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Department of Chemistry, University of Maryland, College Park. M d .  (U.S .A . )  

(Received July 12th. 1962) 

The polarography of copper(I1) has been extensively investigated in a variety of 
supporting electrolytesl. Some recent work in this laboratory has employed orthophos- 
phate as the supporting electrolytez. In particular for our determination of the appa- 
rent instability constants of copper complexes orthophosphate buffers were chosen as 
the supporting ele~trolytes3~4.5. 

The polarographic method for the determination of the instability constant of a 
metal complex is based upon the measurement of the shift of the half-wave potential 
of the metal ion with the addition of the complexing agent. The equation employed 
for the determination of the apparent instability constant, Kc, of the complex metal 
ion at 25O is : 

0.0591 0.0591 
(E*)" - (E*) ,  % - log Kc - - P log C Z  

n n 

where (E*). is the half-wave potential for the complex metal ion at concentration, C,, 
of complexing agent, (E*), is the half-wave potential of the simple metal ion, n is the 
number of faradays of electricity required per mole of electrode reaction, and p is the 
number of moles of complexing agent reacting with one mole of the metal ion6. In 
order to employ eqn. (I) it is necessary to know (E*), and n. The value of p can be 
determined from the following equation : 

A (E*)c -0.0591 -=- 
A log Cz  n 

P (2) 

(E t ) ,  and n are obtained from a polarogram of the simple metal ion in the supporting 
electrolyte chosen for the investigation. 

Several investigators have used orthophosphate buffersas thesupportingelectrolytes 
in their studies of copper complexes. LAITINEN et al.7, studying copper-glycine 
complexes, reported a two-electron reduction for copper in a buffer consisting of 
0.05 M monopotassium phosphate plus sodium hydroxide. On the other hand, 
MALIK AND KHANS in their polarographic study of copper-biuret complexes in 
phosphate medium found a one-electron transfer for copper over the pH range of 
10.97-12.04. 

In the present paper the current -voltage curves for copper(I1) in orthophosphate 

* This paper was presented in part at the 140th National Meeting of the American Chemical 
Society, September 3 through 8, 1961, Chicago, Ill., U.S.A. 

J .  Electroanal. Chem., 5 (1963) 85-89 



medium, obtained over a pH range of 2.6-10.1, are presented. Polarographic results 
are compared with those obtained by constant potential coulometry, hanging-drop 
studies and wave-height measurements. 

EXPERIMENTAL 

Reagent chemicals were used without further purification. All studies were conducted 
in buffer solutions of an ionic strength of 0.2 M. The composition of the buffers 
employed has been described elsewherez. 

All polarographic measurements were made with a Leeds and Northrup Electro- 
Chemograph, Type E. A Lingane H-cell fitted with a saturated calomel reference 
electrode and a 3% agar-saturated potassium chloride salt bridge was employed. The 
solution of copper(I1) in the supporting electrolyte was placed in the sample com- 
partment of the H-cell and flushed with nitrogen gas for 15 min prior to the running 
of the polarogram. During the course of the polarographic measurements a nitrogen 
atmosphere was maintained above the sample solution. The nitrogen gas employed 
was deoxygenated by passage through two solutions of chromous sulfate and one of 
the supporting electrolyte before entrance into the H-cell. All polarograms were 
obtained on a sample thermostatted at 25 0.2'. 

Reversibility of the electrode reactions was tested by determining the slopes of the 
log (id - i)/i vs. E plots. Values for the half-wave potentials were taken from these 
logarithmic plots. Data for these plots were taken by manual operation of the 
polarograph. Applied voltages were determined by measurement with a Rubicon 
Model 2730 Potentiometer. 

The controlled potential for the coulometric analyses was supplied by a Greenough- 
Williams-Taylor Potentiostate. Coulombs were measured with a titration coulometerl0. 
A known amount of copper(I1) was electrolyzed for 15 minutes in a cell consisting of 
a mercury-pool cathode and a saturated calomel anode. After electrolysis the copper 
remaining in solution was determined iodometrically. 

The electrode for the hanging-drop studies was prepared according to the directions 
of Ross, DEMARS, AND S H A I N ~ ~ .  Copper(I1) was reduced at the hanging-drop elec- 
trode by the five minute application of a potential IOO mV more negative than the 
polarographic half-wave potential. The potential was then scanned in the positive 
direction and the anodic stripping curves were plotted on the Electro-Chemograph. 

DISCUSSION OF RESULTS 

In Fig. I are shown the polarograrns for the reduction of copper(I1) in orthophos- 
phate medium. The polarographic data for these waves are collected in Table I. 
These data indicate a shift in the half-wave potential to more negative values with 
an increase in the pH of the supporting electrolyte. The polarographic half-wave 
potentials were compared with the peak potentials obtained by studying the reduction 
at the hanging mercury drop electrode. These data are tabulated in Table 11. At pH 
values greater than 6.5, the peak potentials of both the hanging mercury drop elec- 
trode (HMDE) and the anodic stripping curves were found to become more negative 
at a greater rate than the half-wave potential for the dropping mercury electrode 
(DME) . 

The number of electrons involved in the reduction of copper(I1) in orthophosphate 
medium was determined by constant potential coulometry and wave-height measure- 

J .  Electroanal. Chem., 5 (1963) 85-99 
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TABLE I 

POLAROGRAPHIC DATA FOR COPPER(II) AT 25'. SUPPORTING  ELECTROLYTE,^.^ M ORTHOPHOSPHATE 
BUFFER 

rn2/3 f116 ElD C O ~ C .  C u ( I t )  id 
pH (mg213 sec-118) ( ~ s . s . c . E . )  ( m ~ )  ( P A )  i~/CrnP/St 

TABLE I1 

COMPARISON O F  DATA OBTAINED BY POLAROGRAPHIC, HANGING-DROP, AND COULOMETRIC STUDIES. 

SUPPORTING ELECTROLYTE, 0 . 2  M ORTHOPHOSPHATE BUFFER 

Ells EP EP 
Slope 

Wave height Conc. CU(II )  n(Cou1ometric) D M E  
D M E  H M D E  Stri* f m m )  

(Conc. M )  

TABLE 111 

WAVE-HEIGHT COMPARISONS IN ORTHOPHOSPHATE BUFFERS. ALL SOLUTIONS MEASURED WERE 10-4 M 
I N  THE METAL ION 

Metal ion Wave-height Sensitivity 
f m m )  f a A l m m )  

Cadmium 2 9  

C o p p e r ( I 1 )  30 
Cadmium 64 
C o b a l t ( I 1 )  63 
I r o n ( I 1 )  55 
M a n g a n e s e ( I 1 )  57 
Zinc 54 
C o p p e r ( 1  I )  2 6  

ments. Coulometnc studies indicated that at pH values less than 6 a two-electron 
reduction took place; at pH values greater than 6 copper(I1) underwent a one-electron 
reduction. These coulometric results were supported by wave-height measurements 
for copper(I1) and for several other divalent cations (seeTable 111). Coulometnc 
studies could not be carried out in solutions more basic than pH 8.0 due to the appear- 
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ance of a copper precipitate. This would suggest that in the basic pH region the depola- 
rization of the dropping mercury electrode was caused by a reducible copper phosphate 
suspension. M I C K A ~ ~  has shown that suspensions of HgS, PbS, CuS and Ag2O yield 
polarographic curves. 

