rev./min. Two 
saturated calornel electrodes were located close to these electrodes (about I mm 
distance). The voltage was applied to the electrodes from a Kohlrausch drum and the 
current was measured by means of a mirror galvanometer with maximum sensitivity 
3.5 x 10-" nmm-1. The exact values of applied voltage and the potentials of the 
platinum electrodes us. S.C.E. were measured by an electron-tube compensation pH- 
meter, PHK-I (Mikrotecl~na, Czechoslovakia). 

The polarization curves \yere recorded using a rotating wire platinum electrode 
wit11 area 0.12 cm+otating a t  rooo rev./min, an S.C.E. reference electrode and a 
PO@ polarograpli (liadiometer, Copenhagen, Denmark). 
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The pH-values of the solutions were measured with a glass electrode (pH- 
meters PHK-I and PHM-25, Radiometer, Copenhagen, Denmark). 

Before each measurement, for titrations as well as polarization curve record- 
ings, the adsorbed substances were removed electrolytically from electrode surfaces. 
The auxiliary platinum electrode was immersed in the solution and first oxygen 
(30 sec) and then hydrogen (I  min) was evolved on each indicatingelectrode in 0.1 N 
HzS04 solution or in distilled water, using an applied voltage of 4.0 V. 

Fig. I. Apparatus for biamperonletric titration with mcasurcment of clcctroclc potentials. (M), 
motor; (B), battery; (G), galvanometer; (V). voltmctcr. 

Fig. 2. Polarization curves of base electrolyte (monochloroacctic acitl-ammonia, pH 2.3  ; ionic 
strength 0.1). ( I ) ,  dissolved oxygcn renlovctl by bubbling with nitrogen; (r),  in the prcscnce of 
dissolved oxygen. 

The 0.05 M solutions of metal salts were prepared by dissolving the solid sub- 
stances in water; they were standardized by EDTA visual titrations or gravimetri- 
cally. 0.05 M EDTA solution was prepared by dissolving the solid material (Lachema, 
Czechoslovakia) in water and adjusting the pH to 5.0 with NaOH solution. The buffer 
solutions were prepared from trichloroacetic acid (pH I-2), rhloroacetic acid (pH 2-3). 
acetic acid (pH 4-7) and ammonia using potentiometric control. The resulting ionic 
strength was approximately p = 1.0. 

RESULTS 

Titrations of Fe3+ and A13+ ions with EDTA solution were studied, Fe3+ 
representing the electroactive metal and Al"+ the electroinactive metal. The total 
volume of solution titrated was ~ o o  ml and the concentration of titrated metal, 
I O - ~  M. Solutions were buffered in most cases, the total ionic strength of the solutions 
being 0.1 (for buffers see EXPERIMENTAL). In some cases titrations were carried out in 
unbuffered solutions. The titrant was 0.05 M EDTA. 

The polarization curves were recorded in solutions of the same composition 
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using a rate of polarization of zoo mV/min. All potential values are measured against 
S.C.E. 

The polarization curve of the base electrolyte (buffer, monochloracetic acid- 
ammonia, pH 2.3; p = o . ~ )  is shown in Fig. 2. If the dissolved oxygen was removed by 
bubbling with nitrogen, the cathodic liberation of hydrogen began a t  about -0.35 V 
and anodic oxygen was liberated a t  about +I.Z V. At a potential value of about 
+0.8 V there was an anodic pre-wave due to the formation of platinum oxides 
(curve I). If dissolved oxygen was present in the solution (concentration about 
I O - ~  M ) ,  its reduction wave appeared a t  a potential of about +0.35 V (curve z). 
These potential values were obtained when polarizing from negative to positive po- 
tentials. If polarization is from positive to negative, the polarization curve is shifted 
by 20-100 mV in the positive direction. In this case, the "dissolution pattern" due to 
tlie anodic dissolution of platinum oxides" does not appear, probably as a result of 
the reduction effect of the baseelectrolyte. 

The experiments showed that dissolved oxygen influences neither the shape 
nor the position of the polarographic waves of the titration systems and therefore i t  
was not removed from the solutions. 

If two rotating electrodes are immersed in the solution, they reach a potential 
of about +o.3 V. When a voltage is applied to these electrodes, the cathode potential 
shifts to negative values and that of tlie anode to positive values. Because cathodic, 
like anodic, electrode reactions of oxygen are of a kinetic nature, they can be represent- 
ed by the Tafel equation23 

where q is the overvoltage and a and b are constants. 
The shift of electrode potential due to an increasing applied voltage will be given by 
the slope of the Tafel equation ( b  = o . ~ z  for platinum). 

Fig. 3.  Dependence of background current upon applied voltage; n~onochloroacetic acid-ammonia, 
pH 2 .3 ;  ionic strcngth 0.1. 

The dependence of current values upon the applied voltage is given in Fig. 3.  
These values appear in the course of titration as residual current (background). 
From Fig. 3 i t  follows that in a given base electrolyte an applied voltage in the range 
0-1.2 V can be used without obtaining too high a background current value. This 
applied voltage range will shift with the pH of the solution by -0.059 V/pH unit due 
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to the shift of cathodic and anodic oxygen waves according to the equationZ4 

E=Eo-o.ogg pH 

When the base electrolyte contains, for example, ferric ions ( I O - ~  M )  these 
give a cathodic wave with a lialf-wave potential of about +0.47 V. Two platinum 
electrodes immersed in this solution have a potential of about +0.740 V. When an 
increasing voltage is applied to the electrodes, their potentials shift again according 

-0.1 00 0 0.2 0.4 0.6 0.8 1.0 
1.2 

Applied voltage (V )  

Fig. 4. Dependence of electrode potential a t  start of Fc3+-EDTA (10-3 N Fc3+) titration upon the 
applied voltage. ( I ) ,  0.1 M buffcr ammoniu~n ~llonochloroacctate, pH 2.3; ( 2 )  uubufferetl soln. 
10-2  M NaC1. 

Fig. 5. Polarization curvcs for various phases of Fe3+-EDTA titration. (a), bcgili~linp; (b), onc- 
half of equivalence; (c), equivalence; (d), 50'!/" over-titrated; (e) resulting titration curve. ( A ) ,  
applied voltage; (I)  base electrolyte; (2) curves of titration systems: (a, b), Fe3f; ( t l ) ,  EDTIZ. 

to the Tafel slope of the oxygen and ferric ions waves (Fig. 4). The current begins to 
increase from the background value a t  an applied voltage of about 0.3 V and then 
increases exponentially with increasing applied voltage. 

During the titration of this solution with EDTA, the ferric ion wave decreases 
owing to  the formation of Fe-EDTA chelate but the wave of this chelate does not 
appear in all potential ranges. At the equivalence point, the current decreases to the 
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background level (the dissociation of Fe-EDTA chelate is negligible). After equiva- 
lence, the anodic EDTA wave (half-wave potential approximately +0.8 V) appears 
and the potentials of the electrodes shift to negative values so that anodic oxidation 
of EDTA and cathodic reduction of dissolved oxygen takes place (Fig. 5). The shift 
of electrode potentials during the titration up to the equivalence point is a result of 
the decreasing concentration of ferric ions (according to the Peters equation). At the 
equivalence point, potentials shift to values a t  which new electrode reactions begin 
(EDTA oxidation, dissolved oxygen reduction) (Fig. 6). In general, the electrode 
potentials reach such values that anodic and cathodic currents are equal, the potential 
difference between electrodes being constant and equal to the applied voltage. 

0.2r\, , , 
cathode 

0 1 2 
rnl 

4 

Fig. 6. Dependence of electrode potential upon volume of titrant added. 10-3  N Fe3+; buffer 
ammonium n~onochloroacctate, PI-I 2 .3;  ionic strcngtli 0.1 ; titrated with 0.05 N EDTA. 

When an electroinactive metal is titrated (e.g., A13+), up to the equivalence 
point only background current flows in the circuit; after equivalence, the current in- 
creases as a result of the electrode reaction of EDTA and dissolved oxygen. The 
titration curve has the shape of a reversed L. 

I t  is, therefore, inconvenient to remove dissolved oxygen in these titrations 
because this would necessitate the use of higher applied voltages for obtaining the 
current increase after the equivalence (tile distance between the hydrogen reduction 
wave and anodic wave of EDTA is about 0.6 V greater than that between the EDTA 
anodic wave and oxygen reduction wave). 

When voltage is applied to the electrodes, it is necessary to wait about 15 min 
to obtain a constant current value because the initial current decreases exponentially 
with time. The currents due to EDTA oxidation are also time-dependent because of 
the complex character of the electrode reaction of EDTA and related compounds. 
This problem will be discussed in the following paper. 

T h e  dependence of the shape of titration curve u$on the ionic strength and fiH of the 
solz.ction 

A solution of monochloracetate-ammonia buffer, pH 2.3,  was used and 
sodium perchlorate solution was added to obtain various values of ionic strength 
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between 0.1 and 3.0. The electrode potentials are not affected by increasing ionic 
strength, the current slowly decreases with increasing ionic strength. The decrease of 
current after the equivalence point is greater than before tlie equivalence and a t  
ionic strengths of about 3.0, the current due to EDTA oxidation disappears. This 
phenomenon will be discussed in the following paper dealing with the voltammetry of 
EDTA and related compounds. 

The pH of the solution affects tlie shape of the titration curve in very acidic 
solutions where dissociation of metal chelates takes place and there is curvature of the 
titration curve in the vicinity of the equivalence point. Above pH 4.0 the current 
after the equivalence point decreases owing to the decreasing Ileight of the anodic 
EDTA wave. In neutral and alkaline media, the shape of the titration curves is 
different from that in acidic solutions owing to the different bellaviour of EDTA on 
the platinum electrode (in alkaline solutions the titration curve rises up to the equiv- 
alence point after which the current remains constant). The lnecllanism of biampero- 
metric indication in this case is more complicated and work on this aspect is now in 
progress. 

T h e  effect of halide ions o n  the shape oftlze titration curues 
In the presence of fluorides, only the slow decrease of current due to increasing 

ionic strength takes place (in the case of ferric ions, the current up to the equivalence 
point decreases due to the formation of iron fluoride complex). The presence of 
chloride and bromide ions, Ilowever, cause an increase of current up to the equivalence 
point while the potential of the electrodes shifts to more negative values (Figs. 7 and 

IL 
10.' 10-1 2.10-1 3.10.' 

Conc. CI- ( M )  

E ( V ) -  

0.8 

0.4 

0 

2 

10.' lo-> lo-' Conc. Br-  (MI  

Figs. 7-8. Dependence of clcctrode potentials and measured currents of Fe3+-EDTA titration 
upon concn. of: (7) chloride ions, (8) bromide ions in soln. Ruffcrcd soln., pH 2.3; applled voltage 
0.8 V. (I), beginning of the titration; (z), end of titration, 50% over-titratcd. 
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8). The current after the equivalence slowly decreases with increasing concentration 
of C1- and Br-. 

C1- and Br- yield anodic waves on the platinum electrode a t  potentials of 
-I-1.15 V and +0.85 V, respectively. The chloride wave appears at chloride concen- 
trations of 10-3-10-W and its height very slowly increases with concentration. The 
bromide wave appears even at a concentration of 10-5  M and increases rather 
quickly with increasing Br- concentration. In  these electrode reactions, there is 
evidently adsorption of halides and electrode reaction products on the electrode 
surface (the drop in limiting current occur when adsorbed oxygen displaces these ions 
from the electrode surface). The presence of ferric ions causes an increase in the height 
of these anodic waves in a solution of monochloracetate-ammonia buffer of pH 2.3 
(Figs. 9 and 10). This effect was not observed in strongly acidic medium25. 

Figs. 9-10. Anodic wavc of: (9) 4 . 10-W chloride io~ls, (10) 10-3 M bromide ions. Buffer monochlo- 
roacetic acid-ammonia, pH 2.1 ; ( I )  without Fe3+; (2) in  the presence of N Fe3+. 

In the presence of chloride or bromide, the overall current value during the 
titration is given by the catl~odic reduction of the metal titrated and anodic oxidation 
of C1- or Br-. The potential difference between these waves is less than in the case of 
anodic liberation of oxygen and therefore the indication at a given applied voltage is 
more sensitive (the current measured is greater). High concentrations of these halides 
in the solution cause overlapping of the anodic waves of EDTA and halides and a 
decrease of the current after the equivalence point. If these facts are taken into 
consideration, the optimum concentration of chloride is 10-1 M and that of bromide 
I O - ~  M in order to obtain the highest current values and a sufficiently sharp break in 
equivalence. 

CONCLUSION 

Chelometric titrations wit11 EDTA and with related con~pounds that behave 
similarly in acidic medium, can be carried out using applied voltages in the range 
0-1.2 V. When applied voltages greater than 1.2 V are used, the background value 
of current very quickly increases due to the electrolysis of base electrolyte. By 
choosing a suitable applied voltage, a desired current value can be obtained. The 
titrations are possible in buffered as well as unbuffered solutions and the composition 
of titrated solution does not have any significant effect on the shape of titration curve. 

The effect of chloride and bromide ions shows that i t  is possible to use with 
advantage other substances that yield anodic polarographic waves at suitable 
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potentials and react neither with titrant nor with the substance titrated, as an 
anodic redox system instead of oxygen liberation, to obtain greater sensitivity of 
indication. 

High salt concentrations in solution cause a decrease of current after the 
equivalence point but the dete~mination of tlie equivalence point becomes impossible 
when the ionic strength exceeds 3.0 in tlie case of tlie titration of electroinactive 
metals. When electroactive metals are titrated, tlie V-shaped titration curve changes 
a t  an ionic strength of 3.0 to L-shaped with some decrease of accuracy of determi- 
nation. 

If the polarization curves of the substance to be titrated and of the titrant are 
known, a suitable applied voltage can be determined and the approximate shape 
of the titration curve constructed. The intersection of the voltammetric wave of the 
substance to be titrated and the wave of anodic oxygen liberation (or e.g. anodic 
bromide wave) with the straight lincs E = constant (E =potential) a t  the desired 
current values is obtained, and the distance between the intersection of these lines 
with the potential axis gives the necessary applied voltage. The necessary applied 
voltage for the part of titration curve after theequivalence where the waves of dissolved 
oxygen and tlie anodic wave of tlie titrant appear, is obtained similarly. 

From the series of polarization curves corresp~nding to tlie various phases of the 
titration, i t  is possible to construct the approximate sliape of the titration curve. 
The applied voltage must be located on tlie potential axis in such a way that the 
cathodic current equals the anodic current in each phase of tlie titration. 

The method of indication described is suitable for all clielating agents that 
yield anodic voltammetric waves. The following paper, discusses the voltammetric 
beliaviour of EDTA and related conlpounds on a platinum electrode with respect 
to their use as titrants in biamperometric titrations. 

SUMMARY 

The n~echanisn~ of indication in clielometric titrations with etliylenediamine- 
tetraacetic acid (EDTA) as titrant, using two identical platinum electrodes has been 
studied. The currents measured in tlie course of the titration were due to  cathodic 
reduction of tlie metal titrated and anodic oxygen liberated up to tlie equivalence 
point and after this, to anodic oxidation of ED'rA and cathodic reduction of oxygen 
dissolved in the solution. The general conditions for tliese titrations are given. 
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In  a previous paper1 we discussed the mechanism of biamperometric indication 
of EDTA titrations using two platinum electrodes. Since EDTA-type substances be- 
have in a similar manner to EDTA in biamperometric titration, we have studied their 
electrode reactions on a rotating platinum electrode because a knowledge of these is 
necessary for choosing tlie best titration conditions. 

Although the behaviour of organic compounds on platinum electrodes has been 
the subject of many investigations, these studies have been limited to substances 
of relatively simple composition. Recently, the oxidation of a number of alcohols, 
aldehydes and organic acids on platinuni electrodes has been studied2.3. The authors 
show that these organic compounds are adsorbed on the electrode surface and are 
dehydrogenated; this is followed by the slow reaction of the organic compounds 
wit11 the radical OH. adsorbed on the electrode. In certain potential ranges,l these 
reactions are slowed down by the adsorption of oxygen. 

The reaction of EDTA on a platinum anode has also been investigated4.5. 
EDTA was found to give anodic waves of diffusion character, the height of which is 
dependent upon the pH of the solution and concentration of EDTA. With increasing 
p H  of the solution, the waves shift to more negative potential values. In  the pH-range 
7.9-12.2, the wave-heights increased with increasing pH. The dependence of height 
and position of wave upon the pH is a result of variations in the dissociation equilibria 
of EDTA. 

On a graphite electrode impregnated with paraffin, a anodic EDTA wave 
with half-wave potential +1.2 V has been found, the height of this wave being direct- 
ly proportional to the concentration of EDTAG. 