Fig. I. Polarograms for the reduction of copper(I1) in orthophosphate medium. All polarograms 
begin at a potential of -0.050 V. us. S.C.E.: curve I,  pH 4.60, 1 0 - 4  M Cu(I1); curve 11, pH 7.40. 

1 0 - 4  M Cu(I1); curve 111, pH 9.00, 2.10-4 M Cu(I1). 

The slopes of the log (id - i)/i vs. E plots for copper(ll) in various orthophosphate 
buffers indicated that the reduction of copper is reversible only over the narrow pH 
range of 6.5-8.0. At pH values on either side of this range the value of the slope was 
significantly different from the reversible value. 

These data suggest that as the concentration of the HP0d2- species increased 
(pH > 6), the copper(1) formed by the electrode reduction was stabilized by fornia- 
tion of a HP042- complex so stable or so insoluble that its further reduction was not 
readily observed. The fact that hanging-drop and anodic stripping results start 
deviating at pH 7 from those obtained at the dropping mercury electrode leads one 
to believe that either kinetics are involved or else that there is actual solid formation. 
The coulometric runs at pH values greater than 8.0 seem to suggest the latter. 

SUMMARY 

The polarographic reduction of copper(I1) in orthophosphate medium yields a single 
wave. In solutions more acidic than pH 6 the wave represents a twoelectron reduc- 
tion. At pH values greater than 6 the wave corresponds to a one-electron reduction. 
These results were obtained by coulometric and wave-height measurements. The 
reduction of copper(I1) is reversible only over the narrow pH range of 6.5-8.0. These 
data suggest the formation of a highly stable insoluble copper(1)-HP042-complex 
in solutions more basic than pH 6. 

J .  Electroanal. Chem., 5 (1963) 85-89 
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I. POLAROGRAPHY OF MANGANESE(I), (11), and (111) 

STEPHEN A. MOROS*t AND LOUIS MEITES 

Department ofchemistry, Polytechnic Institute of Brooklyn, Brooklyn. N.Y.  ( U . S . A . )  

(Received June 26th. 1962) 

The polarographic reduction of manganese(I1) in cyanide media was first studied by 
VERDIER~, who reported its half-wave potential to be -1.33 V vs .  S.C.E. in 1.5 F 
sodium cyanide and stated that the half-reaction involved was a reversible two- 
electron reduction to the metal. As this value is about 0.1 V more positive than the 
standard potential of the manganese(I1)-manganese(0) couple2, i t  appeared more 
probable that the reduction actually proceeds only to the +I state, whose existence 
in cyanide media was demonstrated by TREADWELL AND RATHS~. Indeed, shortly 
after this investigation was begun, SIEKIERSKI AND SIEKIERSKA~ asserted that this 
was in fact the case. The work described below confirms this conclusion, identifies 
and characterizes a new hydroxocyano complex of manganese(I1) formed in alkaline 
cyanide solutions, shows that the polarographic characteristics of manganese(1) and 
(11) in cyanide media are largely affected by a chemical decomposition of manganese(1) 
cyanide solutions at  a rate proportional to the square root of the manganese(1) 
concentration, and briefly describes the polarographic behavior of manganese(II1) 
in these media. 

EXPERIMENTAL 

Polarograms were obtained with a locally constructed and carefully calibrated pen- 
and-ink recording instrument. Due attention was paid to the application of the 
various corrections appropriate in precise work. A conventional dropping-electrode 
assembly was used. All values of m and t were obtained under the conditions employed 
for the related diffusion-current measurements. 

A modified H-cell5 was used in most of the work with manganese(I1) and (111) 
solutions. The potential of its saturated calomel electrode was checked frequently, 
and the electrode and agar-saturated potassium chloride bridge were replaced 
whenever necessary. For work with manganese(I), which is extremely readily air- 
oxidized, a double-diaphragm controlled-potential electrolysis cells was modified by 
sealing a vertical 10-mm i.d. tube to the horizontal cross-member between the body 

* This paper is based on a thesis submitted by STEPHEN A.  MOROS to the Faculty of the Polytechnic 
Institute of Brooklyn in partial fulfillment of the requirements for the Ph. D. degree, June, 1961. 
t Present address: Research Department, American Cyanamid Company, Bound Brook, N. J .  

J .  Eleclroanal. Chem., 5 (1963) 90-102 
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of the working-electrode compartment and the fritted disc leading to the central 
compartment. After a solution of manganese(1) had been prepared in this cell by the 
controlled-potential electroreduction of manganese(II), the insertion of a dropping 
electrode into this tube permitted polarograms to be recorded while minimizing the 
danger of air-oxidation. A silver-silver chloride electrode of the type previously 
described' was used in obtaining such polarograms and in all controlled-potential 
electrolyses. This electrode was prepared with sodium chloride because difficulties 
would have been caused by the precipitation of K5Mn(CN)a3 had potassium chloride 
been used. Numerous measurements showed that the potential of the electrode 
Ag/AgCl (satd.), NaCl (satd.) is -0.047 f 0.003 V vs. S.C.E. at 25 f 1'. When due 
care was taken to change the saturated sodium chloride solution in the bridge 
compartment of this electrode frequently, its potential remained constant for many 
months despite its exposure to concentrated cyanide solutions. 

All potentials are referred to the customary saturated calomel electrode. 
The potentiostat and current integrator were obtained from Analytical Instru- 

ments. Inc. (Wolcott, Conn.). Because very small currents often had to be integrated 
with the highest possible accuracy, another input resistance network was added to 
the integrator and was carefully trimmed to give a sensitivity of O.OIOOO micro- 
faraday (pF) per count, which is one-tenth of the lowest sensitivity figure of the 
instrument as received from the manufacturer. Whenever necessary, corrections 
were applied for the change of sensitivity at very low counting ratese. 

All electrolyses and all electrometric measurements were carried out at 25.00 f 
0.02'. Deaeration was effected with pre-purified nitrogen which had been freed from 
oxygen, either by passage through one or more efficient gas-washing bottles contain- 
ing chromous chloride solution or [in work with manganese(I)] by passage over 
copper gauze at 450'; it was then pre-saturated with water vapor and equilibrated 
with respect to hydrogen cyanide by passage through a gas-washing bottle immers- 
ed in the thermostat, containing a portion of the supporting electrolyte being 
used. 