Because very little seems to be known about anodic EDTA oxidation and 
EDTA analogues have not so far been investigated, we examined the behaviour of 
some of these compounds on the rotating platinum electrode (Table I). 

EXPERIMENTAL 

A platinum rotating wire electrode of area 0.12 cm2 with rate of rotation 1000 

rev./min, a reference saturated calomel electrode, and a POqd polarograph (Radio- 
meter, Copenhagen, Denmark) were used for recording polarization curves. 
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TABLE I 

EDTA-TYPE SUBSTANCES STUDIED 

ethylenecliamine (en) 

CHzCOOH 

H N  
/ 

iminocliacetic acid (imino) 
\ 

CHzCOOH 

CHzCOOH 
I 

HOOCHzC-N-CHzCOOH 
nitrilotriacetic acid (NTA) 

HOOCHzC CHzCOOH 
\ 

N-CHz-CHz-N 
/ 

ethylenediaminetetraacetic acid (EDTA) 
/ 

HOOCHzC 
\ 

CHzCOOH 

CHzCOOH 

I ,z-dian~inocyclohexanetetraacetic acid (DCTA) 

CHzCOOH 

HOOCHzC CHzCOOH 
\ N-CHZ-CHz-0-CH2-CHz-0-CHz-CHz-N / 

HOOCHzC 
/ \ CHzCOOH 

ethyleneglycol-bis-(z-nminoetl~ylether)tetraacetic acid (EGTA) 

HOOCHzC CHzCOOH CHzCOOH 
\ I 

N-CHz-CHz-N-CHz-CHz-N 
/ 

HOOCHzC 
/ \ 

CHzCOOH 

diethylenetriaminepc~ltaacetic acid (DTPA) 

HOOCHzC CHzCOOH CHzCOOH 
\ I 
N-CHz-CHz-N-CHz-CHz-N-CHz-CHz-N / 

HOOCHzC 
/ 1 

CHzCOOH \ CHzCOOH 

triethylenetetraminehexaacetic acid (TTHA) 
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pH ~neasurements were carried out with a glass electrode using a PHM-25 
pH-meter (Racliometer, Copenllagen, Denmark). 

Before each measurement, tlle electrodes were electrolytically cleaned by 
evolving oxvgen ancl Ilydrogen, as described in a previous paperl. Unless otherwise 
stated, measurements were carried out a t  room temperature. 

The 0.05 M solutions of etliylenediamine, imino, NTA, EDTA, DCTA, EGTA, 
DTPA, and TTH-4 were prepared by dissolving tlle solid substances in water and 
adjusting the pH to 5.0 with NaOH solution. If the purity of the material was below 
99.9%, it was purified by dissolving in NaOH and precipitating with HzS04. The 
products en, imino, NTA, EDTA, TTHA were obtained from Lachema, Czecho- 
slovakia and DCTA, DTPA, EGTA from Geigv, Switzerland. 

Buffer solutions were prepared from trichloracetic acid (pH I-z), mono- 
chloracetic acid (pH 2-3), acetic acid (pH 4-7) and ammonia with potentiometric 
control, the resulting ionic strength being approximately 1.0. For pH-ranges above 
7.0, buffer solutions consisting of acetic or boric acid and ammonia or potassium 
Ilydroxide were used. 

RESULTS 

The EDTA analogues were used a t  a concentration of 5 . 1 0 - ~  M in 0.02 or 0.1 
M buffer solutions, the total volume being ~ o o  n11. Tlie speed of polarization was zoo 
mV/min. Since dissolved oxvgen has no effect on the shape and half-wave potentials 
of waves it was unnecessary to remove it from the solution. 

The EDTA-type substances were studied in a wide pH-range (0.5 M HN03- 
p H  11.5). Tlie wave-lieiglits ancl half-wave potentials obtained are given in Table z. 

Neither ethvlenediamine nor iminodiacetic acid yield a voltammetric wave in 
this pH-range, but only shift the anodic oxygen liberation potentials to more positive 
values by about zo-roo mV. The anodic waves of the other substances studied appear- 
ed even in solutions of 0.5 M HNOs, their Ileight increased with decreasing acidity of 
the solution up to approximately pH 2.0 and then decreased. In the pH-range 3.5-4.0, 
all waves completely disappeared. The cl~aracteristic shape of the waves in acid 
solution is given in Fig. I. The height of these waves increases with increasing 
concentration of EDTA-type substances, but this dependence is not linear and has an 
asymptotic cllaracter (Fig. 2).  

In the pH-range 3.5-4.0 to 5.5-615 only the potential of anodic oxygen liber- 
ation shifts to more negative values in dependence upon the concentration of sub- 
stances studied (Pig. 3). This dcpenclence has the same asymptotic character as the 
dependence of wave height on concentration. 

In solutions of pH above 5.5 only the waves of EDTA, DCTA and TTHA 
appear with a sliglltly lower slope than that of waves in acidic solutions. In  some 
cases double waves appear (Table z ,  Fig. 4). The half-wave potentials shift to the more 
negative values with increasing pH of the solution (Table 2). 

All the waves are obtained only when the direction of polarization is from 
negative to positive potentials. If polarization is in the opposite direction, the 
currents due to the oxidation of the ED'TA-type substances are obtained only for 
very slow polarization carried out point-by-point in intervals about 30 sec-I min. The 
shape of current-potential dependence in this case is very different from the shape 



388 I<. S T U L ~ K .  I;. VYDRA 

J .  Electroanal. Chem., 10 (1968) 385-395 



EDTA ON A ROTATING Pt ELECTRODE 

ika,(A) 

-+ 1.5 +1.0 + 0.5 
-0 

-4.10-' 

ion 

Fig. I .  Anodic RDTA wave in acidic soln.; p H  1 . 8 , o . o ~  M buffer monochloroacetic acid-ammonia. 
5 - M EDTA. ( I ) ,  base electrolyte; (z), base electrolyte + EDTA. 

1 
lo-" 10-4 I&' 

Concn. EDTA (MI 

Fig. 2. Dependence of EDTA wave height on concn. p H  2.1, 0.02 M buffer monochloroacetic 
acid-ammonia. 

Fig. 3. Dependence of potential shift of anodic oxygen liberation on EDTA concn.; pH 5.0,0.02 M 
buffer acetic acid-ammonia. ( I ) ,  base electrolyte; (2). 1 0 - 4  M ;  (3). 2 . 1 0 - 4  M ;  (4) 3 . 10-' M 
EDTA. 

Fig. 4. Anodic EDTA wave in alkaline soln., p H  g . o , o . ~  M buffer acetic acid-ammonia, 5 . 10-' M 
EDTA. (I) ,  base electrolyte; (2) base electrolyte + EDTA. 
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of waves obtained using continual polarization from negative to positive potentials 
(Fig. 5). 

In  many cases there are drops in the limiting currents the extent of which in- 
creases with increasing concentration of EDTA-type substances. The value of the 
slope of the waves is in the range 0.08-0.1. Also, the time-dependence of the current 

I 1 ;o"(A) 

Fig. 5. EDTA anodic wave recorded from + t o  - potentials, point by  point; pH 2.1, 0.02 f i f  
buffer monoehloroaeetic acid-ammonia; potential of clcctrotle c h a ~ ~ g c d  by 20 tnV in 30-sec 
intervals. (I), base electrolyte; (2), 5 . 10-4  M EDTA. 

Min 

Fig. 6. Dependence of currents due to EDTA oxidation on time; pH 2.1,  0.02 AT buffer mono- 
chloroacetic acid-ammonia, 5 - 1 0 - 4  M J<I)TA. (I) ,  foot of anodic wave; ( r ) ,  half of the wave; (3). 
limiting current. 

Fig. 7. Dependence of EDTA wave height on soln. cotnposition; pH 2.3, 5 . 1 0 - 4  M EDTA. ( I )  
0.02 M buffer monochloroacctic acid-ammonia; (2), unbuffered soln. (HNOB); (3). 0.1 M buffer 
monochloroacetic acid-ammonia. 
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values is of interest (Fig. 6). The wave height is depressed by surface-active sub- 
stances (e.g., amyl alcohol). 

In acidic media, the waves are practically independent upon the composition 
of the solution. The height and tlie sliape of the waves of EDTA, DCTA, and TTHA in 
alkaline nledia are, Ilowever, dependent upon the solution composition. The highest 
and the best-shaped waves appear in acetate medium; the height increases with in- 
creasing concentration of acetate up to 0.3 M and then slowly decreases. In  this 
range of acetate concentrations the region of pH in which no waves are obtained, 
narrows (Fig. 7). 

The dependence of wave shape upon the speed of polarization is given in 
Fig. 8 and the dependence of half-wave potential and wave height upon the rate of 
rotation of the electrode, in Fig. 9. 

Fig. 8. Dcpcndcnce of shape ant1 hcigllt of EDTA wave on the rate of polarization; pH 2.1, 0.02 
M buffer monochloroacctic acid-ammonia. 5 . 1 0 - 4  M EDTA. (I) ,  20; (z), zoo; (3) ,  400 mV min-I. 

+0.7--20 

0 300 600 900 1200 

c0.m. 
Fig. 9. Depcndcncc of llcight ant1 half-wave potcntial of EDTA wave on rate of rotation of 
electrode; pH 2.1, 0.02 M buffer monochloroacctic acid-ammonia, 5 . 10-4 M EDTA. (I),  wave- 
height; (2), half-wave potential. 

T H E  PROBABLE MECHANISM O F  ELECTRODE REACTIONS 

The dependencies mentioned above indicate that EDTA-type substances are 
first of all adsorbed on the electrode surface; then anodic oxidation takes place 
followed by adsorption of the electrode reaction products on the electrode surface 
which slows down tile electrode process. In certain potential ranges (approximately 
0.3-0.5, 0.6-0.8, and 1.0-1.3 V) the electrode process is probably slowed down also 
by adsorption of oxygenc.3. The resulting anodic waves therefore represent currents 
of complex character from all these effects. In view of this, the use of the term, 
half-wave potential, is not in the proper sense, but indicates the potential value a t  
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t "C 
Fig. 10. Dependence of hcight and half-wave potential of ICDTA wave on tcniperaturc; pH 2.1, 

0.02 M buffcr monochloroacetic acid-anitnonia, 5 . M EDTA. 

(a) 
TTHA 

80- 

60- 

- 
E 
E - 
-c 40- 

20- 

3 4 5 6 
Number of - COOH 

(b) 

+0.5 ! 
2 3 4 5 6 

Number of-COOH 

Fig. 11. Dependence of: (a) hcight of anodic waves, (b) half-wave potcntial of anodic waves, on the  
number of carboxylic groups in lnolecule of substance oxidized. Concn. of substance studied, 
5 10-4 M. (I) soln. of 0.5 M HNOI; (2)  pH 2.4, buffcr acetic acid-ammonia. 
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which the waves reach one-half of their height because this is the value most con- 
venient for the determination of wave position on the potential axis. 

From the linear temperature-dependence of the wave height given in Fig. 10, 
it can be concluded that tlie reaction rate increase due to increase in temperature 
(which should be of exponential shape) is to a certain degree compensated by partial 
desorption of the substance studied from the electrode surface. 

We assume that a t  anodic oxidation of EDTA-type substances, decarboxyl- 
ation takes place as discussed by SCHWARZENBACH~ and KOPECKAS. This supposition 
is also confirmed by the dependence of wave-heights and half-wave potentials upon 
the number of carboxylic groups in the molecules of the substances studied (Fig. 11, 
a and b). With increasing number of carboxylic groups, the anodic wave-height in- 
creases and half-wave potentials shift slightly to more negative values. The structure 
of the chain of EDTA-type acids has no significant effect upon either wave-height or 
half-wave potential. Only in the case of DCTA, the molecule of which contains the 
cyclohexane ring, were substantially higher waves than that of EDTA found in al- 
kaline media (Table 2). The assumption of decarboxylation of these substances is also 
supported by the fact that etliylenediamine does not yield voltammetric waves in the 
pH-range studied. 

The adsorption and decarboxylation of EDTA-type substances is evidently 
influenced by their dissociation depending on the p H  of the solution. Figure 12 

(a)-(f) sllows the percentage of various dissociated forms of the substances studied in 
the solution depending on tlie pH, and the corresponding heights of their anodic 
waves. These dependencies show that anodic waves appear in pH-ranges where the 
non-dissociated acid and once-deprotonized form, exist. In  the pH-range of existence 
of the twice-deprotonized ion, no wave appears only the anodic oxygen liberation 
shifts to negative values. In  the range of p H  where the three-times-deprotonized form 
exists, the waves of EDTA, DCTA, and TTHA appear. 

CONCLUSION 

From the results obtained and taking into account the discussion in the 
previous paper1, it can be concluded that all tlie substances studied, with the excep- 
tion of ethylenediamine and iminodiacetic acid, can be used as titrants in biampero- 
metric titration with two platinum electrodes in acidic media. EDTA, DCTA and TTHA 
can also be used in alkaline media, especially DCTA which yields very high anodic 
waves in solutions of pH 6.0-9.0. In the pH-region about pH 5.0, it is possible to use 
the potential shift of anodic oxygen liberation due to the EDTA-type substances 
present. Some difficulties can arise as a result of the time-dependence of the anodic 
currents of these substances. Solutions of low ionic strength are preferred for the 
titration as the anodic current decreases with increasing ionic strength (the maximum 
permissible ionic strength is about 3.0). From the point of view of anodic oxidation of 
EDTA-type substances, solutions of acetates are the most suitable titration media. 

SUMMARY 

The behaviour of EDTA, ethylenediamine, iminodiacetic, I,Z-diaminocyclo- 
hexanetetraacetic, nitrilotriacetic, etl~yleneglycol-bis-(2-aminoetl~ylether)tetraacetic, 
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diethylenetriaminepentaacetic, and triethylenetetraminehexaacetic acids was studied 
on a rotating platinum electrode. These substances, with the exception of ethylene- 
diamine and iminodiacetic acid, yield anodic voltammetric waves on a platinum 
electrode, the heights and half-wave potentials of which are dependent upon pH and 
the composition of the solution. The probable mechanism of the electrode reactions is 
given. 
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SENSITIVE AMPEI<OMETRIC TITRATION OF o-PHENYLENEDIAMINE 

EMPLOYING CATA1,YTIC ELECTRODE REACTION END-POINT DETECTION 

E. I i I R O W h - E I S N E I I  A N D  Hl\I<lZY U. MAI<I<, JR .  

Depavtment of CIzenztstry, U?liverstty (?f Mzch2gan. A n n  Arbor, Mzclz. 48104 ( U.S.A .) 

(lieccived J u l y  17th, 1967) 

INTRODUCTION 

Certain complexes of metal ions, such as Ni(II), Sn(IV), In(II I ) ,  Co(II), are 
reduced a t  potentials consiclerably Inore positive than those observed for thereduction 
of these metals in non-co~nplexing medial (in a Jzexaqz~o form in non-complexing 
aqueous media). In some cases, when the concentration of t l ~ e  complexing agent is 
small compared to the concentration of the metal ion, a polarographic prewave is 
obtained wl~ich is catalytic in nature wit11 respect to the concentration of the com- 
plexing agent, as the limiting current is several orders of magnitude greater than the 
diffusion limiting current for the metal complex. Even so, the limiting prewave 
current is essentially proportional to the concentration of the complexing agent 
(provided the prewave limiting current is less than about 15% of the main wave 
limiting current of tlie unconlplexed metal ionl.2). Because of the proportionality of 
prewave limiting current to concentration of complexing agent and the extreme 
sensitivity resulting from tlie catalytic or cyclic behavior of the electrochenlical 
reaction with respect to the complexing agent, these types of metal-complex systems 
have been employed successfully for the polarographic determination of trace con- 
centrationsl of tlie cornplexing agent. A detailed description of the nature of the 
electrode reaction and some analytical applications using the prewaves are summariz- 
ed in previous papers".". I t  was thought that the catalytic electrode reactions of these 
metal-complex systems might be employed as end-point detection (or indicator) 
reactions for sensitive micro-amperometric titrations using these complexing agents. 

The o-phenylenediamine (opda)-Ni(I1) system was chosen to demonstrate the 
application of the catalytic prewave as an amperometric end-point indicator, since the 
catalytic effect of this system is large1 and the prewave is very well defined (the 
prewave Iialf-wave potential is over 350 IIIV more positive than the Ni(I1) wave). 
This paper discusses the analytical applicability and limitations of this system as an 
amperometric end-point detection system and describes tlie kinetic complications 
that arise in the titration of trace concentrations. 

Reagents and a,bfiaratws 
Analytical-grade reagents were used without further purification. Diamino- 
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phenazine (daph) was prepared by the method of MAYER A N I )  I~EI IENI)S~ .  The opda 
and daph solutions were prepared before each experiment with de-aerated water. 
A I O - ~  M Au(II1) stock solution was prepared from AuC13 . HCl3 3Ha0 and was 
standardized electrogravimetrically5. Triple-distilled water was used for the prepara- 
tion of all solutions. The nitrogen employed for de-aeration was purified by standard 
procedures. 

A three-electrode polarograpl>, constructed essentially from the operational 
amplifiers circuits of DEFORD" and an Electro Instrument recorder, Model 320, were 
used for recording polarographic data and the ainperometric titration curves. 

The dropping mercury electrode had a, drop time of 4.30 sec and 1.84 mg/sec 
outflow of mercury a t  52 cm coluinn height in 1.0 M NaOAc, employing an applied 
potential of -0.8 V vs. Ag/AgOAc (in I M NaOAc). 

The auxiliary platinum electrode and the reference electrode (AgIAgOAc, 
1.0 M NaOAc) were fitted into separate polyetllylene tubes that were filled, respecti- 
vely, with saturated KN0:3 solution and I M NaOAc solution. Tliese two polyetllylene 
tubes were inserted into the electrolysis cell and they made contact with the electro- 
lysis solution througll Vycor thirsty glass plugs. 

The titrant (Au(II1) solution) was added to tlle electrolysis cell by means of a 
0.2-ml RG micrometer burette (Roger Gilmont). 

RESULTS AND DISCUSSION 

As has been previously shown8, NaOAc solution is a suitable supporting 
electrolyte for the analytical application of the Ni(I1)-opda prewave. The titrant for 
opda must react rapidly and completely in this media. Two groups of titrants were 
investigated for the titration of opda. The first group, consisting of metals capable of 
complexing with this compound, was unsatisfactory. No suitable reaction system 
was found, as the values of the stability constants of the metal complexes (from the 
literature) were not sufficiently large to allow titration of solutions of I O - ~  M opda. 
The second group consisted of species that were capable of oxidizing opda. The choice 
of a suitable oxidizing reagent depends on the oxidizing "power" as well as on the 
rate of the oxidation reaction, wllich is especially important in such dilute solutions. 
Quantitative data on the kinetics of opda oxidation reactions were not available in 
the literature and thus a trial-and-error testing of a large number of oxidants was 
undertaken to find a suitable system. 

A large majority of the cominon oxidation reagents were found to react slowly 
[Fe(III), Sn(IV), Mn (VII), Cr(VI), Ti(IV), U(III), Hg(II), Ag(I), 0 2 1 .  Copper has been 
reported as a catalyst7 for the acceleration of some oxidation reactions of opda, but 
the oxidation rates were not sufficiently fast for a practical titration. Ce(IV) was 
somewhat faster, but again not sufficiently rapid. However, Au(II1) was found to be 
an excellent oxidizing agent, as the rate of oxidation of opda was found to be very 
rapid even in dilute solutions. 

The titration curve obtained with Au(II1) was o f  unique shape having three well 
defined "end-point" inflections (Fig. I). During the first portion of the titration (AR), 
the product of the oxidation reaction increased the rate o f  the catalytic electrode 
prewave reaction, as indicated by an increase in the limiting current of tlle prewave. 
The second portion (line BC) of the titration curve involved a reaction product that 
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decreased tlie limiting prewave current. Further addition of titrant beyond the second 
linear portion of tlie titration curve (line CD in Fig. I) also decreased the limiting 
prewave current, but the rate of decrease diminished significantly. However, Fig. I 
shows that the overall catalytic effect on the limiting current of the last product of the 
reaction is still greater than that of the original opda. 

0 0.5 1 1.5 2 2.5 3 3.5 4 4.5 5 

2,fraction of opda titrated 

Fig. I .  Titration curve of optla with Au(I11). I-mole fraction of Au(II1) and initial opda; [opda]= 
I . 10-"1, [N~(OAC)~]  = 2.5 x lo-", (Na04cJ  = 4 .  10-2 M. 

2 .  fraction of daph titrated 

Fig. 2. Titration curve of clap11 with Au(I1l). 1-mole fraction of Au(lI1) and initial daph; [daph]= 
4 . 1 0 - W ,  [Ni(Oz2c),j = 7.5 x 1 0 - : I  M ,  LNaOAc] = I M. 

T l ~ e  mechanism of the reactions involved in each portion of the titration curve 
are of considerable interest, as these characteristics were quite unexpected. Thefirst 
portion (AB) of the titration curve corresponds to a I :  I opda-Au(II1) reaction ratio, 
as the end-point of tlie inflection occurs when one equivalent of Au(II1) hasbeen added 
to one equivalent of opda. Three electrons/molecule of opda are involved in this step, 
as one equivalent of Au(0) is precipitated. 

The product of this step (diaminophenazine) was found to be the same as the 
well known product of the air oxidation of opda7. This was shown by comparing the 
behaviour of the product of this titration step with that of a pure dapli solution. The 
two solutions had tile same catalytic prewave effect, the same UV and visible spec- 

J. Electroanal. Chem., 16 (1968) 397-404 
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trum, and the amperometric titration curves were o f  the same sllape, as shown in 
Fig. 2. 

The second end-point of the titration curve corresponds, approximately, to 
the completion of a I : I  dapll-Au(II1) reaction. No precipitate of Au(0)  appears 
during this step (RC in Fig. I andFig. 2). However, no attempt was made to determine 
if the product of this step is from (i) a complexation reaction between daph and 
Au(III) ,  or (ii) a redox reaction in wllich gold is reduced to a + I  valence state. 

Tlie third step of the titration curve (CD in Fig. I and Fig. 2) involves tlie re- 
duction of Au(II1) to Au(0).  Tlie identification of tllc final product was carried out 
by determining the number of electrons involved in tlie overall reaction, and tlie 
elemental composition of the product. This was accomplisl~cd by dissolving o . ~ o o o  g 
of opda in 20 ml water containing 2 g NaOAc. Tlien 30 ml of a 2.5 x 1 0 - M  Au(II1) 
solution was added slowly (over one hour), from a burette which had its tip immersed 
in the stirred solution. Tlie precipitate formed, wl~icll contained tlie final product plus 
Au(O), was filtered from the solution (tlirougli a fine sintered-glass funnel, which had 
been previously weighed) ancl waslied wit11 hot clilute I~yclrochloric acid which dissolved 
the final product; the gold precipitate was thus isolated on the funnel. The Au(0) 
was then weighed and the number of electrons involvetl in tlie overall reaction calcu- 
lated fro111 the weight. Tlien NaOAc was adcled to the solution containing the final 
product and the reformed precipitate washed with cold water and dried a t  130'. Tlle 
product was dark red in colour and was not solul,le in common organic solvents. 

Tlle number of electrons in the overall reaction for the oxidation of one 
molecule of opda was found to be 8+o.z. The first product of the oxidation is daph 
(as sllown above). The oxidation of two molecules of opda yielcls one molecule of daph 
in a reaction wllicll involves 3 electrons/molecule of opda. The further oxidation of 
one molecule of daph involves 10 electrons (or X electrons/molecule of opda to a half 
molecule of the final product). 

From these results it is concluded that tlie final proctuct is 2,3-dihydroxy-7,8- 
diaminophenazincliinon-(1,4) or ddapli, whicll is a 10-electron oxidation product of 
daph (16-electron oxidation product of 2 opda molecules). 

ddaph 
0 

The elemental composition of ddapll is: C, 52.94%, ; H, 2.94'%, ; N, 20.6%. The elemen- 
tal analysis of the final product was found to be: C, 53.23%; H, 3.16%; N, zo,75(;/o, 
which is in fair agreement with the ralculatcd values. 

Recornrnended titration jfwocedure 
Tlle opda (or dap l~  in the ~nechanism study) solution is transferred into a 

50-ml beaker and diluted wit11 Ni(I1) ancl NaOAc (as will I x  ciiscussed below). 
Oxygen is then removed by nitrogen. An initial ~~olarogram is run, and a voltage on 
the prewave plateau is chosen for the a~nperometric titration, or in cases where the 
concentration of opda is large, the peak potential of the prewave. 

The titrant is added slowly, with the tip of the burette inl~nersed in the solu- 
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tion; tlie solution is stirred thorougllly tlirougl~out the titration. If these precautions 
are not taken, a large localized concentration of oxidant can result in a complete 
conversion of opda to tlie final product, dtlaph, in this localized volume. The first 
end-point will, therefore, be pre~l~ature.  During the rising portion of tlie aniperometric 
titration curve (AR in Fig. I ) ,  the rate of the oxidation reaction is fast and measure- 
ment of the currents are talcen ininiediately after the solution is quiescent (a waiting 
period of 15 sec after stopping tllc stirring was found to be sufficient). Beyond the 
first end-point (BC in Fig. I) ,  the rate of the reaction decreases markedly and, in 
order to obtain constant current readings, the solution has to be stirred approximately 
30 scc after eacli addition of titrant and then measured after a further 15-sec interval. 
;lftcr the second end-point (CD in Fig. I ) ,  the rate of the reaction again increases and 
only a 15-sec periocl for quiescence is required. The overall time for one titration is 
approximately 35 niin i f  a full curvc is required or 25 lnin for determining the first 
end-point, whiclr is used for calculating the concentration of opda as the second and 
the third end-points are not rcl~rotluciblc, 

No teniperaturc control is necdcd, provided no abrupt changes (+I") in tem- 
perature occur during a particular titr a t '  lon. 

Effect  of ronzposition o f  the .subbovting c~lectvol_yte 
T l ~ e  co~nposition ancl the nature oi the supporting clectrolyte strongly affect 

the hellaviour of the prewave. As sllown previously" t11e catalytic prewave arises 
fro111 a rate-limiting surface reaction. Thus, the I~eigl~t  of the catalytic prewave should 
decrease wit11 increasing concrntration of supporting electrolyte because of the y0- 
effect and t l ~ c  sensitivity of tlic proposcd method can be increased by decreasing the 
concentration of tllc supporting clcctrolyte, NaOAc; 4 . 1 0 - M  NaOAc solutions are 
most suitable for the concentrations of opda in the 1-2 - 10-W range, and I M 
Na0.4~ for morc concentrated solutions. 

I?fJect of  n icke l  i o n  ronre7ztmtion 
As previously sllownx, the prcwave limiting current varies linearly with ligand 

concentrations (at constant Ni(I1) concentration) when the ligand concentrations are 
s~uall  compared with the Ni(I1) concentration. However, as the concentration of opda 
becomes comparable wit11 the Ni(I1) concentration, a limiting value of tlie prewave 
current is reacllecl. T l ~ c  I~el~avior of daph is the same, but the limiting current is 
reached a t  lowcr relative conccntrations of ligancl (Fig. 3). 

\\illen the Ni(I1) concentration is incrcascd, three effects are observed: (i) the 
plateau in Fig. 3 is reaclled at  I~igl~er ligand conccntrations, which means that the 
straight part of the curve in Fig. 3 is extended and the titration range of opda is thus 
extended to Inore conccntratcd solutions; ( i i )  the slope of tlle straight line portion of 
the curve in Fig. 3 incrcascs \vIiich means that the sensitivity of the prewave (and of 
the titration) wit11 respect to :optla is incrcasecl; (iii) the overlapping of the prewave 
with the main wavc is incrc:tscd causing loss of sensitivity and precision. 

Because two of tllesc effects are advantageous in practical analyses, the 
optirnum nicltcl concentration for tlie titration of different concentrations of opda 
must be determined as follows: the ~ninimum concentration of nickel is determined 
by the basic requirement t l ~ a t  a linear relationsl~ip between tlie prewave current and 
the concentrations of opda ancl daph must bc attained, e.g., unless [Ni(II)] is such 

J .  Electvon~znl. Chem., 16 (rgG8) 397-404 
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that the opda concentrations to be determined, fall on the straight line portions of 
both curves in Fig. 3 large errors will occur. For example: when I . 10-W opda is 
determined in 7.5 x ~ o - ~  M Ni2+, I M NaOAc, the relative error is 1.z0/,. If /Ni(II)] 
is decreased to 2.5 x ~ o - ~  M, the relative error becomes 30%. The upper limit of 
[Ni(II)] is determined by the overlapping or obscuring of the prewave by the initial 

Fig. 3 .  Variation of peak prewavc height with concn. of opda and ilaph. [Ni (O~lc )~ ]  =7.5 x 10-3 Ad, 
[NaOAc] = I M. 

Q 
daph 

a 

3, ,, 

a 15-- 
Y 
O 

/x a 

? ' I l l 1 1  1 1 1 l 1 1 1 1 1 1 1 1 1 1  
2 4 6 8 10 12 14 16 18 

rising portion (or foot) of the main wave as mentioned alxwe. For example, in the 
titration of 1 0 - W  opda solution in 4 . 1 0 - M  NaOAc, the [Ni(II)] has to be de- 
creased to a value of 2.5 x 10-3 M in order to obtain a well defined prewave. On the 
basis of these considerations, the optilnurn composition of the titrated solution for 
different opda concentrations was experimentally determined as follows: for 
2-10 . 10-6 M opda a 7.5 x M Ni(II) ,  I M NaOAc solution should be used. For 
1-2 . 10-W opda, a 2.5 x I O - ~  M Ni(II), 4 . 1 0 - 2  M NaOAc solution should be used. 

The upper limit of opda concentration that can be determined in a 7.5 x I O - ~  

M Ni(II), I M NaOAc solution is I O - ~  M (see Fig. 3 ) .  For more concentrated solutions 
of opda, the concentration of Ni(I1) must be increased. However, it is i~npracticable to 
determine solutions of opda more concentrated than 5 . IO-W, as precipitation 
reactions of the products begin to take place during the titration and interfere wit11 
the polarographic waves. 

2 0  

Effects of a maxima su,l5ressor 
The prewave exhibits a peak* in more concentrated solutions, but not a 

polarographic maximum. However, the Ni(I1) background wave does exhibit a sharp 
maximum. For the amperometric titration it was found that accurate results could 
be obtained without a maximum suppressor, but the titrations were usually carried 

Opdo aind doph concentration M X I O ~  

J .  Electroanal. Chcm., 16 (1908) 397-404 
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out in the presence of 4 . 10-W CaOAc (as a maximum suppressor)8 which decreases 
the rate of rise and, Iience, the overlap of the main Ni(I1) wave with the prewave. 

Sensiti7)ity and accltracy of the method 
The sensitivity of the method is limited by tlie degree of completeness of the 

oxidation reaction during the first two steps of the titration. The most dilute solution 
of opda that was deternlined experimentally was I 10-6 M (with a relative standard 
deviation of 4.6%). In the Inore concentrated ranges, the accuracy improves as 
expected (I . I O - ~  M solutions of opda were determined with 0.7% relative standard 
deviation). The quantitative results of typical determinations of various concentra- 
tions of opda are summarized in Table I. 

TABLE I 

AMPEROMRTRIC TITRATION O F  OPDA WITH ALl(I11) 

Concn. Relative Ilfedzum 
opda standard comgoszt?on ( M )  
( A T .  105) deuiatzon (%) 

Ni(OAc)z NaOAc Ca(0Ac)z  

I)eter~ni?zation of opdu i71 the firesence of other isomeric phenylenediarnines 
Altliough opda has been succesfully determined polarographically in the pre- 

sence of the other isomers~employing tlie Ni-opda prewave), the amperometric 
titration analysis failed when tile other isomers were present. In  the presence of 
either or both of the isomers, a very long time is neccessary to reach a steady current 
after each addition of titrant. Slow and competitive side reactions seem to be taking 
place between tlie different isomers during tlie oxidation. Furthermore, the end-point 
is not the true opda equivalence point and is strongly influenced by the composition 
of the titrating solution and it is therefore impossible to carry out a titration of opda 
in isomeric mixtures. A11 otlier species that are readily oxidized by Au(II1) also inter- 
fere in this titmtion. 

The catalytic prewave of the Ni-opda system has been used for a sensitive 
an~perometric clctection of the end-point of the opda titration. Au(II1) was chosen as 
titrant from a large group of possible oxidants, because of its favourable equilibrium 
and kinetic properties. Three end-points are observed in the titration and thereactions 
involved were shown to be as follows: 

opda daph 

J .  Eleclroa~zal. Chem., 16 (1968) 397-404 
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+Au3+ X (Unknown) 

ddaph 

The limiting sensitivity for the clctertnination of opda was found to be I . 10-6  

M, with a standard deviation of 4.6°/0. Tlte titration of opda was not feasible in the 
presence of the other pl~enylenediamines. The catalytic electrode reactions involving 
cyclic regeneration of the redox species, are applicable for end-point detection systems 
for the ampero~netric titrations of trace cqncentration of tlicsc specics, provided 
titrants can be found that have suitable tllermodynainic and kinetic properties in 
their reaction wit11 the redox species. 
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ELECTROANALYTICAL CHERfISTRY ANT) INTERFACIAL ELECTROCHEMISTRY 
Elscvicr Sequoia S.A. ,  Lausnnnc - I'rintctl in Thc Ncthcrlanils 

POLAIIOGIIAPHIC DIFFUSION COBFI~ICIENTS O F  
NITIIOAMMINECORAUT(I1I) COMPLEX IOh'S 

Tlle Ilkovit equation of the diffusion current in polarographyl, original or 
modified, lias often been applied to the determination of the diffusion coefficients of 
depolarizers2-4. Recause of the ease and rapidity of measurements, this method is 
expected to  be particularly useful for the determination of the diffusion coefficients of 
relatively unstable species in supporting electrolyte solutions. 