The procedure for the purification of mercury in this work has been described 
elsewhere'. All other chemicals were ordinary reagent grade and were not further 
purified, except where pre-electrolyses a t  controlled potential are mentioned below. 
Stock solutions of manganese(I1) sulfate were standardized by the method of LINGANE 
AND KARPLUS~. Sodium cyanide was assayed by potentiometric titration with 
standard silver nitrate, using a silver indicator electrode, and the result was employed 
in preparing the sodium cyanide solutions used as supporting electrolytes. 

A few polarograms were obtained with solutions prepared from water purified by 
passage through a commercial mixed-bed-ion-exchange unit. However, the chrono- 
amperometric measurements to be described in the following paper, showed that the 
use of this water led to large and apparently random fluctuations in the measured 
rates of decomposition of manganese(1) cyanide solutions, presumably because of 
the presence of traces of acidic or basic materials derived from the resins. Distilled 
water alone was used, after this source of difficulty was identified. 

All pH measurements were made with a Beckman Model G pH meter and Type 
1190-72 glass electrodes. These were standardized against saturated potassium 
hydrogen tartrateg.lOJ1 and the alkaline phosphate buffer of BATES AND  BOWER^^. 

Weights and volumetric apparatus were calibrated by standard techniques. 

J. Electroanal. Chem., 5 (1963) 90-102 



MANGANESE I N  CYANIDE SOLUTIONS 

DATA AND DISCUSSION 

Manganese(I1) in neutral* cyanide solutions 

The addition of a neutral manganese(I1) solution to a neutral sodium cyanide 
solution in the absence of air yields a clear light green solution whose polarogram 
consists of a single well-defined wave for which E t  is about -1.3 V. Solutions con- 
taining 0.500 mmole of manganese(I1) in IOO ml of I F sodium cyanide were electro- 
lyzed with a mercury cathode at -1.00 V to reduce any trace of manganese(II1) 
that might have been formed by air-oxidation (cf. Fig. 5), then at -1.50 V to produce 
the reduced species resulting from the electroreduction of manganese(I1). The latter 
electrolysis was terminated as soon as the current had decreased to a small and 
essentially constant value; the solution then had the characteristic deep yellow color 
of the manganese(1)-cyanide complexs, and the mean of the n-values obtained in 
three experiments was 1.09 f 0.02. This is conclusive proof that the reduction 
proceeds to the +I state rather than to the metal. 

Separate experiments in which solutions of manganese(I1) in I F sodium perchlo- 
rate were electroreduced to the metal at mercury cathodes, resulted in the formation 
of a gray turbidity very soon after the beginning of the electrolysis. This reflects 
the limited solubility of manganese in mercury13914. As no such precipitate was 
formed during the reduction of manganese(I1) in cyanide medium, the discrepancy 
between the observed n-value of 1.09 and the expected value of 1.00 could not have 
been due to a partial reduction to the metallic state. Its causes are discussed in 
detail in a following paper. 

Plots of Ed.& VS. log i/(ia - i) for this wave had slopes of -58 f I mV over the 
range 0.04 < i l i a  < 0.96. This is in good agreement with the expected value for a 
reversible one-electron reduction at 25". Further proof of the reversibility of the 
half-reaction is given below. 

The half-wave potential becomes more positive as the cyanide concentration 
increases: it is -1.41 V in 0.3 F, -1.364 + 0.007 V in I F, and -1.25 V in 9 F 
sodium cyanide. Since n = I, the reversible half-wave potential is given by 

Ell2 = Eo - 0.0296 log (D2/D1) - 0.0591 log (filfi) (1) 

where EO is the standard potential of the couple, D is a diffusion coefficient, and f is 
an activity coefficient; the subscript numbers give the oxidation states of the man- 
ganese. This may be combined with the extended Debye-Hiickel equation in the 
commonly encountered form 

where L = pll2/(1 + p1/2) and BI is the salting-out constant. Assuming that B1 
and Bz are equal and that the ratio Dz/Dl is not sensibly affected by variations of 
the ionic strength p, the result is 

If it is further assumed that the half-reaction is Mn(CN)s4- + e = Mn(CN)ss-, 
then the expected slope of a plot of Ellz vs. L is +o.27. The data are shown in Fig. I, 
where the dashed line is drawn with this slope. Except at the highest concentration 

In the sense that no foreign acid or base was added. 

J .  Electroanal. Chem., 5 (1963) 90-102 
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of sodium cyanide, where the liquid-junction potential is surely appreciable and is 
of the proper sign to account for the deviation observed, the agreement is entirely 
satisfactory. 

Extrapolating the plot of Fig. I to zero ionic strength (L=o) and takingDz and Dl 

E$ 
vs 

SC.E, 
vol ts  

' 

-1.30 - 

Fig. I .  Effect of sodium cyanide concentration on the half-wave potential of manganese(I1). The 
horizontal axis gives values of both C, the concentration of sodium cyanide in moles/liter, and the 

parameter L defined in the text. 

as equal (the diffusion-current data cited below indicate that the difference between 
them is at most a few per cent), Ea of the manganese(I1)-manganese(1) couple in cy- 
anide media is found to be -1.50 V vs. S.C.E., or -1.25 V vs. N.H.E. TREADWELL 
AND RATHS~ reported that the formal potential in 1.5 Fsodium cyanide was -1.30 V 
vs. S.C.E. ; this is about 30 mV more positive than the value interpolated in Fig. I. 
The discrepancy is attributable to the reduction of water or hydrogen cyanide by man- 
ganese(1) at the surface of the platinum indicator electrode employed by TREAD- 
WELL AND RATHS~, who indeed noted that the electrode potential became more 
negative on increasing the stirring rate. 

In I F sodium cyanide the half-wave potential was not detectably affected by 
varying the manganese(I1) concentration from 0.8-10 mF. 

Data to be presented below show that the wave for the reduction of manganese(I1) 
is partially catalytic in character: a slow chemical oxidation of manganese(1) by 
water or, more probably, hydrogen cyanide is followed by the re-reduction of some 
of the manganese(I1) thus regenerated. The diffusion current constant of such a 
wave would be expected to vary somewhat with the characteristics of the capillary 
employed. Data obtained with 1.00 m F  manganese(I1) solutions, using a capillary 
for which rn213tll6 was 1.69 mg213 sec-112 at -1.6V, gave I(= id/Cm213t11e) = 1.65 & 
0.05; another capillary, for which rn219tll6 was 1.88 mg213 sec-112 at  -1.6 V, gave 
I = 1.48 f 0.02 with the same concentration of manganese(I1). If the rate of 

J .  Ekctroanal. Chem., 5 (1963) 90-102 



94 MANGANESE IN CYANIDE SOLUTIONS 

oxidation of manganese(1) were proportional to its concentration, the value of I 
would be expected to be independent of the concentration of manganese(I1). However, 
with 9.80 m F  manganese(I1) the value of I obtained with the first of the above 
capillaries was only 1.54 0.04. This suggests that the catalytic step is fractional 
order with respect to manganese (I). Confirmation of this suggestion is presented 
below. 