VON STACI<ELRRI<C, and his co-workers determined tlie diffusion coefficients of 
some inorganic ions in supporting electrolyte solutions of various ionic strengths4; 
the diffusion coefficients were calculated from the mean diffusion currents by using the 
modified Ilkovit equation with tlie numerical factor of 17 in the correction term. The 
diffusion coefficients thus obtained were compared with the values determined by the 
Cottrell cell method under the same conditions. GOKHSHTEIN also developed similar 
studies3, where tlie polarograpliic diffusion coefficients were computed by means of 
HANS' equation-s for the mean diffusion current, and the D-values were compared 
with the results obtained by ~nicro-diffractometry wit11 a solution of the same compo- 
sition. According to their results, the diffusion coefficients, which were determined by 
different methods, generally showed very good agreement with each other. In order 
to clarify tlie pliysical meaning of tlie diffusion coefficient determined by the polaro- 
graphic method, Ilowever, more accurate experimental studies are required. Tliis 
work concerns the polarographic cletermination of the diffusion coefficients of nitro- 
amminecobalt(II1) complex ions, [Co(NH3)6]3+, [Co(NH3)5N02]2+, cis-[Co(NH3)4- 
(NOa)a]+, t r a ~ z s - ~ ~ C o ( N H ~ ) ~ ( N O ' ~ ) ~ ] f ,  [Co(NH3)3(NOa)s] and [Co(NH3)2(NOs)4]-, in 
aqueous solutions of various ionic strengths. These ions are substitution-inert species 
and are tlleoretically interesting because they have nearly equal sizes but different 
charges. 

EXPERIMENTAL 

A potentiostat circuit%ith an operational amplifier and a high-speed recorder, 
as shown in Fig. I, was used to measure the current-time curves during the life of a 
Inercury drop. The instantaneous limiting current was measured by the following 
procedure : the electrode potential was adjusted to a given value on the limiting current 
plateau of tlie current-potential curve, and then tlie circuit was closed manually by 
the switch S in Fig. I a t  the moment when a mercury drop began to  grow in the solu- 

J .  Elcctroaral. Chenz., 16 (1968) 405-411 
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tion. The error due to possible fluctuations of time lag in the manual operation was 
negligible a t  the end of the life of a mercury drop, and the measured current was 
reproducible to + 0.1%. The current-time curves thus recorded were corrected for 
residual currents which were measured by the same method with the supporting 
electrolyte solutions. The dropping mercury electrode (DME) used Ilad a rnean rate of 
mercury flow ( E )  of 1.693 mg/sec and a drop til-ne (td) of 5.05 sec, when measured in 

Fig. I .  Block diagram of the potcntiostat circuit for thc mcasurctiicnt of current-time curvcs; 0.4, 
operational amplifier (UI'X-r, I'hilbrick I<esearches, Inc.);  1<1?C, high-speed recorder (Type D-5, 
Kiken Denshi Co., Ltcl.); POT, potentiometer; Dn'TT-<, tlropping mercury elcctrodc; CE, counter 
electrode (SCE) ; IiEI:, refcrcncc clcctrode (SCIC). Cr = 0.5 or 1 /d2; 1Zr = 30 or 60 k n ;  R, = 0.5-5 k n .  

Fig. 2. Relation between log i and log t ( i  in /LA, t in scc) of the first drop a t  tlic potential on the 
limiting current plateau, -0.7 V vs. SCR, ant1 a t  a height of thc lnrrcurp reservoir of 60 cm. 
Composition of soln.: I m M  [CO(NHR)G]CI~, 0.1 Ad liN0:1, ro rnAf HNCh, 0.0005':: Triton S 100. 
Thc broken line correspotlds to thc line with a thcorctical slope of 0.187. 

an air-free 0.1 M potassium nitrate solution at  -0.35 V 21s. a saturated calomel 
electrode (SCE) and a t  60 cm of the height of a mercury reservoir. The values of t , ~  
and m were measured in each measurement of the diffusion current. The instantaneous 
rate of mercury flow (1%) a t  the end of the life of a mercury drop was calculated from 
m by considering the effect of back pressure. A11 rneasurelnents were carried out in a 
thermostatted bath of 25 +o.I". 

Nitroamminecobalt(111) complexes ([Co(NH3)6]C13, [ C O ( N H S ) ~ N O ~ ] C ~ ~ ,  cis- 
[Co(NH3)4(N02)2]Cl, trans-[Co(NH3)4(NO.)alC1, [Co(NH3)3(N02)3] and NH4[Co(NH3).- 
(NO&]) of high purity were prepared and provided by Mr. T. I s o ~ o  of the I~zstitirte 
of Physical and Chemical Research, Tokyo*. All other cliernicals were of analytical- 
reagent grade; redistilled water was used to prepare tlie solutions. 

Tlre composition of the cell solution was as follows: depolarizer, I mM nitro- 
amminecobalt(II1) complex; supporting electrolyte, 0-2 M I<NO:,+ 10 mM HN03; 

* Chemical analysis data of the colnplcxcs arc rcportetl in ref. 9. 

J. Electroaizal. Chem., 16 (1968) 405-411 
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maxirnum suppressor, o.ooo~":, Triton X roo. Nitric acid was added in order to 
prevent the hydrolysis of rol)alt(II) species at  the DME. 

Prior to each n~easure~nent,  tlle cell solution was deoxygenated by bubbling 
oxygen-free nitrogen gas, saturated with water vapour a t  q O ,  tl~rougli the solution. 

RESULTS A N D  DISCIJSSION 

All tlie nitroamminerobalt(II1) complexes studied gave well-defined polaro- 
graphic waves corresponding to the one-electron reduction of Co(II1) to Co(I1). 

Fro111 tlie analysis of tlie relation between tlie maximum instantaneous limiting 
current ( i l )  and the lleiglit of the mercury reservoir (h) corrected for back pressure, 
and also from the analysis of tlie current-time (i-t) curve, the limiting current of 
each complex was shown to be cliffusion-controlled. The ratios of il to 124, were almost 
independent of Jz as shown in Table I. In each system, tlie log i-log t curve obtained 
with the first drop liacl a slope very close to tliat calculated by considering tlie correc- 
tion term of I<outecl<y; the result obtained with a Ilexamminecobalt(II1) ion is repro- 
duced in Fig.,z as an example. The value of i l ,  ~neasured in solutions of the same ionic 
strength, was proportional to the bull< concentration of each complex. 

R A T I O S  O F  T H E  MASlRlLlM INS'I 'ANTr\NI<OUS I.I,MITING C U R R E N T S  T O T H E S Q U A R E - R O O T S  O F T H E  H E I G H T  

OF TIIE MERCURY RESERVOIR CORRETTTLI) FOR R A C K  PRESSURE, lllh* I N  ,&A cm-+, AT 250. 

C o ~ l i p o s i t i o n  o f  the s o l u t i o n s :  1 111.Tf nitronminiiiecobaIt(lI1) c o m p l e x ,  0.1 M I iN03, 10 miW 
HN03, o.ooo~:;, Triton S r o o .  

The effect of the surface-active substance, Triton X roo, on the diffusion cur- 
rent, was esa~nined with the reduction wave of liexa~n~ninecobalt(III) ions. In the 
absence of Triton X ~ o o ,  tlie licsamminecobalt(III) ion in 0.1 M potassium nitrate 
solutions containing ro 1nM nitric acid slio\ved no maxiinurn of the first kind and de- 
veloped a well-defined diffusion current plateau. Although the lialf-wave potential 
became more negative with increasing concentration of Triton X 100, the shape of the 
i-t curve and tlie value of the maximum instantaneous diffusion current were not 
affected by tlie addition of up to o.oor(i4, of 'Triton X roo. I t  was assumed, therefore, 
that the effect of o.ooo5":, Triton x roo on the diffusion currents can also be neglected 
with tlie other nitroa~iuminecol~alt(III) con~plex ions studied. 

Tlie diffusion currents of the complex, except that of liexamminecobalt(II1) 
ion, decreased linearly wit11 t l ~ e  lapse of time after t l ~ e  preparation of the solution. 
Therefore, tlie diffusion currents a t  time zero, wliicli were estimated by the method 
of extrapolation, were used for the determination of the diffusion coefficients. 
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Tlie diffusion coefficient (L)) was calculated by the modified IlkoviC equation 
of I<OUTECK$~ : 

where id is tlle instantaneous diffusion current a t  the end of the life of amercury drop, 
~ z ,  the number of electrons involved in tlie reduction process, and C, the bulk concen- 
tration of the depolarizer. 

Table 2 and Fig. 3 represent the experimentally determined values of the diffu- 
sion coefficients of nitroa~mninecobalt(III) complexes in solutions of various ionic 
strengths. Tlle reproducibility of D-values was about I %. The diffusion coefficients a t  
infinite dilution (13") were calculated from the limiting ionic conductivities, 1" 8 ~ 9  

according to the Nernst equationlo. In solutions of high ionic strengths, the diffusion 
coefficients of the complex ions generally gave smaller values than those a t  infinite 
dilution. A similar decrease in the diffusion coefficient was also observed with an 

Fig. 3 .  lZelation I,rt\vecn the diffusion coefficicnts and the square-roots of ionic strength. Composi- 
tion of solns. : I 1 l l A 1  nitroan~nlit~ccobalt(Ill) complcx. 0-2 M l<NOa, 10 1nM HN03, o.ooog%,Triton 
S roo. Thc Ijrokcn lincs correspond to thc theoretical Gosting-Harnecl lines. 
(a) (a), [Co(r'JH3),;]:'+; ( o), [C'o(NH3)~NOs] W ;  (@), [Co(NtIn)a(NOd)s]. 
(b) (O), ci~-JCo(NMa)4(NOz)z].'.; ( 0), truns-[C,o(NH3)4(NOz)nlf; (@), LCo(NHa)z(NOz)4]. 

electrically neutral complex, LCo(NH3)3(N02)3]. The viscosity change of potassium 
nitrate solutions is relatively small in the concentration range studied; the viscosity 
decreases slightly with increasing concentration of potassium nitrate to about I M, 
after which it increases gradually and reaches a value almost equal to that of pure 
water a t  a concentration of 2 MI'. Tllerefore, the decrease in the diffusion coefficients 
cannot be explained solely by the viscosity effect. 

The diffusion coefficients of [Co(NH3)2(N02)4]- showed a very different depend- 
ence on the ionic strength from tl~ose of the other complex ions, as sliown in Fig. 3(b) ; 
in the range of ionic strength 0.01-1, the experimentallyobtained D-values were much 
larger than those expected from tlie diffusion coefficient a t  infinite dilution. 

The physical nature of the diffusion process under polarographic conditions is 
suppwed to be similar to the so-called tracer-diffusionlo. The diffusion coefficient, 
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Dr, of a tracer ion, j ,  in a solution of relatively low ionic strength is tlleoretically given 
by the equation of GOSTING A N D  H A I < N E I ) ~ ~ ;  

where A" is the limiting ionic conductivity of tlle it11 ion, Ci tlle ionic concentration in 
moles, T the absolute temperature, e the dielectric constant of tlie solution, v tlle velo- 
city of light, e the electric charge, R thegas constant, jZjI the valence of tlle $11 ion, and 
F the Faraday. Tlie broken lines in Fig. 3 represent the tl~eoretical curves calculated 
by means of the Gosting-Harned equation. Tlie experiniental values of nitroarnmine- 
cobalt(II1) complexes showed appreciable deviation from t l ~ e  theoretical lines both 
at  high and very low ionic strengths. A more pronounced deviation was observed a t  
high ionic strengths with ions of liigher charges. Such a deviation woulcl be due partly 
to the size-effect of ions in the solution and to the effect of possible ion-pair formation 
of the diffusing species. The relatively large deviation of the experimentally obtained 
D-values a t  very low ionic strengths from the theoretical values, cannot be explained 
by the migration effect; a t  present, no explanation is available for this rather peculiar 
behavior of the polarographic diffusion coefficients. 

It can be concluded from the results that tlie polarographic cliffusion coeffi- 
cients generally show a relatively conlplicated dependence on tlie ionic strength of the 
solution, which cannot be explained by a limiting equation for tracer-diffusion such as 
that proposed by GOSTING A N D  HARNED. In order to understand the pl~ysical meaning 
of the polarographic diffusion coefficients, more information on tlie pllysicoclle~nical 
properties of the diffusing species in the solution and more advanced tl~eoretical 
treatments of the diffusion process would be required. 
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SUMMARY 

The diffusion coefficients of nitroamminecobalt(II1) cornplex ions, [Co(NHg) 6]3+, 
[Co(NH3) sN02I2+, cis-[Co(NH3)4(NOz)z]+, tragzs-[Co(NH3)4(N02)2]+, [Co(NH3)3(N0~)3] 
and [Co(NH3)3(N02)4]-, were determined polarograpliically with a dropping mer- 
cury electrode in potassium nitrate solutions of various ionic strengths. In order to 
minimize the so called Verarmungs-Effekt, the current-time curve o f  the first mercury 
drop growing in the electrolyte solution was recorded a t  the potentials on tlie limiting 
current plateau. The properties of instantaneous limiting currents satisfied tlie condi- 
tions required for the diffusion-controlled limiting current. The diffusion coefficient was 
calculated from the maximum instantaneous current of the first drop according to  the 
modified IlkoviE equation, with the correction term of I(outeck9. The diffusion coef- 
ficients of the complex ions thus obtained were examined in ternls of the Gosting- 
Harned equation for tracer diffusion. 
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POLARO(;I<AI'HY 01; LEAD-TI<IETHYLENETETRAMINE CHELATE 

TSXI-T1:H 1,21 A N D  J112-\'ON(; ('I 11-N 

Deprcrtme?zt of C l i e ~ i z i ~ a l  I<ngri?trr tug. C k c ~ g  Jiurzg U n ~ v e v s ~ f y ,  Taz?za*o, T a t w a n  (Chzlza) 

( l iecc~vetl  May rntl, 19(>7) 

In a polarograpliic study of tlie complexes of triethylenetetramine ("trien") 
with lead and otlier metals, J2iconsr.:s ANI)  SCHRDIIER have sllown that trien forms 
a stable coinplex with lead ancl tliat tlie reduction of the complex a t  the dropping 
mercury electrode is a revcrsiblc and diffusion-controlled process'. PECSOK et a1.2 
have studied tllc Cr(I1)-trien system by spectrophotometric and magnetic methods. 
SARGESON and co-workers have made an extensive study of the Co(II1)-trien chelates 
and established tlieir configuration:3.4. 

In tliis paper we have made further investigations into the Pb-trien system 
to determine tlie composition and the instability constant of the 1%-trien chelate. 

EXPERIMENTAL 

ilpparatcbs 
I'olarogra~ns were recorded manually with a Sargent Model XI1 polarograpli, 

equipped with a Leecis and Nortlirup Student potentiometer. Half-wave potentials 
were reproducible to I mV. 

A modified H-cell, wit11 a saturated calomel electrode (SCE) as a reference 
electrode, was employed. The dropping inercury electrode used had a mercury flow 
rate of 2.24 mgisec and a drop time of 3.63 sec, which was measured in an air-free 
0.2 iZI potassium nitrate solution a t  an applied potential of -0.200 V as. SCE and 
at 70.3 cm o f  mercury Ileiglit. Tlle temperature of the cell was tllermostatted a t  
2 5 . 0 + 0 . 1 O .  

The pH-values of tlie polarograpliic solutions were adjusted wit11 nitric acid 
or potassium hydroxide and detern~ined by a Toa Denpa Model HM-5A glass electrode 
pH-meter. 

Chenzicals 
A stock solution of 0.01 M lead nitrate was prepared by dissolving 3.312 g of 

I'b(NO3)x in distilled water and diluting to I 1. 
Extra pure trien (l<anto Cllemical Co., Japan) was purified by tlie REILLEY AND 

SCHMID nlethod5. Standard solutions of trien were prepared and standardized follow- 
ing the procedures given by I ~ E I L L B Y  A N D  S H E I ~ L ) O N ~ .  Tlle other chemicals were of 
reagent-grade and were used witliout further purification. 

,I. El~ctroanal. Chem. ,  16 (1968) 413-418 
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All the polarographic solutions contained 1.0 mM lead nitrate, and the ionic 
strength was adjusted to 1.0 with z M potassiun~ nitrate solution. Maximum suppres- 
sors were not required. 