Manganese(I1) in alkaline cyanide solwtions 
SIEKIERSKI AND SIEKIERSKA~ investigated the hydrolysis of K4Mn(CN)6 in 0.1 F 

sodium cyanide, and observed waves at -1.10, -1.25, and -1.59 V in addition to 
the one at about -1.3 V whose characteristics were described above. These additional 

E vs. S.C.E., volts 
Fig. 2. Polarogram of 0.88 m F  manganese(I1) in 0.88 F sodium cyanide-0.28 F sodium 

hydroxide. 

waves were ascribed to the formation of various aquocyano complexes of manganese 
(11). 

The addition of sodium hydroxide to I F sodium cyanide containing manganese(I1) 
causes a new wave to appear at El12 = -1.72 V; increasing the hydroxide concen- 
tration causes the height of this wave to increase while that of the original wave at 
-1.36 V decreases. A typical polarogram of manganese(I1) in alkaline cyanide is 
shown in Fig. 2. VERDIER~ observed a wave at -1.80 V in alkaline cyanide solutions 
of manganese(I1) and surmised that it corresponded to the reduction of a hydroxocy- 
ano complex. He represented this by the formula Mn(OH)(CN), but gave neither any 
proof of this improbable formula nor any quantitative information concerning the 
stability of the complex. 

Assuming that the addition of hydroxide brings about the reaction 

Mn(CN)& + p OH- = Mn(CN)6-,(OH),*- + f~ CN- (4) 

and that the diffusion current of the second wave, ie, is proportional to the concen- 
tration of the hydroxocyano complex - i.e., that the equilibrium of reaction (4) is 
slow - (a similar assumption cannot be justified for the first wave because of its 
partially catalyticcharacter) andletting C1= [Mn(CN)&], C2 = [Mn(CN)s-p(OH)p4-], 
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C = C1 + CZ, and kz = iz/Cz, the equilibrium constant of reaction (4) can be written 

A plot of C/iz vs. [CN-]/[OH-] was constructed for data obtained with solutions 
containing approximately 0.9 M cyanide, 0.9 m F  manganese(II), and 0.094.25 M 
hydroxide, and was found to be accurately linear, showing that p = I. From the 
slope and intercept of this plot, the values kz = 7 f I and K = 2.1 & 0.4 were 
deduced. The value of kz is roughly 2.5 times the average value of the ratio il/C1 
calculated from the same data. This indicates that the reduction of the hydroxocyano 
complex involves two electrons. The slope of a plot of Ed.& VS. log i/(id - i)  for the 
wave of the hydroxocyano complex is -34.4 mV, an entirely reasonable value for 
an irreversible two-electron wave. 

I t  is interesting that the half-wave potential of the hydroxocyano complex should 
be nearly identical with that (-1.70 V) given by Z U M A N ~ ~  for the reduction of 
manganese(I1) from sodium hydroxide alone. I t  appears that the rate-determining 
step in each case may be the addition of a pair of electrons through a hydroxyl group 
serving as a bridge between the manganese atom and the electrode surface, and that 
the activation energy for this step is essentially independent of the composition of 
the remainder of the coordination field of the manganese atom. 

Calculating the concentration of the cyano complex present a t  equilibrium, with 
the aid of the above value of K for reaction ( 4 ,  shows that the ratio, il/Cl, of wave 
height to concentration for the cyano complex decreases as the hydroxyl-ion con- 
centration increases. With 0.3 M added hydroxide, this ratio is almost 20% smaller 
than in a neutral cyanide solution. If the only factor operative were the previously 
mentioned variation of the diffusion current constant of the cyano complex with 
its concentration, the calculated values of illC1 should increase as the equilibrium 
concentration of the cyano complex is decreased by the addition of hydroxide. These 
facts can mean only that the rate of the chemical regeneration of manganese(I1) 
decreases with decreasing concentration of hydrogen cyanide, and thus that the 
reaction responsible for this regeneration is one in which manganese(1) is oxidized 
by hydrogen cyanide rather than by water. 

Although the height of the wave of the hydroxocyano complex isgreater than that 
of the cyano complex in a solution containing 0.2 M hydroxyl ion and 0.88 M 
cyanide, no wave at  all is observed for the hydroxocyano complex in a solution 
containing I M hydroxide and 4 M cyanide. Very probably the predominating 
forms of manganese(I1) in 0.9 and 4 M cyanide solutions are not the same. It is suggest- 
ed that the reaction occurring when hydroxide is added to 0.9 F sodium cyanide 
containing manganese(I1) is actually 

M~(HzO) (CN)S~-  + OH- = Mn(OH)(CN)& + H20;  K = 2.3 & 0 .4  

which is consistent with the data described above, but that Mn(CN)& predominates 
in 4 F sodium cyanide and is relatively inert toward hydroxyl ion. This interpretation 
cannot be excluded by the data of Fig. I, and the stepwise formation constants of 
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the manganese(I1)-cyanide complexes, which would serve to settle the question, 
have not been measured. 

The addition of acid to neutral cyanide solutions of manganese(I1) appeared to 
result in a shift of the half-wave potential toward less negative values and in an 
increase of the diffusion current constant. The latter would, of course, be expected 
from the partly catalytic nature of the wave, but the decomposition of the cyanide 
occurred so rapidly and distorted the polarograms so badly that useful data were 
impossible to obtain. 

Manganese(1) 
The fact that manganese(1) is chemically reoxidized at an appreciable rate in 

aqueous cyanide solutions makes its quantitative preparation impossible, and data 
on its behavior have therefore had to be obtained with solutions containing some 
manganese(I1) as well. These were prepared by subjecting solutions of manganese(I1) 
in freshly prepared neutral I F sodium cyanide to controlled-potential electrolysis at 
-1.50 V until a steady final current was reached, and recording polarograms as 
rapidly as possible thereafter. 

The polarogram of a cyanide solution containing manganese(1) and (11) consists 
of a composite anodic-cathodic wave whose half-wave potential (-1.364 V in I F 
sodium cyanide) and slope [AEd.e./Al~g i / ( i a  - i )  = -58 mV] are identical with 
those of the cathodic wave obtained with manganese(I1) alone. Together with the 
proof below that the anodic portion of the composite wave does represent the oxida- 
tion of manganese(1) to manganese(II), this constitutes definitive proof of the polaro- 
graphic reversibility of the half-reaction. 

The diffusion current constant of manganese(1) was estimated from the recorded 
polarograms as shown by the following example. The diffusion current, measured 
at -1.50 V, of 1.33 m F  manganese(I1) in I F sodium cyanide was 3.34 PA; after 
controlled-potential electroreduction to the steady state the cathodic diffusion 
current of the composite wave was 0.23 PA. The ratio of these values would indicate 
that the concentration of unreduced manganese(I1) was 0.09 m F ;  this is fairly 
uncertain because, as was shown above, the diffusion current of manganese(I1) under 
these conditions is not proportional to its concentration. Neglecting this error on the 
ground that the manganese(I1) concentration is only a small fraction of the whole, 
one calculates the manganese(1) concentration to be 1.33 - 0.09 = 1.24 mF. The 
anodic diffusion current of manganese(1) was -3.52 PA, and m2/3tll6] was 1.71 
mg2/3 sec-112, both at -1.00 V, and therefore I = -1.66. Similar experiments with 
manganese(1) concentrations ranging from 1-9 m F  gave, in mean, I = 1.64 & 0.16. 

The mean deviation is perhaps not unreasonably large in view of the experimental 
and chemical complexities involved. 

When a solution of manganese(1) prepared as described above is allowed to stand, 
the anodic diffusion current of manganese(1) decreases, and the cathodic diffusion 
current of manganese(I1) increases, even though extreme precautions are taken to 
exclude atmospheric oxygen. The rate of this process, which is responsible for the 
partly catalytic nature of the manganese(I1) wave, was investigated by measuring 
the cathodic and anodic diffusion currents at various intervals. The concentrations 
of manganese(I1) and (I) were calculated from these currents by using the concen- 
tration-diffusion current ratios obtained with the same solution during the same 
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experiment. To minimize errors due to the variation of ia/C for the cathodic wave 
as the manganese(I1) concentration changed, only a very narrow range of manganese 
(11) concentrations was covered in each experiment. 

The a priori possibility that the decomposition of manganese(1) consists of a 
disproportionation into manganese(I1) and manganese(0) is excluded by the fact 
that the sum of the manganese(1) and (11) concentrations always remained constant 
within experimental error, as the decomposition proceeded. Thus d[Mn(II)]/dt = 
- d[Mn(I)]/dt, whereas the disproportionation hypothesis would require d[Mn(II)]/dt 
- - - d[Mn(I)]/dt. Moreover, despite the fact that even very small amounts of 
metallic manganese could be detected visually during the electroreduction of man- 
ganese(I1) in perchlorate solutions, cyanide solutions of manganese(1) always remained 
perfectly clear even after extensive decomposition. 

Typical kinetic plots are shown in Fig. 3. To prevent overlapping, the data are 
taken from different experiments involving slightly different concentrations of 

I 
0 2 4 6 8 

trloQ sec 

Fig. 3. Decomposition of air-free solutions of manganese(1) in neutral I F sodiumcyanide. The 
ordinate is the square root of the concentration of manganese(1) remaining, calculated (a) from 
the cathodic diffusion current of manganese(I1) and the known total concentration of manganese, 

or (b) from the anodic diffusion current of manganese(1). 

manganese(1). Curve a is a plot of (C - [Mn(II)])l/2 vs. time, where C is thetotal 
concentration of manganese and [Mn(II)] is calculated from the cathodic diffusion 
current; curve b is a plot of [Mn(I)]1/2 vs. time, where [Mn(I)] is calculated from the 
anodic diffusion current. Each of the experiments shown here covered so narrow a 
range of concentrations that the data could have been fitted about equally well by 
pseudo-first-order plots; but the results of similar experiments with different man- 
ganese(1) concentrations, the spectrophotometric data described below, and the 
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amperometric data to be described in a following paper show conclusively that the 
rate law actually has the form 

which is also in accord with the previously mentioned effect of manganese (11) con- 
centration on its diffusion current constant. The cathodic and anodic diffusion current 
data give k = 3.1.10-5 and 2.4.10-5 mmole112 1-112 sec-1, respectively, in neutral 
I F sodium cyanide. 

The decomposition of a manganese(1)-cyanide solution is evinced by a fading of 
its intense yellow color. A solution of manganese(I1) in I F sodium cyanide was 
placed in a small quartz tube stoppered with a rubber serum-bottle cap, and sodium 
amalgam was added by means of a hypodermic syringe. The color intensity appeared 
to become constant after about I h of occasional shaking. and a portion of the 
solution was then transferred by means of a syringe to a similarly stoppered I-cm 
quartz spectrophotometric cell containing some thoroughly deaerated I F sodium 
cyanide. The absorption spectrum of the resulting solution, obtained with a Cary 
Model 11 recording spectrophotometer, consisted of a single broad band in the 
350-700 mp region. The absorption peak was at 365 mp (independent of manganese 
concentration above 0.04 mF), and the molar absorptivity at this wavelength is 
approximately 2.  104 1 mole-' cm-1. On standing, the spectrum changes as shown in 
Fig. 4;  not only does the transmittance at the wavelength of maximum absorption 

Wavelength. my 

Fig. 4. Absorption spectra of manganese(1) after standing in air-free I F sodium cyanide for the 
numbers of min indicated beside the curves. The initial concentration of manganese(1) was approxi- 

mately 0.04 mF. 

increase as the decomposition proceeds, but the peak also shifts towards longer 
wavelengths. As manganese(I1) shows no detectable absorption in this region, this 
can only reflect a change in the distribution of manganese(1) between two (or more) 
absorbing species as its total concentration changes. 

Assuming that the peak absorbance is proportional to the total concent~ation of 
manganese(1) (which, however, cannot be exactly true), that the reduction by sodium 
amalgam was essentially complete, and that only an insignificant fraction of the 
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manganese(1) was ai~-oxidized during the transfer to the spectrophotometric cell, 
the data lead to the value k = 5 ~ 1 o - ~ m m o l e ~ ~ ~  1-112 sec-1 for the rate constant of 
eqn. (6) at an average manganese(1) concentration of 0.03 mF. This is in acceptable 
agreement with both the polarographic value given above and the amperometric 
one to be given in the following paper. On the other hand, the corresponding pseudo- 
first-order rate constant would have been nearly 12  times as large as that calculated 
from the polarographic data. 

Attempts to determine the value of n for the anodic wave of manganese(1) by 
coulometry at controlled potential, were undertakenin the realization that they could 
not provide an accurate and precise value, both because quantitative reduction of 
the manganese to the +I state cannot be secured and because some of the manganese 
(I) would be oxidized chemically while the rest of it was being oxidized electrolyti- 
cally. A few trials gave, in mean, n = -0.9. This is clearly inconsistent with any 
integral value except -I, and polarograms of the oxidized solutions showed only 
the characteristic wave of the cyano complex of manganese(I1). There is no doubt 
that the oxidation of manganese(1) at a mercury electrode in a cyanide solution does 
actually proceed to the +2 state. 

The instability of cyanide solutions of manganese(I), the ease of air-oxidation of 
cyanide solutions of manganese(II), and the partly catalytic nature of themanganese- 
(11) wave all prompted an investigation of the behaviour of manganese(II1) in cyanide 
solutions, in the belief that this might afford a better route to the practical polaro- 
graphic determination of manganese. For this purpose, cyanide solutions of manga- 
nese(I1) were oxidized by passing air or oxygen into them for 10-50 min through 
coarse-porosity sintered-glass gas-dispersion cylinders. This was done in the absence 
of any metallic mercury, which would also have been air-oxidized if present. The 
solution was then deaerated and subjected to polarographic or coulometric investi- 
gation. 