RESULTS AND DISCUSSION 

The conventional plots of -log i/(i,i - i) us. Ed.,. for all polarogralns taken in 
the ligand concentration range, 0.0485-0.3416 M at pH 4.0-12.0 give straight lines 
with slopes falling in the range 0.028-0.034, indicating that the electrode reactions 
were reversible two-electron reduction processes. 

The variation of the limiting current with the height of the mercury column 
was measured in a solution of 1.0 x 1op3 M lead nitrate, 0.0485 M trien, and 0.4 M 
potassium nitrate at  pH 7.20. The current varied with the mercury height; the value, 
i d / v h ,  where h is the column height after correction for the back pressure, was 
0.728+_0.006,uA cm-4 for h-values of 49.b-84.3 cm. indicating that the electrode 
reactions are entirely diffusion-controlled. 

Effect of p K  on half-wave potential 
Trien is a polyamine with pK1=3.37, pKz=6.07, pK3=c).zo and pZ<4=9.92, 

where the pK's are the acid dissociation constants of the protonated trienz.7. As trien 
is a tetradentatez-4 and lead invariably forms a dipositively-charged complex ion 
with trien (proved by zone electrophoresis, see below), it is evident that the ligand 
species is the neutral trien molecule rather than the protonated trien. The electrode 
reaction can, therefore, be represented as : 

where A is the neutral trien molecule. The half-wave potential of the reaction is 
given by Nernst equation as 

(E J C  = ( E  &) +o.030 log Kc - 0.030 1, log LA] (2) 

where Kc is the instability constant of the Pb(A)," complex. If Cn= [A] +[HA+] + 
[HzA2+] + [HaAS+] + [HqA4+], we have : 

Substitution of eqn. (3) into eqn. (2) gives: 
(E ,)c= (E i ) s  +0.030 log Kc-0.030 f i  log Z < ~ K ~ K ~ K ~ - O . O ~ C I  1, log Ca 

Therefore, the half-wave potential depends on the acid dissociation constants of the 
chelating agent as well as the p H  and the nonlinal concentration of the chelating 
agent. 

Chelate s$ecies 
At constant pH, eqn. (4) becomes 

(E I)c=C -0.030 p log CA 
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whereC = (E !) +0.030 log I(, - 0.030 1, log K1K2K3K4 +o.o3oP log ( [ H + ] ~ + K I [ H + ] ~  + 
KlKz[H+]2 +KIKZK~[H+] + K I Z < ~ K ~ K ~ ) .  
The half-wave potential is thus a function of the nominal concentration of the chelat- 
ting agent only. Equation (5) suggests that a plot of log CA V S .  - ( E &  a t  a specified 
pH-value should give a straight line with reciprocal slope 0.030 9.  This deduction 
is supported by Fig. I ,  in whicli the lines a t  different pH-values have reciprocal 

- 0.2 1 I I I I I 
0.400 0.500 0.600 0.700 

- E L  vs. S C.E., volt. 

Fig. I .  Ilalf-wavc potential as a function of trien concn. 

Fig. 2. Half-wave potcntial atltl cliffusion current as a function of pH (1.0 mM Pb(N03)2, 4.85 X 
10-2 M trietl). 

slopes ranging from 0.027 to 0.032. Therefore, $, the ligand number, is I for the 
entire pH-range investigated except a t  pH-values below 5.4, where the concentration 
of the ligand species, [A], is so low that no chelation occurs. This can be observed 
from Fig. 2, in which the half-wave potential of the complex is identical with that 
of the simple lead ion, -0.398 V, a t  pH-values below 5.4. 

I t  is obvious from Table I that the diffusion current is independent of the 
ligand concentration but decreases from a constant value of 0.825 to 0.727 ,uA as the 
p H  of the solution increases. Thus, the variation of current with pH suggests that 
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two complex species exist at  different pH-ranges. Tlie diffusion current vs. pH curve 
breaks a t  p H  5.4, which is in good agreement with that of the first breaking point 
of the Et-pH curve (see Fig. 2). I t  was verified, therefore, that below p H  5.4, lead 
exists as an aquo complex in trien solution, and a t  pH 5.4-12.0 forms with trien 
a I : I chelate wllich is a tetradentate. 

Instability constant 
Substituting p= I in eqn. (4) and solving explicitly for log I<, we have 

log K, = (E*)c- (E'is + log KlK2KsK4 + log CA - log ([Hi]' + 
0.030 

The instability constant of tlie complex is evaluated from eqn. (0) and the data are 
listed in Table z. The pKc-values calculated a t  different pH-values and various 

TABLE 1 
EFFECT O F  pH AND LIGAND CONCENTRATION ON DIFFUSION CLJIIRENT 

Trien ( M )  i d ( p A )  

pH 4.25 pH 5.00 pH 7.50 )t{ 9.50 /Iff I 1  .00 

0.0485 0.821 0.830 0.726 0.718 0.731 
0.0970 0.830 0.824 0.738 0.730 0.726 
0.1708 0.815 0.818 0.722 0.729 0.720 
0.3416 0.828 0.832 0.735 0.724 0.728 

TABLE 2 
INSTABILITY CONSTANT CALCULATED AT VARIOUS pH VALUES A N D  L I G A N I I  CONCENTRATIONS 

C A  ( M )  pl-f - ( )  [AJ(M) p fiC 

4.85 x 10-2 6.00 0.418 6.50 x 1 0 - 1 "  9.8 5 
7.00 0.488 2.50 x 1 0 - 7  9.00 
8.00 0.558 3.32 x 10-5 9.81 
9.00 o.(,18 2.15 X 10-:$ 10.00 

10.00 0.64b 2.40 x 9.88 
11.00 0.()(>3 4.49 X 10-" 10.15 

9.70 X 6.00 0.427 1.30 X lo-!' ~ . ~ 5  
7.00 0.495 5.00 x 9.53 
8.00 0.556 6.64 x 10-5  9.75 
9.00 0.(>26 4.30 X IO-:' 9.97 

10.00 0.(>54 4.92 X 9.84 
11.00 0.670 8.98 x 10--0.1 I 

1.708 x 10-1 6.00 0.440 2.29 x 10-5 '  9.84 
7.00 0.508 8.80 x lo-' 9.72 
8.00 0.576 1.17 x lo-.' 9.87 
9.00 0.635 7.56 x 10-"0.12 

10.00 0.662 8.67 x lo-?  9.86 
11.00 0.677 1.58 x 10-1 10.00 

3.416 x 10-1 6.00 0.450 4.58 x 10-"0.07 
7.00 0.518 1.76 x lo-'; 9.75 
8.00 0.585 2.34 x 10-4 9.8b 
9.00 0.645 1.51 x 1o-"o.o5 

10.00 0.672 1.73 x 10-1 9.89 
11.00 0.685 3.10 x 10-1 10.07 

Av. 9.86+0.13 
-- -- 
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ligand concentrations are in good accord, and the average value is found to be (3.86 f 
0.13 a t  ionic strength 1.0. 

The  relatiogz between the pI<-walzres and the breaking points ia E $-$H Plots 
We have shown previously, that the E $-pH curve always breaks into straight 

lines with slopes equal to a multiple of 0.030 or 0.060, and that the pH-values of the 
breaking points fall on the pK-values of the chelating agents-ll. However, in the 
present study, as shown in curve I of Fig. z ,  the p H  of the breaking points (pH 5.4, 
8.7 and 10.5) do not coincide with the pK-values of trien. This is deducible from 
eqn. (4) and it is obvious that for a chelating agent with four releasable protons, 
tlie half-wave potential of the chelate is dependent on the pH-value through the last 
term of the riglit-hand side of the equation, 7)iz., 0.030 f~ log ( [ H + ] ~ + K I [ H + ] ~ +  
I<IKL?[H+]~ +1<1K21<3 H+] + K I K ~ K ~ I < ~ ) .  AS the successive pK-values of trien are 
very close, it is only at  limited ranges of pH that one term in parenthesis is predomi- 
nant over the others. Therefore, the divergence from the deduction of our previous 
studies is to be expected for chelating agents such as trien. 

Zone electrofihoresis 
In order to determine the charges of the complex species existing a t  different 

pH-ranges, zone electrophoresis was carried out using the method already describedlz. 
In Fig. 3, the centre piece of A was impregnated with 2.0 m M  I'b(N03)~ and the 

17ig. 3 .  I ~ l c c t r ~ ~ c l ~ r o ~ n a t o g r a i ~ ~ ~  of Icad ion and lcatl tricn chelate a t  various pH-valucs. (A) ,  lead 
ion; (B), (C), (D) and (I<), Icad -tricn cllelatc. 

end pieces with 0.15 M I<N03. For strips B, C, D and E, the centre piece was im- 
pregnated with 2.0 mM Pb(N03)~  and 0.1 M trien, and ttie end pieces with 0.1 M 
trien. A zoo c1.c. voltage was applied for 6 min. Ammonium sulfide was used as a 
developer. I t  is obvious from Fig. 3 that tlie lead-trien complexes formed are all 
dipositively charged above pH 5.4. Thus, the formation of only one kind of chelate 
species, I'II(A)~+, was confirmed over tlie pH-range 5.4-12.0, where iZ denotes the 
neutral trieil molecule. 
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SUMMARY 

The formation of chelates between lead and triethylenetetramine has been 
studied by polarography and zone electrophoresis over the pH-range, 4.0-12.0 and 
the ligand concentration range, 0.0485-0.3416 M. Lead invariably forms with 
triethylenetetramine a I : I  chelate, and only one kind of chelate species, Pb(A)2+, 
(where A denotes the neutral triethylenetetramine molecule) exists in the pH-range 
5.4-12.0. No chelate forms below pH 5.4. The logarithmic instability constant of 
the chelate obtained a t  25" and ionic strength 1.0, is 9.86k0.13. 
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I. INTRODUCTION 

The electrocliemical literature pertaining to the "transfer coefficient" can 
readily confuse and frustrate those wl~o seek the basis for this concept. Commonlyl-a*, 
it is stated that the kinetics of redox reactions at  electrodes can be described by rate 
constants, k f  and I z ~ ,  respectively, for the forward and back reactions, with 

kc = kc0 exp -rxnF(E - EO)/R?'] 
and 

kb = kbO exp [(I -n)nI;(E-EO)/RT] 

where E is the electrode potential, rx the transfer coefficient, EO a standard potential 
the choice of whicl~ fixes 12f0 and fzb0, and n,  I;, R, and T have their usual significance. 

A clear implication of eqn. (I) is that rx is a parameter the value of which 
does not depend on the electrode potential, and on first confrontation with this for- 
mulation i t  is natural to ask what basis there migl~t be for making such an assumption. 

This question is not often discussed in the literature. I ; r e q ~ e n t l y 1 - 3 . 5 , ~ . ~ ,  
eqn. (I) is presented dogmatically, with n as a "constant", and often without a 
reference; in those cases wliere references are given, it is quite common to find they 
refer to work the relevance of which is not immediately clear: e.g. to a d i ~ c u s s i o n ~ ~  
that is not nowadays accepted, or to a recapitulation" of the very earliest kinetic 
formulations; it is exceptional to find -a source that even mentions "transfer coeffi- 
cient". To illustrate the possibilities for confusion, consider the proceedingsz4 of a 
recent symposium on electrode processes: several authors use eqns. ( ~ a )  and ( ~ b ) ,  
with ix called the transfer coefficient; one uses the equations with "P ,  the transfer 
coefficient"; anotl~er writes ,!?=I -oc (i.e., rx for the cathodic and for the anodic 
direction of the process) ; others reserve "@, the symmetry factor" for the electron- 
transfer step itself (for which many use ix, as in eqn. (I) above) and write rx for the 
overall, or observed, or apparent value in systems where more is involved than the 
electron-transfer step alone. 

The real point at  issue is the dependence of the rate constants on the electrode 

* Herc, and similarly throughout this article, the rcfcrenccs are intenclecl t o  serve as examples 
and have been choscn from a largcr number in the literature. No attempt has been made t o  quote 
exhaustive1 y. 
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potential. This article traces the history of concepts relevant to tliis issue and seeks 
to make tlie following points: 

I. There is no satisfactory theoretical basis for introducing, a Priori, an 
implicitly potential-independent parameter such as n in relations such as (I)  above. 

z. Various workers use different pliysical models to provide a justification 
for eqn. (I), usually implicitly and without making clear that their interpretation 
differs from others in the contemporary literature. 

3. Commonly in earlier work, but continuing to the present time, experimen- 
tally obtained values for n are suspect for one or both of two reasons: an unsound 
introduction of cx into the theoretical treatment (e.g., as potential-independent, 
followed by experiments a t  one potential only) or a failure to make adequate allowance 
for some parts of the overall reaction (mass transport, adsorption, double-layer 
effect). Suspect values of cx are tlien sometimes used to draw inferences about the 
nature of the transfer coefficient in a more general context. 

4. Over tlie last decade, discussions have been publistled tliat provide an 
approach to  the dependence on potential of the rate constants of electron-transfer 
processes that does not suffer from the confusions prevalent in the earlier literature 
where eqn. (I) is introduced in an a firiori fashion. 

11. BASIC CONCEPTS AND SEMINAL STUDIES 

The concept embodied in eqn. (I) is tliat the electrode potential affects tlie 
rate constants for the (reversible) electron-transfer step and that tliis effect can be 
calculated by apportioning one part of tliis potential, ,YE, as affecting the forward 
reaction and the other part, ( I -a)E,  as affecting tlie backward reaction (most 
workers identify tlie forward reaction with reduction, but in tlie German literature 
KE is used to describe tlie fraction relevant for tlie oxidation). Thus, we wish to trace 
the liistory of the idea of apportioning the electrode potential hetween tlie forward 
and back reactions; and we sllall be interested in views about tlie physical significance 
of a, about its dependence on-or independence of-electrode potential, and also 
in the question of tern~inology. 

B u ~ ~ ~ R " ~ . ~ % p p e a r s  to have been tlie first to treat electrochemical reactions 
from a kinetic viewpoint that is essentiallv the saliie as later views. He considered 
the work required to bring the electroactive species* to a "balance point" wllere tlie 
sum of the forces attracting the reactants to tlie electrode was equal to the sun1 of 
tlle forces attracting them into the solution. This worlr included electrical terms wliicli 
were written by apportioning the electrode potential into two parts; the rates of the 
reactions were then written with the use of the Roltzmann distribution. Thus, tlie 
ideas that we associate with tlie rate theory and tlie concept of an activated state 
were presented in an ad hoc fashion. RUTLER was not explicit about the manner in 
which the potential sl~ould be apportioned, but his treatment does implv that it is 
the potential vs. distance relationship tliat is decisive. He showed tliat tliis kinetic 
point of view led to the reversible-electrode equation of Nernst and was therefore 
compatible with the thermodynamic view of redox reactions: 

* BUTLER considcrecl thc depositio~l of metal ions on an e l~ct rodc of the snmc ~natcrial and also 
redox reactions a t  an inert electrode. Thc "b:~lance point" \v;is cspressctl for a metal ion in thc 
first instancc2%, for an clcctron in the sccontl cases6. 
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At equilibrium, forward and back rates are equal; we have then 

wllcre C,, and C IL are concentrations of the oxidizecl and reduced species, respectively, 
a t  tlie electrode. ITrom eqn. ( I ) ,  

KrOC,,, e s p  I -N~zI;(E - En)/IZT] = RI,OCII. cxp I (I  - ~ ) ? z F ( E  -EO)/RT] (3) 
or 

= E" + (!U'/?I/;) (In [/:f",/k,o]) + (1\'7'/n 1;) (In (cc,y/C~]) (4) 

In other words, the Nernst equation results. I t  is to be noted that this will ensue, 
irrespective of the value of n ,  or of wllether n varies with potential. 

Rowl)ex'7 applied RIITI.EI~'S ideas to the evolution of hydrogen and oxygen. 
His pllysical   nod el lor the rate-cletermining step was a very special one and never 
gained acceptance; the importance of tlie work from the present viewpoint is that 
lie wrote "nT/" to describe the proportionality between electrode potential and ac- 
tivation energy, a forn~ulation that implies n # f(V).  BOWDEN applied the resulting 
equation to an irreversible process: If the back reaction can be neglected, then the 
net rate becomes equal to the rate of the forward process and the corresponding 
current-density can be written, using eqn. ( I ) ,  as 

i = 17 I'kr'C,, exp 1 -n??I;(E - EO)/XT] (5) 

~vhich gives, on rearrangenlent, 

Equation (0) has the same form as the Tafel equation 

= n+h log i (7) 

where rl is the overvoltage ant1 1) is often called the "Tafel slope". If the identity of 
the tlleoretically derived ecln. (0) and the eml)irically based eqn. (7) is accepted, one 
llas 

1) = 2.3 IiY7/nnF ( 8 )  

At the time of I3own~x's  work", most of the available experimental work 
was compatible with the Tale1 cquation (7) and the usual value of b for discharge 
of hydrogen ions was about ~ z o  mV. BOWDEN pointed out that a value of a=o .5  
satisfied these experimental findings. 