Figure 5 is a typical polarogram of a solution thus prepared. I t  consists of two 
waves of approximately equal heights. The first rises from zero applied e.m.f. and 

- 0.9 -1.3 -1.7 
E vs. S.C.E., volts 

Fig. 5 .  Polarogram of manganese(II1) in neutral I F sodium cyanide. A 9.8 m F  solution of man- 
ganese(I1) was treated with oxygen for 30 min prior to deaeration and recording of the polarogram. 
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represents a I-electron reduction to the +z state; the second has a half-wave poten- 
tial identical with that of the wave for the cyano complex of manganese(II), and 
represents a further reduction to the +I state. 

The completeness of oxidation by the above treatment was determined by measur- 
ing the quantity of electricity consumed in reducing the manganese(II1) back to the 
+z state in a controlled-potential electrolysis at -1.00 V. The results showed that 
the oxidation could be considered stoichiometric only to a very rough approximation. 
With relatively low concentrations of both manganese and cyanide (1-5 m F  manga- 
nese in 1-1.5 F sodium cyanide), n was found to be 1.06 & 0.01. This must reflect 
the formation of some more highly oxidized species, either manganese(IV) or a 
peroxo-bridged binuclear manganese(II1) complex. However, n decreases with 
increasing concentration of either manganese or cyanide. With 10-25 m F  manganese 
in 1.5 F sodium cyanide, n was 0.965 + 0.005; with 0.7 m F  manganese in 9 F 
sodium cyanide, n was 0.98; and with 10 m F  manganese in g F sodium cyanide, n 
was only 0.70. Appreciable amounts of manganese(I1) remain unoxidized under 
these conditions despite prolonged treatment with air or oxygen. 

Corrections based on these data were employed in calculating values of id/C for 
the first wave of manganese(II1). This was done by dividing the ratio of the diffusion 
current of the first wave to the total manganese concentration, by the n-value deter- 
mined coulometrically for an identical solution that had been oxidized under 
identical conditions. Where n was less than I, this involved no assumption beyond 
that of incomplete oxidation; where n exceeded I, it involved the assumption that 
the diffusion coefficients of manganese(II1) and the more highly oxidized species were 
the same. Since the proportion of the latter in these experiments never exceeded 7%, 
this assumption could not have led to a serious error. 

In I F sodium cyanide the mean values of I thus calculated from data obtained 

Fig. 6. Effect of mercury pressure on the values of ia/C for (a) the first and (b) the second wave 
of manganese(II1) in neutral I F sodium cyanide. See text for details of calculation. The manga- 

nese concentration was I .o m F. 
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with capillaries giving relatively long drop times are 1.68 0.1 for the first wave 
and 3.38 f 0.11 for the second. These agree well with the expected ratio (I : z )  of 
the overall n-values. 

However, as is shown by Fig. 6, their ratio is not independent of the drop time. 
Curve a in this Figure is a plot of ia/[Mn(III)], obtained in the manner just described, 
vs. the square root of the pressure of mercury above the capillary tip. Its linearity 
indicates that the height of the first wave is diffusion-controlled. Curve b is a similar 
plot for the second wave, whose diffusion current was obtained by correcting the 
diffusion current measured at -1.00 V for the decrease in m z l 3 t l l 6  between that 
potential and -1.50 V, and subtracting the result from the total diffusion current 
measured at -1.50 V. At low pressures of mercury, the value of ia/C for the second 
wave is 0.96 3 0.01 times that for the first wave; this is in exact agreement with the 
ratio (0.955) of the values of rn2/31116 at the two potentials employed. But as the 
pressure af mercury increases, so does the contribution of the chemically regenerated 
manganese(1I) to the height of the second wave, and therefore the latter undergoes 
an anomalous increase that constitutes still further proof of its partially catalytic 
nature. 

SUMMARY 

In neutral sodium cyanide solutions, manganese(I1) is reversibly reduced to the +I 
state at a dropping mercury electrode. The half-wave potential of the resulting 
polarographic wave is -I .364 f 0.007 V vs. S.C.E. in I F sodium cyanide, and varies 
with sodium cyanide concentration in a manner that can be ascribed to activity 
effects. The value of id/C for this wave decreases on adding sodium hydroxide, on 
increasing the manganese(I1) concentration, and (at an anomalous rate) on increasing 
the drop time. These facts indicate that manganese(1) reacts with hydrogen cyanide 
to regenerate manganese(II), and that this reaction is fractional order with respect 
to manganese(1). Direct polarographic and spectrophotometric measurements of the 
rates of decomposition of air-free cyanide solutions of manganese(1) give for the 
pseudo-half-order rate constant 

I 
k = d[Mn(ll)l -= (4 & 2) - 1 0 - 5  mmoIel/Z 1-112 set-1 

[Mn (I)] l / V t  

The absorption spectra of very dilute (0.02-0.05 mF) solutions of manganese(1) in 
cyanide media indicate the presence of more than one absorbing species. 

Adding sodium hydroxide to a solution of manganese(I1) in I F sodium cyanide 
results in a reaction which is probably best represented by the equation 

Mn(HzO)(CN)53- + OH- = Mn(OH)(CN)s4- f H2O; K = 2.3 f 0.4 

and the resulting hydroxocyarlo complex undergoes an irreversible 2-electron 
reduction to the metal at E l l z  = -1.72 V .  The data do not appear to confirm the 
supposition that Mn(CN)a4- is the sole important species of manganese(I1) in moder- 
ately concentrated neutral cyanide solutions. 

Manganese(II1) is the principal product of the oxidation of manganese(I1) with 
air or oxygen in neutral cyanide media, but the reaction is not stoichiometric. At 
high concentrations of manganese and/or cyanide, the oxidation is incomplete even 
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though very prolonged; at low concentrations of both, substantial amounts of a more 
highly oxidized species are present. Manganese(II1) in neutral cyanide media is 
polarographically reduced to the +I state in two successive I-electron steps. 
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The first paper of this series' described the polarographic characteristics of manganese 
(I) and (11) in sodium cyanide solutions, and presented polarographic and spectro- 
photometric evidence regarding the rate of the spontaneous chemical reoxidation of 
manganese(1). During a controlled-potential electroreduction of manganese(II), the 
occurrence of this process leads to the establishment of a steady state in which the 
rate of the electrolytic reduction of manganese(I1) is equal to the rate of its chemical 
regeneration. The current flowing at this steady state, which, after suitable correction 
for other contributions, is proportional to the rate of the chemical process, has been 
termed a "kinetic" currentz. The present paper is devoted to a detailed examination 
of this phenomenon and of the various other side reactions that are also involved in 
this system. 

The general theory of background corrections in coulometry at controlled potential 
has been outlined previouslyz; the terms and symbols used here are identical with 
those previously defined. 

EXPERIMENTAL 

The apparatus, techniques, and reagents employed were described in the preceding 
paper'. 