The idea that the rate-determining step in hydrogen evolution is the dis- 
charge step itself was proposed by ERDEY-GRUZ AND V O L M E R ~ ~  in 1930. They 
considered that in the presence of a potential, E ,  tlie energy required for electron 
transfer was dccreased by n I:E, with n < I ; thev then proposed further that the 
electric field would affect the forward and backward electron-transfer rates to an 
equal and opposite extent, leading to the conclusion that ,%=0.5. Application to the 
irreversible case (appreciable over-potential, neglect of the backward reaction) then 
gave tlic Tafcl equation with a slope that corresponded well with experiment (cf. 
SOWIIEN", above). Sinc' it was concluded that n=o.5, necessarily, no question of 
a dependence of i\. on potential arose in this work. 

(;LTRNEY"!) publisliccl in 1031 an article tlrat ranks at  least with those of 



BUTLER, ROWDEN, and ERT)EY-GRUZ AND VOLMEII, in  i ts  e f f e c t  on subsequent dis- 
cussions o f  electrode processes. GURNEY proposed a theory o f  electron-transfer b y  
quantum-mechanical tunnelling through an  energy barrier, t he  e f f e c t  o f  the  electrode 
potential being t o  bring the  energy levels o n  both  sides o f  t he  barrier t o  equal values 
so t ha t  tunnelling could proceed wi th  a m a x i m u m  probability. For t he  irreversible 
case considered, t he  reaction rate was expressed b y  a distribution function t ha t  
contained the  exponential o f  t he  electrode potential; such a relationship would give 
a Tafe l  slope in which a= I rather than  t he  accepted (experimental) value o f  close 
t o  0.5. GURNEY introduced a factor t ha t  overcanle this  discrepancy b y  considering 
the  electron transfer in terms o f  Morse curves: t he  stable hydrated ion (curve a ,  
Fig. I )  would, upon neutralization, become an assernbly (curve b) containing excess 

I I 
Distance Distance 

Fig. I .  Encrgy relations in rcductioll, after GURNEY". (a) tllc stablc llytlratrd ion; (b) the products 
in an  excited state. 

Fig. 2 .  lieduction process according. t o  H ~ R I U T I  A N D  ~ 'OLANYI~ ' .  The clcctrodc potciltial raiscs 
the  cnergy of thc hydrogen ion but not of the  rcduccd forlll. The change in activation cnergy is 
a fraction of thc electrical cnergy and tlcpcnds on thc slopes of thc curves in thc region \vhcre 
they intersect. 

energy which t h e  products o f  the  reaction would carry away. Therefore, tlie dis- 
tribution function for the  energy levels for which neutralization could occur (between 
levels EF and DG in Fig. I )  had t o  be ~nodi f ied  t o  t ake  into account tha t  t he  energv 
required for neutralization was greater b y  t he  amount by which (GC-FB) exceeds 
t he  difference between levels EF and DG. GURNEY wrote this difference as a f ac to ry  
(wllich i n  our notation corresponds t o  rim) and stated t ha t ,  t o  a first approximation, 
y would b e  constant and greater than  I ,  and that  for y = z ,  experimental results were 
in  agreement with the  theory. 

T h e  ideas o f  BUTLER, BOWDEN, ERDEY-GRUZ A N D  VOLMER, and GURNEY 
were adopted and adapted i n  all later work. One common thread in  ~nucl l  o f  this  
later work is t he  explicit or implicit assumption30-" tha t  a=o.5 (usually made 
because this value gave agreement wi th  experimental results when used i n  tlie 
theories described). This  assulnption had a long reign despite t he  fact t ha t  i t  was 
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stated quite early by E R ~ E Y - G R ~ J Z  A N D  \ ~ I c K ~ ~  and by F R U M K I N ~ ~  that no satis- 
factory conceptual basi.; for this assumption existed. 

ERDEY-GRUZ A N I )  \ V I C I < ~ ~  wrote eqn. ( ~ b )  in tlie form 

I z ~  = kbO exp I/?nF(E - EO)/RT] (9) 

In order that eqns. (ra) and (9) should lead to the Nernst equation (cf. eqns. (2)-(4)), 
it was necessary tliat 

and this was pointed out by ERDEY-GRUZ AND  WICK^^; a=B=o.5 corresponded in 
their view to a very special case only, viz., to a situation where the energy barrier 
lies in the middle of the electrical field of the double layer. F R U M K I N ~ ~  did not use 
a physical interpretation in his criticism and pointed out quite generally that no 
assumption beyond that represented by eqn. (10) was required to make this kinetic 
theory compatible with the Nernst equation. 

Earlier, FRUMKIN" had indicated the formal similarity between eqn. (I) and 
the relationship found by R R D N S T E D ~ ~  between rates and equilibrium constants in 
acid-base reactions-in both cases, the activation energy is changed by a certain 
fraction of the overall energy ("Affinitiit") change. 

This work, all published before 1934, includes, explicitly or implicitly, all 
the ideas tliat have been formulated on the question of the transfer coefficient; in 
particular, the following 11ad been suggested: 

I. The transfer coefficient describes the symmetry of the energy barrier for 
the electron transfer. In its simplest forni, this view apportions the electrode potential 
according to the relative positions of the initial, final, and activated states in the 
region where the potential drop a t  the electrode occurs; however, the "symmetry" 
idea has also been associated with quantum-n~echanical formulations, and with the 
relative slopes of Morse curves. "Synimetry" views are discussed further in Section IV. 

2. The transfer coefficient arises in the calculation of the relevant distribution 
functions in a quantum-mechanical treatment. 

3. The transfer coefficient is a function of the relative slopes of Morse curves 
a t  tlle point(s) where transition from one curve to another occurs. 

4. The transfer coefficient is one manifestation of a general relationship 
between free-energy difference (between reactants and products) and the correspond- 
ing activation energies. 

During tlie remainder of the 1930's the ideas described above were re-for- 
mulated in various studies, without any essentially new ideas being introduced; in 
fact, as noted above, there was something of a regression in that often a=o.5 was 
accepted as a substantiated datum. 

At this time, most of the articles on electrode kinetics dealt specifically or 
primarily with the problem of hydrogen overvoltage, and, in particular, with the 
question of what the rate-tleterniining step might be in the overall reaction. These 
articles will not be quoted here because they are not relevant to our discussion, but 
one series of such papers must be mentioned because they are frequently and mis- 
takenly referred to, even in comparatively recent years, as references for the source 
of eqn. (I) : 

EYRING and his colleagues discussed several aspects of tlle problem of hydrogen 
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discharge, and a t  the same time were developing the theory of absolute reaction 
rates. In  the specific matter of electrochemical kinetics, the articles often quoted 
fall into two classes: those38-41 that deal with rate theory in general but not with 
electron transfer in particular, and t l1ose2"~"~~ that deal with charge transfer onlv 
for the particular case of hydrogen discharge and/or in terms of a model that was 
not accepted by other workers. 

Other misleading quotations are also common in the relevant literature. More 
serious, however, is the cavalier manner in which potential-energy curves of various 
sorts have been used to illustrate the physical significance of the transfer coefficient. 
This is discussed in the following section. 

111. ENERGY-CURVE REPRESENTATIONS 

Potential-energy curves were, in the present context, first used by  GURNEY^^ 
(see Fig. I). The type of representation that is used most widely, however, is due to 
HORIUTI AND P O L A N Y I ~ ~  (see Fig. 2).  

Considering the reaction to involve hydrogen atoms a t  the electrode and 
hydrogen ions on the solution side of the double layer, HORIUTI AND POLANYI 
represented the effect of the electrode potential by a vertical shift of the potential- 
energy curve of the hydrogen ion, noting that this involved neglecting small effects 
such as changes in the shape of the curve and in the position of the minimum. 
Further, it was assumed that the potential drop occurred entirely and only across 
the double layer and again the authors were careful to point out that this involved 
a simplification of the true situation. They made no unwarranted assu~nptions about 
the magnitude or constancy of cx, stating merely that n=o.5 indicated equality of 
the slopes of the curves a t  the crossing point. 

A different type of energy curve (see Fig. 3) is given, inter alia, by PAR SONS^" 
(for the slow-discharge mechanism of hydrogen evolution), (;ERISCHER*\ and 

Distance 

ion 

Neu t ra l  a tom 
o r  m o l e c u l e  

Fig. 3. Energy curve for retluction, after CHRISTOV~~.  

Fig. 4. Energy curve for reduction according to BOWDEN A N D   AGAR^^. 
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CHRISTOV~~.  The effect of the potential is taken to be a change in energy by an amount 
that is determined by the potential-vs.-distance function, the latter generally being 
assumed to be linear or nearly so. The transfer coefficient is thus related to the position 
of the activated state in tlie double layer, an interpretation used by other workers 
also wit11 explicit reference to distance from the surface7,34,42,4384*,49. Here, then, 
the nature of n is bound more explicitly to a pliysical model than in the paper of 
HORIUTI AKL) I'OLANYI, but one can agree that the physical situation envisaged is 
not likely to be contrary to reality. Other workers, however, have given represen- 
tations of the energetics of the reaction that are witliout apparent justification. Thus, 
BOWDEN AND AGAR~O in a review article, presented the diagram shown in Fig. 4:  
it is not clear why the energy level of the ion was supposed to be shifted by the 
fraction n V F  of the electrical energy involved, nor why the energy level of the 
activated state should remain tlie same; no references nor explanation were given. 
Similar diagrams (Fig. 5) in which the electrode potential is assumed to alter the 
energy levels of reactants and products in tlie proportions sllown but to leave the 
energy level of the activated state unchanged, have also been given by other workers 
without explanation or justification7-13.48. 

I I 
R e a c t ~ o n  coordinate 

Distance 

Fig. 5. Encrgy curve for reduction, af ter  GARDNER A N D  I , Y O N S ~ ~ .  

Fig. 0. Energy rclntion For rctluction, af tcr  (;LASSTONE, LAIDLER AND E Y R I N G ~ ~ .  

Another type of energy curve in the literature~42~4%liows the energy levels 
of tlie initial and final states as the same: sometimes for the situation where the 
potential is taken to be absent, a t  other times to describe the situation brought 
about when the potential is applied. In such diagrams, the energy difference between 
either stable state and the activated state is usually taken to represent activation 
energy; therefore, equality of the rate constants is implied in these cases and the 
diagram can refer only to one state of the system (in fact, to tlie standard state that 
is usually chosen), and not to any otlier situation; yet in the work quoted, no such 
restriction is apparently intended. This tvpe of representation lias been criticized 
also by C H R I S ~ . O V ~ ~ .  

Finally, one" of the references often quoted as a source for tlie modern view 
of electroclielllical kinetics depicts the situation as shown in Fig. 6: 

C represents tlie solvated ion in the bull< of the solution, B tlie probably 
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unsolvated ion adsorbed a t  the surface, A tlle atom in the electrode; a is defined, as 
usual, as the fraction of the potential that assists the forward reaction, but in this 
case the rate-determining step is seen to be the movement of the oxidized form to  
the electrode and not tlle discharge-step itself. This view is at  variance with the 
generally accepted formulation in which cx is defined in relation to tlle energy barrier 
between B and A, and the use of this work as a source reference is seriously mis- 
leading. 

IV. SYMMETRY VIEWS 

In eqn. ( I ) ,  a. has a value of between zero and unity; when it is one half, this 
represents some sort of symmetry. Descriptions or interpretations based on the 
concept of symmetry have been given by numerous authors, and some workers, in 
fact, use the term5175"'symmetry factor", usually given the symbol P, rather than 
"transfer coefficient" (see Sec,tion VI  for a fuller discussion of ternlinology). Often, 
unfortunately, it is not clear what it is that is being described as syrnrnetrical: 

For instanceR.2~".2~45~51.53-5X, the energy barrier, or the reaction itself, may 
be described as symmetrical. Now, this would normally be taken to mean that equal 
amounts of energy are required to surmount the barrier from either side:* but this 
is a situation that refers to the standard state where the rate constants are equal 
(cf. Section 111) and says nothing about the parameter cx. In fact, if one takes n 
as defined by eqn. ( I ) ,  then it is apparent that it describes the way in which the 
energy barrier or curve cl~anges with potential, and not the sylnnletry of the barrier 
itself. 

In  cases where the specific connotation of "symmetry" is made plain, the 
interpretation of cx =o.5 is, of course, merely a special case of the interpretation given 
for the parameter n in general; thus, we have the following opinions for a = o . 5 :  

I. Half the electrical energy represented by the potential adds to, and sub- 
stracts from, the activation energies for the back and forward reactions, respectively; 
i.e., the situation is re-described rather than rationalized. 

2. The Morse curves for the reactants have slopes of equal magnitudes a t  the 
point where they intersect. 

3.  The activated state lies midway between the initial and final states. 
Sometimes45.60 this is left in the general form of "along the reaction coordinate", a t  
other tirne~7~34~42~43~48.49 actual distances perpendicular to tlle electrode surface are 
implied (DESPIC AND B O C K R I S ~ ~  have shown that under certain conditions the "Morse 
curve" and "distance" interpretations are roughly equivalent). 

V. SOME DISCREPANT VIEWS 

A particular problem arises when kinetics are introduced v ia  eqns. ( ~ a )  and 
(g), i.e., when the only assumption made is that of an exponential variation of the 

* A different connotation appears to be intcndccl by some authors, a t  least; e.g., ". . . P is a factor 
. . . dcterlnilied by the symmetry of the potential cncrpy barrier . . . and intlicatcs approximately 
that  fraction of A V through which the chargc must bc transferretl to reach the transition state 
. . ."57-in other words, a symmetrical barrier is onc whose pcalc is in a sy~ll~nctrical  position (in 
the electrical field) with respect t o  the positions of the rcactants and products (cf. 3.  bclow). 
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rate constants with potential. In order to be consistent with the Nernst equation, 
n +p = I ; but the question remains whether this is necessarily the case in irreversible 
processes also. Discussions showing cx +P# I on theoretical grounds have been 
given"2-4 and criticized". The point is resolved if one considers sufficiently carefully 
the systems described: RONNEMAY" considered processes a t  heterogeneous surfaces 
and postulated that deposition and dissolution would occur a t  different types of 
sites; under these circunlstances, there is no reason a t  all why (a+@) sllould be 
unity. For processes that take the same path in both directions, it is agreed66 that 
n +p = I, necessarily. 

The matter of transfer coefficients for different paths or processes arises also 
in a recent paper" where a value of a=o .5  is regarded as significant because it 
corresponds to minimum production of entropy in a cell with two identical elec- 
trodes. This is a point of view that does not lend itself to interpretation of the 
transfer coefficient in tlle usual situation where a single electrode process a t  one 
electrode is being considered. 

Another discrepant viewll, related perhaps to loosely-worded "symmetry" 
explanations, is the inlplication that a=o.5 implies reversibility of the electrode 
reaction (or, in other words, absence of overvoltage; e.g., ". . . dans le cas des faibles 
surtensions, /3 est peu diffCrent de a . . ."fix).  

In  some instances, the transfer coefficient is discussed as if its physical 
significance were established; e.g., ". . . consideration of the structure of the electrical 
double-layer . . . shows that a . . . must decrease as the potential becomes more 
catliodic beyond the electrocapillary maximum . . ."fin. Inferences of this sort are not 
uncommon in the literature; yet it should be evident that such statements assume, 
without justification, that the nature of a is already understood. 

VI. TERMINOI.OGY 

The lack of consistency in the use of terms and symbols has already been 
alluded to. In this section, we sllall make a cllronological review in order to gain an 
insight into some reasons for tlie current state of affairs. 

For a number of years, factors usually denoted by ix, P, or y were written in 
equations such as (I) and were referred to as proportionality constants, adjustable 
parameters, and so on. The first use of the term "transfer coefficient" appears in 
the work of AUDURERT, and it is interesting that this term has found general acceptan- 
ce although it was introduced in conjunction with a physical interpretation that is 
not generally accepted, riiz., that rx represents that fraction of tlie kinetic energy of 
the reactant species (acquired as a result of the electrode potential) that is transmuted 
into energy of activation. Thus, in connection with equations ( ~ a )  and ( g ) ,  AUDUBERT 
wrote: "Si I'on cherche i donner une signification physique aux termes n et P, on 
peut dire qu'ils reprbsentent la fraction dlCnergie cinCtique qui, pour a est transfCrCe 
ii l'ion et lui permet de franchir la coucl~e de barrage; pour P, celle qui est transfCrCe 
au radical et  s'oppose A la rCaction inverse d'ionisation . . . la fraction dlCnergie 
cinCtique transferable . . ."". Again, ". . . lorsqu'un ion sous I'action de ce champ 
1-Clectrique] arrive k l'dlectrode, l'dnergie cinktique . . . peut &re, sinon totalement, 
au  noi ins partiellement transferee & l'ion et se retrancher, de cette manihre, de 1'Cnergie 
d'activation . . . n une constante que nous dCsignons sous le nom de facteur de transfert 
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de I'Cnergie cin6tique . . ."70; and ". . . n et P les coefficients de transfert de l'dnergie 
cinCtique . . ."63. 

This interpretation and tenminology was adopted, for instance, by RONNE- 
 MAY^^,^^,^^; the idea of the transforn~ation involving kinetic energy had also been 
used, albeit in a different manner, by GUIINEY"). However, it is not now a generally 
accepted view, and in fact has a certain similarity (see above") to the idea (Section 
111, Fig. 6) that iu- has to do with penetration into the double layer. 

Nevertheless, this opinion lias given the generally accepted name to the s1~1n- 
bol. The first occurrence in Englisll is in tlie Faradav Society Discussion of 1047, 
where a paper by AUDUBERT (translated from the French) reads ". . . activation energv 
must be diminished by a term . . . wheren is an energy transfer factor less than unity. .  . 

the corresponding transfer coefficient . . ."7? The proceedings of this 1;aradajr 
Society Discussion show that, at  this time, the use of an "a-factor" in eqn. (I)  was 
so universally accepted that frequently no reference for such for~nulations was 
considered necessary!); where reference was made, it was often'"7"to a source" the 
inadequacy of which has been discussed. At the same time, F ~ 1 r n f l < r ~ ~ 5  pointed out 
that ". . . since the paper by HORIUTI A N D  POLANYI*~ no considerable progress . . . in  
the interpretation of . . . n" had been made. A review by H ~ C K R I S ~ ~  in the following 
year also mentioned the lack of unanimity as to tlie significance of n. 

During the next few years, an increasing number of autllors".77-7%egan to 
use the term "transfer coefficient", while otl1ers1"20~7(;~s~-X4 continued to use the 
symbolic formulation without giving a name to N .  At the same time, the use of /?, 
the "symmetry factor", was i n t r o d ~ c e d 5 1 ~ 7 " ~ " ~ :  in some  case^"^^"^", apparently 
as a synonym or substitute for n, tlle transfer coefficient, as used in eqn. (I) ; a t  other 
times51.87.88, the distinction was made tliat P refers to tlie electron-transfer step 
itself, whereas n is the overall89 or experimental valus, tlie two being related, e.g. 
by the equation51 "n=B1.. . 3L is the number of electrons necessary so that one act 
of the rate-determining step can occur" or by the relations7 n = l z ( f i + y ) / l ~  where 1 is 
the stoiclliometric number and y is a factor referring to that part of the free energy 
that depends on the potential and not on the con~position. 

In recent years, some autliorsR,~8.9O~" have assumed tliat the intended 
connotation of "transfer" in the tern1 "transfer coefficient" was electron transfer 
or, more generally, charge transfer. This is, of course, a commendable usage since no 
physical significance is thereby attached to N.: but it is as well to be aware that tlle 
term derives from AUI)URERT'S concept of the transformation of kinetic energy into 
activation energy. In the German literature, ixl is usually callecl"5." "Durchtritts- 
faktor"; this term carries no implication beyond that of "passing tllrough" in an 
unspecified sense, nor did it arise in connection wit11 any particular assumption 
about the nature of the process. 

VIII. THEORY AND E X P E R I M E N I  

The views described in the previous sections were formed a t  a time wllen 
little quantitative and relevant experimental data was available. The thermodynamic 
description of reversible electrodes was well supported experimentally, hut this lent 
no support to the kinetic formulation: it merely provided tlie corollary that if equa- 
tions such as (I) and (9) were to be valid for reversible systems, tllen under conditions 
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of reversibility eqn. (10) lnust liold. The sole experimental support for eqn. (I) was 
its relation (eqns. (5) and (6)) to the empirically based Tafel relation. A reading of 
the literature gives the i~npression that the truth of eqn. (I) was rather uncritically 
accepted-in fact, as noted earlier, the assumption that a =$- (precisely) under normal 
circumstances was frequently made because the Tafel slope was often approximately 
consistent with this value (see eqn. (8)). 

I t  is now realised how inadequately the available evidence supported the 
weight of tlleoretical speculations on the nature of the transfer coefficient. Elucidation 
of the mechanisms of electrode processes was frequently inadequate, with the con- 
sequence that results were interpreted directly on the basis of an equation such as 
(6) when tlie data did not, in fact, refer to the charge-transfer step itself. 

Much of tlie early work was concerned specifically witli hydrogen discharge, 
and a was frequently obtained by applying eqn. (8) directly to experimental data. 
There exists a considerable number of articles in which a ,  calculated in this way, 
was found to be larger than unity and was rationalized in various ways that were 
often quite specific to the particular process studied. I t  is clear that a value of n 
greater than unity is incompatible with a definition based on eqn. ( I ) ,  and a good 
deal of confusion was generated in work where eqn. (I) was used a priori, so that 
Tafel slopes were interpreted in terms of a-values, and tlie latter (as mentioned, on 
occasion greater than unity) used as a basis for speculation about the nature of the 
transfer coefficient. 

Another example of a-values derived without adequate analysis of the applic- 
ability of theory to a particular physical situation, is to be found in the literature 
on polarography, of organic substances in particular. Until quite recently, it was not 
uncommon to find an indiscriminate use of polarograpllic log-plots to derive values 
for n by application of equations such as the followingl"l3,15.93: 

E = E ,  + {KT(I -cx)/anF) In { i / ( i d - i ) )  (114 
E = E 2  + (RT/o~nl;) In {i/(i ,~ -i) ) (11b) 
E = (terms) - (o.o54z/an) log {i / ( id  - i) ) (11~) 

I t  was not realized how unreliable a criterion the log-plot is because of the enormous 
range of possible mechanisms that can give the same, or quite similar, slopes, and 
of the inherent inaccuracy in determination of the magnitude of the slope. A recent 
discussion bearing on ti:is point has been given by MEITES". 

I t  is now generally recognized that elucidation of tlie mechanism of a given 
process is essential if values are to be obtained for tlie kinetic parameters; however, 
a t  the present state of knowledge there are few systems the behaviour of which is 
sufficiently well understood that one would care to use the results as a basis for 
theorizing on tlle pliysical significance of tlie transfer coefficient. The absolute 
necessity for correcting for double-layer effects has been comparatively recently 
recognized and remains frequently neglected; the magnitude of errors possible 
through such neglect has been demonstrated by PAR SONS*^. 

Even beyond pitfalls such as these, in the application of theory to particular 
systems, there remain questions of a theoretical nature: 

Can one legitimately use the same type of formulation (eqn. (I)) for all 
processes, when in some cases an electron is transferred, while in others an ion may 
be the charge carrier through the double layer? Usually, eqn. (I) is written in any 
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case and without discussion of this point. 
How does one treat processes where charge transfer occurs in more than one 

step? What value does one use for n in eqn. ( I ) ?  
Discussion of these matters is lacking, as is experimental evidence that might 

guide such discussion or serve to test its validity. 
During the last decade, systematic attempts have been made"".5-100 to 

formulate an "absolute" electron-transfer rate-theory. In sucll work, primary em- 
phasis is on the characterization of the activated state, and the transfer coefficient 
is not introduced a priori via eqn. ( I )  or eqn. ( 8 ) ;  it arises only a t  the end of tlie 
treatment, as whatever factor happens to modify the electrode-potential term(s) in 
the expression for the activation energy. 

In the treatment by MARCUS", a is, in general, a function of several terms 
and not independent of the electrode potential, but becomes independent if the 
double-layer effects are small and for potentials not far removed (say f 0.2 V)  from 
the equilibrium potential; moreover, the value of n becomes 0.5 in the limiting case. 
Discussions by  HUSH'^, MOTT AND WATTS- '~oBIN~~,  and Doco~AnzE A N D  CHIZMAD- 
Z H E V ~ O O  lead to, a t  least qualitatively, similar conclusions. 

Thus, these theories provide a rationalization for the frequent lack of depend- 
ence of a on potential and for the commonly found value of 0.5, and remove other 
cases from the category of anomalies for which ad Iioc explanations have necessarily 
to be given as long as a is introduced arbitrarily as a constant through eqn. (I). In  
fact, PARSONS AKD PASSER ON^^^ have found quantitative agreement with MARCUS' 
theory in the experimentally determined dependence on potential of the transfer 
coefficient for the Cr(II)/Cr(III) system. 

Modern quantum-mechanical treatments in which the calculation of dis- 
tribution functions is the central issue (cf. GURNEY") also lead to the conclusionlo" 
that a is not, in general, independent of potential, nor, for that matter, of the con- 
centrations of the electroactive species. 

A fuller discussion of this recent work is beyond the intended scope of this 
article, wliicli seeks to make it possible to avoid or overcome confusion that can 
readily result from cursory expeditions into tlie earlier literature. 

SUMMARY 

In  discussions of the kinetics of electrode reactions, the central issue is tlie 
manner in which the rate constants depend on the electrode potential. I t  is often 
stated ex cathedra that this dependence is exponential and that constant fractions of the 
electrode potential appear in the exponential terms; these fractions are characterized 
by the "transfer coefficient, a" or "symmetry factor, P". The impression is thereby 
given that we understand tlie physical nature of the "transfer" or "symmetry" that 
determines the magnitude of a or P. In fact, the terminology "transfer coefficient" 
was introduced in connection with a model for the electron transfer that is not 
accepted; and the interpretation of P as describing the symmetry of the energv 
barrier is inadequate since, by definition, P describes the change in the barrier as 
the potential changes, and not any property of the barrier at  a particular potential. 

There is no adequate justification for an a priori introduction of the transfer 
coefficient as an implicitly potential-independent parameter. 
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SHORT C O M M U N I C A T I O N S  

Current-time dependence for charge transfer processes with 
reactant adsorption a t  a dropping electrode 

In this com~nunication the effect of reactant adsorption on the current-time 
dependence for a dropping electrode is examined and the diffusion problem solved 
on the basis of ideas recently suggested' and developed in this laboratorys-5. This 
problem has already been considered independently and from a classical point of 
view in this laboratoryfi (at Louisiana State University) and by BUTLER AXD MEEHAN~. 
A simple plot (in this treatment based on separation of faradaic and charging pro- 
cesses) allows the determination of the charge density on the electrode in presence 
of a faradaic process. This simple and useful method usually holds for limiting 
conditions, as will be shown. Tlie mathematical treatment of the diffusion process 
for a pure metal electrode and its cation (no amalgam), which we consider here, is 
similar to that in a recent works. 

The problem is forn~ulated for the following assunlptions: 
(i) Under potentiostatic conditions, tlie surface excess, r, of ions in tlie double 

layer is assumed to be a function of the concentrat~on, c, of ions at  tlie hypothetical 
boundary, x=o,  of tlie diffuse double layer and the diffusion layer. We then have 
r=I'(cz=o). In order to simplify tlie treatment we assume the linear relationship 

x = o :  r = l c c  (1) 

and we implicitly assume that relaxation of double layer can be neglected and that 
the adsorption process is n1uc11 faster tlian any other process in the system. 

(i i )  The rate of the electrode reaction a t  x =o is 

dcldt = o - pKc 

where o and Q are constants, ancl the faradaic current is 

(iii) The area A ,  of the drop is 

A = Aot"l" 

(iv) Diffusion towards tlie drop is treated by 

ac a2c 2x ac - = I ) - - + -  - 
at a x v t  ax 
Tlie initial condition is 

and tlie boundary conditions are 

(7) 

(8) 
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The solution (Appendix) is given in the form of a convergent series by 
00 

@(m,n,x) = CsiXi  
i = O  

where 
@ (m, n, x) = (c/cs) Z=O 

The coefficients si are given by the recurrence formulae 

The solution is also represented by tlre asymptotic series for sufficiently large 
values of the parameter, x 

@(m,n,x) w Zrill-', x 90 
t =O 

where 
r ~ = n / m ,  n = [ ~ / ( m v n ) ] ( r - r ~ ) ,  

Plots of the function @(m,?z,x) 21s. x for different values of the parameters 
m and n are shown in Fig. I. 

The faradaic current, making the assumptions (i)-(iv), is 

if/(zF) = a -QKc,=o = (1)csjK) (n -m@(m, n , ~ ) )  (18) 

Pseudo-equilibrium is reached when i r  =o, i.e., when 

Therefore, the function @(m,n,x) should tend to 92/1n for large values of x. This 
conclusion agrees with the asymptotic forniula (15). 

The total current for tlle drop is 

where q(c, E) is the cliarge density on tlre drop. 
The solution thus obtained shows that for values of u z  and IZ that are not too 

different (small applied overvoltage), the pseudo-equilibrium concentration a t  the 
surface of the drop is obtained with an error smaller than 10% for 31 > 10. Also, for 
these values of X, the transport process proceeds as i f  there were no accu~nulation 
of reactant a t  the interface. Moreover, q remains almost constant for x > 10 because 
pseudo-equilibrium is reached. Thus, it can be concluded on tlie basis of the model 
used here that the classical analysis7 applies for mx 9 I and for nz not too different 
from n. Conversely, when X <  2 the concentration, (c),=o, changes tnarkedly, and q 
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cannot generally be regarded as constant as in the analysis based on classical ideas. 
The range of x for which the classical analysis applies with a good approximation, 
is valid for any values of nz and lz provided they are not very different. The approx- 
imation achieved by tlle classical analysis can be estimated more exactly from Fig. I .  

l'ig. I .  l'lot of thc function (I,(!]?, r t , ~ )  us. x for (liffcrcnt valucs of the parameters  nz and n. ( I ) ,  
n7 =o. .5 ,n  = 0 . ~ 5 ; ( 2 ) , n z  = 1 1  -= 0.001747; ( 3 ) , 1 n  = IZ = o . o ~ C ' S ) ~ ; ( ~ ) , W Z  = m = 0.5 ; ( 5 ) , m  = 
0.5,  n = 0.55; (6). m = 0.5, 11 = 0.75. 

This diagram sliows r~lso that thc value of x for which the classical analysisisessentially 
valid decreases when nl ant1 .M increase. Also, tlie classical treatment7 presupposes 
diffusion control, and consequcntlv no further assumption is necessary about the 
reactant, provided tlie time is snfficicntly long to correspond to a diffusion-controlled 
process. 

Aflflendi.~ 
The solution was tlerivcd as follows. Equation (5) is reduced to the usual 

diffusion equation by introducing new variables~ 

z = (x/I<) (3I)t]71<2)21:3 , ( 2 1 )  

From eqns. (5)-(8) we tllen obtain 
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The problem is now converted9 to the solution of an integral equation using 

The corresponding integral equation is 

where 
@ (m, n, Y) = c ~ = o / c ~  , 

k(y,y)  = Y - V 7 [ m y - 2 1 7  +n- l lL (Y  -y) -1121 

The solution of integral eqn. (29) is found as in a previous paper" Thus, the term 
7nx2/5 is added to the right-hand side of eqn. (28) of that papers, and we obtain 
directly either formulae (13) and (14) for the coefficients si in the power series(9) 
or formulae (16) and (17) for the coefficients rc in the asymptotic expression (I j) for 
the function @ ( m , n , ~ ) .  The Viskovatovlo method for the conversion of the power 
series (9) into the corresponding continuous fraction was used in the numerical 
calculations. This method was also used in the previous papers. Calculations were 
performed with a CDC 6600 digital computer. 
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O n  the applicability of the Heyrovsky-llkovii equation to 
polarography in molten salts using a solid microelectrode 

There is no uniformity in the literature regarding the equation to be used 
for expressing the current-voltage (C-V) curve in fused salt polarography a t  solid 
microelectrodes. If the activity of the deposited metal is taken as unity, the rising 
portion of the polarographir wave is expressed by the Kolthoff-Lingane equation: 

where i is the current a t  tlie applied potential Em.,., i d  the diffusion current and Et 
the half-wave potential which is de/xndent  on tile concentration of the depolarizer. 
The applicability of this equation has been confirmed by several workers'-5. On 
tlie other hand, many, particularly DELIMARSKII et al."17, have attempted to describe 
the polarograpliic wave, even on a solid microelectrode, by the HeyrovskJi-IlkoviE 
equation : 

Em.,. = Et - (2.303 X T l n l ; )  log { i / ( i d  - i ) )  (2) 

An essential feature in the derivation of this equation is that the activity of the 
metal deposited on the illicroelectrode is a function of the current strength and E+ 
is inde f iendent  of the depolarizer concentration. The present authors4 also found 
that eqn. ( 2 )  was obeyed in the polarograpllic reduction of Cd2+ and Pb2+ on a 
platinum microelectrode (PME) in molten chlorides. I t  was pointed out that at  the 
working temperature (475"), both ~netals were deposited as liquid on tlie micro- 
electrode and since in this state they are corrosive to platinuml8, even a t  relatively 
lower temperatures, the current-dependent variable activity of the metal deposited 
on the PME was ascribed to "surface-alloy" formation. 