DATA AND DISCUSSION 

The continuous faradaic current 
Curve i in Fig. I is the chronoamperogram** obtained when IOO ml of a neutral1 F 

* This paper is based on a thesis submitted by STEPHEN A. MOROS to the Faculty of the Poly- 
technic Institute of Brooklyn in partial fulfillment of the requirements for the Ph.D. degree, 
June, 1961. 
t Present address: Research Department, American Cyanamid Company, Bound Brook, N. J. 
**Chronoamperograms, chronopotentiograms, and voltammograms are commonly encountered 
in the current literature; the general form "n-y-ogram" leads immediately to chronocoulograms, 
coulopotentiograms, couloamperograms, and others. Similarly, the terms "strenoamperogram". 
'strenopotentiogram"and the like (from Greek a e r ) ~ q  = strong) might be used to denoteplots 
having concentration as the independent variable. 
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sodium cyanide solution containing 0.035 m F  manganese(I1) is electrolyzed at a 
large stirred mercury cathode at a potential of -1.50 V vs. S.C.E. The initial decrease 
of current reflects the normal exponential decrease of the concentration of manganese- 
(11) that has not yet undergone reduction. In principle it also includes contributions 
from the reduction of any impurity that is electroreducible at this potential and 
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Fig. r .  Variations with time of (i) the current and (Q) the total quantity of electricity accumulated 
during the electrolysis, at - 1.50 V us. S.C.E., of roo ml of neutral I F sodium cyanide solution 

containing 0.035 m F  manganese(I1). 

from the charging of the electrical double layer around the working electrode; 
however, the first of these was virtually eliminated by pre-electrolysis and deaera- 
tion, while the second consumes too little electricity (at most 10 mpF) to be visible 
on the scale of this Figure. 

The steady final current attained after about 3000 sec is unaffected by even 
prolonged further electrolysis. In a typical case, it was found to be 0.50 p F / ~ o o  sec 
(approximately 0.50 mA) after electrolysis at -1.7 V for I h ;  after a further 3 h at 
the same potential it was measured repeatedly during an additional hour and found 
to remain constant at 0.493 & 0.003 pFI10o sec. 

As is illustrated by Fig. 2, the steady final current obtained in the presence of 

-1.0 -1.4 -1.8 

E vs. S.C.E., vo l ts  

Fig. 2. Steady final electrolysis currents obtained with ((a), upper curve) 0.1 m F  manganese in 
neutral I F sodium cyanide, ((b), lower curve) neutral I F sodium cyanide alone 

J .  Eleclroanal. Chem.. 5 (1963) 103-113 



S. A. MOROS, L. MEITES 1°5 

manganese can be divided into three components. Curve (a) represents the data 
obtained in the presence of 0.1 m F  manganese; curve (b) is the corresponding curve 
for a manganese-free solution. The difference between these curves at potentials 
more negative than about -1.3 V, where manganese(I1) isreduced to the +I state, 
is the kinetic current, which will be discussed in a subsequent section. Curve (b) 
represents the continuous faradaic current, if,,; its shape shows that this current 
reflects the rate of two independent processes. The data are reproduced within 
experimental error by the equation 

where if,, is the total continuous faradaic current, expressed in m,uF/~oo sec 
(I m,uF/xoo sec = 0.965 PA) and E,.,. is the potential of the working electrode in 
volts vs. S.C.E. The second term on the right-hand side of eqn. (I) is only about half 
as large as the first at  -1.6 V, and is negligible at less negative potentials, but it 
increases so much more rapidly as the potential becomes more negative that it 
constitutes nearly 95% of the total at  - 1.8 V. 

The numerical coefficient of the exponent in the second term on the right-hand 
side of eqn. (I), which is equal to -an,, corresponds to an, = 0.48; both this value 
and the extrapolated exchange current density are in approximate agreement with 
those that characterize the reduction of water at mercury electrodes from dilute 
solutions of alkali metal hydroxidess. Hence it appears that the process predominating 
at potentials more negative than about -1.7 V vs. S.C.E. is the reduction of water. 
Then the process that predominates at potentials less negative than this can be only 
HCN + e -t +Hz + CN-. The value of an, (0.05) calculated for this process does not 
seem attractive, but neither does the alternative possibility that this is a double-layer 
effect, because of the extremely negative potentials involved. 

Replicate measurements of if,, in the range of potentials between -1.0 and 
-1.5 V vs. S.C.E. gave mean deviations of the order of 7%. This is much larger 
than the mean deviation of replicate values of if,c for a single solution, and probably 
reflects small variations in the pH values (and therefore in the hydrogen cyanide 
concentrations) of different solutions. 

The error incurred in a practical controlled-potential coulometric analysis by 
neglecting the continuous faradaic current is easily deduced from the following 
considerations. Assuming that the concentration of the substance being determined 
decreases with time in the usual exponential fashion (i.e., that the current is not 
limited by a high cell resistance or any other extraneous factor), one has4 

io 

Q'carr. = Qcorr .  ( I  - 10-0:) = - (1 - 10-pt) 
2 . 3 8  

where /I is the first-order rate constant of the electrolytic process and primes denote 
instantaneousvalues. I t  is tacitly assumed that the initial current, io, is large compared 
with if,,. Since 

and 
Q'carr. + Q'f,e 

error = - I 
Qcorr. 
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it follows at once that 

error = - 10-6t + 2.3 Bt (if .c. / io) 

Some values calculated from eqn. (5) are plotted in Fig. 3, from which it is evident 
that neglect of the correction for the continuous faradaic current is justifiable only 

Fig. 3. Effect of the ratio i,,e./iO, whose value is given beside each curve, on the error of a controlled- 
potential coulometric experiment, as calculated from eqn. (5). 

if if,, ./iO is less than about IO-~. The correction is best made by extrapolating the 
chronocoulogram to zero time, as is illustrated by curve Q of Fig. I. 

The kinetic current 
Figure 2 shows that the steady final current obtained after exhaustive electrolysis 

of a cyanide solution containing manganese is larger than that obtained in the absence 
of manganese. The difference, which is termed the kinetic current, ik,  was determined 
by electrolyzing a pure I F sodium cyanide solution at each of three potentials 
(-1.50, -1.60, and -1.70 V vs. S.C.E.) on the plateau of the manganese(I1) wave 
to obtain values of i f , , . ;  then adding a known concentration of manganese(I1) and 
again electrolyzing at the same potentials to obtain values of (if,,. + in). Typical 
values of i t ,  in pF/roo sec, were 0.315 f 0.011 with 0.44 m F  manganese, and 
1.144 & 0.004 with 7.25 m F  manganese. Since these values were independent of 
working-electrode potential, they must reflect the rate of a chemical process occurr- 
ing in the bulk of the solution: this is obviously the previously described' reaction 
between manganese(1) and hydrogen cyanide to regenerate manganese(I1). As has 
previously been pointed 0ut5~6, the measurement of ik is one of a very few techni- 
ques that permit the direct measurement of the rate of a chemical reaction. 