Tungsten is known to he alloy-resistant18 to most molten metals. I t  was thus 
of interest to examine wliether tlie polarograpliic wave with a tungsten microelectrode 
(WME) as tlie indicator electrode, in such a case would still be described by the 
Heyrovskg-Ill<ovii: equation. In the present communication this point is considered 
from the data on the polarographic beliaviour of Cd" in molten MgC12-KC1 eutectic 
(32.5 : 67.5 mole O/,) a t  475'. 

The preparation of the meltl!', the general experimental techniques and the 
fused salt methodology20 have been described elsewhere. An inert atmosphere was 
maintained over tlie melt surface by a flow of oxygen-free, dry nitrogen gas. The 
microelectrodes were fabricated by sealing suitable lengths of 0.25-30 mm diam. 
platinum wire in soda-lead glass (Corning 0120) and tungsten wire in Pyrex-glass 
through a C-9 (Corning 3320) graded seal. The sealed ends were ground flush to 
expose the cross-section of tlie wires, polished to a shining surface with a 013 emery 
paper and suitahlyY1 pre-treated before use; the (projected) areas of the micro- 
electrodes were determined. l'olarograms were obtained with a Leeds and Northrup 
manual arrangement, t l ~ e  steady-state values of the electrolysis current having been 
recorded. 

I'olarograms for 6.07-30.04 n1M CdCls solutions in molten MgC12-KC1 were 
obtained using a WME (area 0.049 nlm" as indicator electrode; the system PtjPt(I1) 
in the melt served as reference. 'The log-plots for these are presented in Fig. I. The 
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Em.e. U S .  log ( i / ( i d  -i)) plots were either curved or had slopes very different from the 
calculated value, indicating the inapplicability of the Heyrovsk9-Ilkovi? equation. 
On the other hand, Em.,. vs. log (i,i-i) plots were rectilinear. The slopes of four 
typical plots were 0.076, 0.078, 0.078 and 0.080 V which may be conipared with a 
calculated value of 0.074 for a two-electron process a t  475'. Also, E, in this case 
shifted to more positive values with increasing concentration of Cd", the magnitude 
of the shift being of the order of the calculated value. I t  is thus concluded that the 
C-V characteristics of the polarographic wave in the reduction of Cd" on a WME 
are expressed by the Kolthoff-Lingane equ a t '  lon. 

Polarograms for the same solution were also recorded with a P M E  (area 
0.071 mm2) as indicator electrode. The corresponding log-plots are presented in 
Fig. 2. In this case, Em.,. us. log { i / ( id - i ) )  plots were rectilinear; the slopes for five 
such plots were 0.069, 0.072, 0.078, 0.079 and o.otio (calcd: 0.074) The E ,.,. v s .  log 
( i d - i )  plots, however, are seen to be curved. Also Ed  was, within limits of experimen- 
tal error, independent of Cd" concentration. The polarograms with a I-'ME are 
tllus described by the Heyrovskg-IlkoviE equation; this is in accord with earlier 
f indings4. 

I t  is thus concluded that the nature of the ~nicroelectrode material plays an 
important role in deciding whether the Heyrovskg-IlkoviC or the Koltl~off-Lingane 
equation expresses t11e current-voltage functions of a polarographic wave with a 
solid microelectrode in molten salt solutions. 

Figs. 1-2. Log-plots for CdZf polarograms with: ( I )  a tungstcn, ( 2 )  a p l a t i~ lun~  microclcctroclc as 
the indicator electrode. 
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Quantitative aspects of proton reduction in non-aqueous solvents 

The electrochemical reduction of hydrogen ions in non-aqueous solvents is a 
well-known pllenomenon. I t  has been .amply demonstrated that various organic and 
inorganic acids exhibit reduction waves in solvents sucli as acetonitrilel, N,N- 
dimethylformamide (DMF), dimethylsulfoxide (DMSO), etc.? Tlle potential at  
wllicll hydrogen ions are reduced is dependent upon the basicity of the non-aqueous 
solvent and the strength of the reducible acid. Generally, the stronger the acid (in a 
Rrcmsted sense) the more easily is it reduced in a particular aprotic solventl. 

The presence of a proton reduction wave lias also been used in the elucidation 
of organic electrode n~cclianisms employing clironopote11tiometry3 and cyclic volt- 
am1netry4-% The proton wave is usually indicative of a coupling reaction of some 
organic species where a dimcr or poly~ncr is formed via electrochemical oxidation. 

In tlic course of investigating various organic oxidations in aprotic solvents, 
we have found this "proton wave" to be very lielpful, both in a qualitative and 
quantitative sense. In nlany different types of systems where coupling is suspected, 
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this has been confirmed by the presence of hydrogen ion reductions, as shown 
previo~sly4~5. On a typical cyclic polarogram, the potential sweep is first carried out 
in an anodic-going direction and the organic species is electrochemically oxidized. 
When the potential is then scanned in the cathodic direction, a reduction wave will 
be observed in the vicinity of fo.2 to -0.4 V (vs. SCE) if protons were liberated in 
the oxidation step. I t  can be verified that this wave is due to proton reduction 
because the hydrogen couple is electrochen~ically irreversible in acetonitrile, but 
reversible in DMF and propylene carbonate (PC) (the criterion for electrocl~emical 
reversibility here is corresponding amounts of anodic and catllodic peak currents on 
a cyclic polarogram). Hence, if a cathodic wave is found in the vicinity of zero volts 
and it is suspected to be due to protons liberated in an electrode reaction, this can 
be confirmed by electrolyzing in acetonitrile and either DMF or PC. 

Once it has been established that protons are being generated, it is of interest 
and importance to obtain a quantitative estimate of their numbers. In this way, 
the number of protons being releasedlparent molecule can be ascertained. This can 
be realized in the following manner. First, a calibration curve is necessary so that 
the experimental results can be compared with a known standard. Figure I shows 
the peak current (from linear scan polarograms) as a function of concentration a t  
several potential scan rates. Picric acid was used bccause it is a strong acid in the 
aprotic solvents employed, accurate solutions can be prepared since it is a solid, 
and i t  seemed desirable to employ an organic acid bearing some structural similarity 
to the organic compounds being investigated. Linear behaviour is obtained u p  to 
acid concentrations of approximately 4.0 x ~o-"nP. Above this concentration, the 
peak current drops and the linear relationship no longer liolds but since organic 
systems are usually studied in the millimolar region, thir was not considered signif- 
icant. 

The data are for acetonitrile, but similar bellaviour is observccl in the other 
aprotic solvents mentioned. For any particular solvent ant1 a specific electrode one 
set of calibration curves must be constructed and used only in that system. 

~oncentroGon,  millimolar 

Fig. 1. Picric acid calibration curve. Scan rates are shown on  thc right 
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TABLE 1 
-- 

Compound v i,b mMoles H +  
- - 

Triphenylamine 10.1 00.0 0.92 
(1.0 x 10-3  Ad soln.) 6.40 52.0 0.93 

4.09 43.0 0.95 
2.45 3 3 . 0  0.9.3 

4-R.Tcthyltripl1cnyI:tt11i1~e I o. I 80.0 1.10 
(1.0 x lo-" soln.) 6.40 0r.o 1.10 

4.09 51.5 1 .12  

2.45 40.0 1.12 

a Scan ratc (V ~nin-1). h I'cak current (/!A). 

With the calibration curve for a reference, a controlled-potential exhaustive 
electrolysis of an approsimatclv niillimolar solution of the organic compound being 
studied is then carried out. A linear scan polarogram is run on tlle resulting solution 
a t  the same scan rates as those used on the calibration curves. The millimoles of 
protons liberated are conipared with the millinioles of parent species and the number 
of protons involved in the electrode reaction ascertained. Table I shows some typical 
data for two aromatic amines the electrode reactions of which have been completely 
characterized4.7. In \,oth cases it was anticipated that one millimole of protons would 
be obtained/rnillimole of parent amine4. The agreement between theory and exper- 
iment is quite good. 

These systems were chosen for illustration because their electrode reactions 
have been fully cl~aracterized. Proton waves have been observed in other organic 
systems in this laboratory, and it is anticipated that quantitative determination of 
the number of protons involved in tlle electrode reactions will aid in the elucidation 
of their mechanisnis. Tliis tecllnique may possibly be of general utility in studies 
of organic anodic electrode processes in aprotic solvents. 

E.xherimenta1 
The electrochemical instrumentation used for cyclic voltammetry and linear 

sweep voltanilnetry has been describcd previously4. Solvent and supporting electrolyte 
purifications have also been reported4.8. A Recknian platinum button4 was used in 
the linear sweep experiments, with a platinum foil auxiliary and SCE reference elec- 
trode. 

For the controlled-potential coulometry, a Wenking model 61 13s potentiostat 
with digital readout according to  BARD"^^ was employed. 

Picric acid was "Raker Analyzed" Reagent and was used without further 
purification. 

This work was supported by The National Science Foundation through grant 
GP-5o97X; this support is gratefully acknowledged. 
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Determination of the critical micelle concentration of cationic 
surfactants from counter-ion activity measurements 

I n  a recent com~nunicationl we  have reported determinations o f  t h e  critical 
micelle concentration (c.m.c.) values o f  potassium salts o f  t he  higher f a t t y  acids b v  
studying t h e  variations o f  detergent anion act ivi tv ,  using cobalt-cobalt soap elec- 
trodes. I n  this  communication an a t tempt  has been made t o  determine t h e  c.m.c. 
values o f  cetyl tr imethylammoniun~ bromide (CTMAR) and dodecylpyridinium 
bromide (DPR)  b y  measuring t h e  counter-ion (bromide) activity. 

Ex$erimentaE 
D P B  was prepared b y  tlle method described b y  ADDEI<S~X A N n  TAYI- OR^. 

CTMAB was a R.D.H. product and was recrystallized f rom acetone. T h e  solutions 
were prepared i n  doubly-distilled water. Mercurous bromide was prepared f rom 
Hg2(N03)z and KRr  (A .K . ) .  Triple-distilled mercury was used for t he  preparation o f  
t he  mercury, mercurous bromide electrode. E .m . f .  measurements o f  t he  cell, 

H g  I KC1 satd., I NH4N03 1 H g z R r ~  ( s ) ,  I Hg 
HgzClz ( s )  salt bridge CTMAH or DI'R 

were carried out  at  3o+o.1" i n  a water tllermostat. 

Results and discussion 
T h e  concentration ranges o f  DPB and CTMAB studied were 2.1o-"66.1o-~ 

M and 1.10-4-roo-10-4 M ,  respectively. Curves A and R (Fig. I )  are plots o f  t he  
electrode potentials o f  tlie Hg,HgzBrz electrode 8s. t he  logaritlims o f  Dl3R and CTMAR 
concentrations. 

Since t he  electrode potential is a measure o f  bromide ion activity, t he  first 
linear branch o f  t h e  curves corresponds t o  t he  increase i n  bromide ion activity as 
t he  surfactant concentration is increased. This  observation is in agreement wi th  
t he  accepted concept o f  a surfactant behaving as a moderately strong electrolyte 
below t h e  c.m.c. However, above t h e  c.m.c., t h e  bellaviour o f  surfactants is non- 
ideal owing t o  micellization. 

According t o  H A R T L E Y ~ , ~  tlie rnicelles contain, in addition t o  a large number 
o f  detergent ions, a considerable number o f  counter-ions which are bound t o  t he  
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I I I I I 
4 3.5 3 2.5 2 (Curve B) 
3 2.5 2 1.5 I (Curven) 

-log c 
Fig. I .  I'lots of I-Ig,HgzBrs clcctroclc potential and log of thc surfactant concn. (A) DI'B; (U) 
CTMAU. 

micelle surface and number a t  least one-half of the number of detergent ions in the 
micelle. The most concrete and clear evidence of the adhesion of counter-ions to 
the micelle is that the transport numbers5,fi of detergent ions exceed unity above 
the c.m.c. Therefore, above the c.m.c., the increase in concentration of surfactant will 
not cause the same increase in the concentration(activity) of free bromide ions 
(counter-ions) as it would have done had there been no counterion association with 
the micelles. Consequently, tlie Hg,HgzRrz electrode potential will show an abrupt 
change as the concentration of tlie surfactant exceeds the c.m.c. value. Obviously, 
the breaks in curves A and B must correspond to the c.m.c. values of cationic 
surfactants. 

The c.n~.c. values of DPB and CTMAB determined by this method are 1.23 x 
10-W and 9.12 x I O - ~  M, respectively. These values are in close agreement with 
those reported in tlie literature2.7. 
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ROOK REVIEWS 

BOOK REVIEW 

Catalytic and Kinetic Waves  in Polarografi17yy, by S .  G. MAIRANOVSICII (in Russian), 
"Nauka", Moscow, 1966, 288 pages, I Rbl. 29 kop. 

As a rule, electrode processes in which organic substances participate involve 
the consumption (or evolution) of llydrogen ions, and under properly chosen condi- 
tions, the rate of the protonation reaction, usually preceding the electron transfer, 
may limit the rate of the total process. The currents observed in such cases are 
called kinetic currents. The electrode processes, both wit11 and without the preceding 
chemical step, are greatly affected by the adsorption of the depolarizer and by the 
structure of the electric double layer a t  the electrode-solution interface. In the book 
under review, these effects are treated mainly on the basis of the experin~ental 
evidence obtained by the author and his co-workers, although the results of a large 
number of studies by other authors (871 references) are also used and critically 
discussed. 

Kinetic currents can be used in the determination of the rate constants of 
fast chemical reactions, although, as is illustrated in the book by specific cases, in 
order to determine the true rate constants of these reactions, it is necessary to 
extrapolate the apparent (or observed) values of these constants to the conditions 
under which practically no adsorption of the reaction components would occur. 

Much attention is given to the theory (developed by the author) of the 
catalytic hydrogen waves and to a detailed consideration of the effect of the com- 
position of the binary systems, water-organic solvent, upon electrode processes of 
various types. 

Among the drawbacks of the book should be mentioned the sometilnes in- 
sufficiently systematic presentation of the subject matter. Too little attention is 
given to kinetic currents in tlle case of processes involving the participation of 
inorganic substances, and to the important analytical application of kinetic and, 
particularly, of catalytic currents. On the whole, the book is a valuable contribution 
to the development of the kinetics of electrode processes a t  tlie mercury electrode. 
The book has been prepared wit11 some additions, for publication in English by the 
Consultants Bureau Plenum Press (New York). 

A. FRUMKIN, Institute of Electrochemistry, Academy of Sciences of tlle U.S.S.R., 
Moscow 
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The countercurrent separation processes represent, in terms of invested capital, the'most important single group 
of operations in the chemical and process industries. Such operations, which must be clearly distinguished from 
mechanical separations such as continuous countercurrent decantation and leaching, are normally restricted in 
the chemical engineering texts to distillation in its various forms (including azeotropic and extractive distillation), 
absorption and stripping, liquid-liquid extraction, and sometimes adsorption. 

Since the 19401s, chemical engineers have become increasingly concerned with isotopic and other difficult separa- 
tions. Furthermore, newertechniques, such as liquid thermal diffusion, etc. enable separations to be accomplished 
which are difficult or unobtainable by other means. It became evident therefore that a text should be available which 
generalises the treatment to cover all types of separation process, and this is in fact what the author hopes to have 
achieved here. The list of processes dealt with in the various chapters does not exhaust all possibilities. However, 
most of the remaining known processes are either of very limited application, or are as yet relatively undeveloped. 

i 
Although the book is fairly advanced in coverage, selected material can be used as the basis for a course for final . 
year chemical engineering students. It should also be of particular interest to research workers, both in stimulating 
applications of the various processes to hitherto unachieved separations, and in development of entirely new types 
of separation process. Although not intended to be used as a design manual, it should prove of great value to 
practising chemical engineers and plant designers in providing a basic understanding of the principles involved in 
the design of equipment for these processes. 

Contents: 1 .  Introduction and basic concepts. 2. Steady-state cascade theory: the ideal cascade. 3. Steady-state 
cascade theory: square and squared-off cascades. 4. Distillation. 5. Equilibrium processes employing a separating 
agent. 6. Other equilibrium processes. 7. Irreversible processes: gaseous diffusion. 8. Irreversible processes: 
mass and thermal diffusion. 9. Other irreversible processes. 10. Multicomponent separations. 11. The unsteady 
state. Appendix: Table of values of the separation potential. Subject index. 
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