The steady-state concentration of manganese(I1) corresponding to the value of in 
in any experiment can be deduced from data on the relationship between the elec- 
trolysis current and the concentration of manganese(I1) at the start of the electrolysis. 
The fact that a plot of log i vs. t is essentially linear for the first several hundred sec7 
permits i0 to be obtained by a straightforward extrapolation. A number of experi- 
ments with solutions containing 0.1-1.5 m F  manganese(I1) gave iO /cO = 44.8 f 3.9 
pF/roo seclmmole 11. Hence, for example, the value of in cited above for an 0.44 m F  
manganese solution corresponds to a steady-state concentration of 0.0070 m F  
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manganese(II), so that reduction to the +I state is only 98% complete under these 
conditions. 

Figure 4 shows the manner in which the value of ik varies with the concentra- 
tion of manganese(I), and demonstrates conclusively that the chemical reaction 

Fig. 4. Variation of the kinetic current with the concentration of manganese(1) in neutral I F 
sodium cyanide. Values of the manganese(1) concentration were obtained from the difference 
between the total concentration of manganese present (C) and the steady-state concentration of 
manganese(I1) calculated from the kinetic current (equal to ik/B,  where B is the constant of 
proportionality relating the current for the reduction of manganese(I1) to its concentration and is 

experimentally given by the ratio iO/CO).  

responsible for ik is not first-order with respect to manganese(1). The steady state 
is described by the equation 

where ik is the kinetic current in mF/sec, n is I for the reduction of manganese(I1) 
in neutral cyanide media, V is the volume of the solution in liters, k' is the appropriate 
rate constant, [Mn(I)] is the total concentration of manganese(1) in mrnoles/l, and 
a is the order of the reaction with respect to manganese(1). Over the 300-fold range 
of concentrations shown in Fig. 4, the data are most accurately reproduced by the 
parameters a = 112 and kt = 7.8 - 10-5 mmolell2 1-112sec-1. The standard deviation 
of the latter value is f 30%. Polarographic evidence1 showed that the height of the 
manganese(I1) wave is dependent not only on the concentration of the cyano complex 
but also on the pH; it therefore seems probable that the rather large uncertainty of 
k' is due to small variations in the pH values of the manganese(1) cyanide solutions. 
If, as is suggested by the polarographic data, the rate of regeneration of manganese(I1) 
is proportional to the concentration of hydrogen cyanide, an uncertainty of f 30% 
in the overall rate would correspond to an uncertainty of only about + 0.12 pH 
unit. 

The values of k' deduced from spectrophotometric (5-10-5 m m o l e ~ ~ ~ 1 - ~ ~ 2 s e c - ~ )  
and polarographic (3.10-~ mmole~/21-~~2sec-l) data' on the decomposition of 
manganese(1)-cyanide solutions are in acceptable agreement with this amperometric 
value. If it had been assumed that the reaction were first-order with respect to 
manganese(I), the calculated pseudo-first-order rate constants would have decreased 
uniformly from 30-10-5 sec-1 (the spectrophotometric value) to I . I - I O - ~  sec-1 (the 
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mean of two amperometric values) as the concentration of manganese(1) increased 
from 0.03-30 mF.  

This half-order dependence indicates that manganese(1) exists predominantly in 
the form of a dimeric species in cyanide solutions. This would bk expected to be in 
equilibrium with a mononuclear species whose relative concentration would increase 
as the total concentration of manganese(1) decreases; this would account for the 
shift in the wavelength of maximum absorption by manganese(1) that is observedl 
as its concentration decreases from 0.04-0.02 mF. The experimental observations 
can be reproduced by the following mechanism: 

k 
Mn(OH)(CN)$- + HCN + Mn(CN)s4- + 4 Hz + OH- (8) 

Mn(CN)& + e = Mn(CN)s5- (9) 
2 Mn(CN)& + HzO = 2 HCN + (CN)5Mn-0-Mn(CN)slO-; K = Kz (10) 

If it is assumed that K1 is small and that Kz is large, then virtually all of the manga- 
nese(1) will be present in the form of the binuclear species unless the total concentra- 
tion of manganese(1) is very low. Accordingly, the rate of reaction (8) will be given by 

where k is the rate constant of the reaction described by eqn. (8) and C is the total 
concentration of manganese(1). The latter is obtained experimentally by subtracting 
the steady-state concentration of manganese(II), calculated from the values of 
ik and iO/CO for the experiment in question in the fashion described above, from 
the known total concentration of manganese present. The value of k' in eqn. (6) 
is evidently given by 

k' = k (K1/2)lI2 [HCN] = 2.46.10-~ molel~21-112sec-1 (12) 

or, introducing the value of [HCN] appropriate to a neutral I F sodium cyanide 
solution, 

k Klllz = ~.~.10-411/~mole-l/~sec-1 (13) 

Crude estimates of the individual values of k and K1 are made possible by the fact 
that the wavelength of maximum absorption for a I F sodium cyanide solution con- 
taining 3 m F  manganese(1) was indistinguishable from that obtained with 0.04 mM 
manganese(1). Evidently it is only when the latter concentration is reached that the 
dissociation of the dimer begins to be detectable. On the other hand, the fact that 
the wavelength of maximum absorption is still shifting with concentration, in a solu- 
tion containing 0.02 m F  manganese(I), indicates that the dissociation of the dimer 
is still far from complete a t  that concentration. The approximation that 

when C = 0.03 m F  can hardly be grossly in error. On this basis K1 may be estimated 
to be approximately 5.10-7 molell, whence k is calculated to be approximately 
I 1 mole-lsec-1. 

The scatter of the points in Fig. 4 implies that corrections for the kinetic current 
in practical controlled-potential coulometric analysis shouldnot be based on the use of 
an average value of k'. The sensitivity of the present data to small variations of pH 
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is certainly due in large part to the effect of pH on the concentration of hydrogen 
cyanide and thus on the rate of reaction (8). No doubt other systems will be found 
in which the chemical rate-determining step involves a reaction with water and has 
a rate independent of pH, or involves a protonated species whose concentration can 
be controlled much more closely than could the concentration of hydrogen cyanide 
in these experiments. Nevertheless, although the kinetic current should be much 
more reproducible in such systems, it is inherently dependent on a rate of mass 
transfer to the electrode surface and therefore susceptible to variations in stirring 
efficiency, temperature, and other factors that affect that rate. 

Some time after the fundamental considerations underlying the application of 
amperometry at controlled potential to the study of reaction rateswerefirstoutlineda, 
RECHNITZ~ AND LAITINEN repo~ted failure in an attempt to apply it to a study of the 
rate of the reduction of perchlorate ion by a reduced molybdenum species. However, 
it does not appear that they employed optimum stirring conditions, nor is it clear 
whether proper corrections for other processes (e.g., the continuous faradaic current 
due to the reduction of hydrogen ion) were applied. 

We have previously2 outlined an algebraic treatment of the background current 
correction in the case in which iris proportional to the concentration of the reduced 
species. Somewhat different considerations are involved in the present case. 

Neglecting the charging and faradaic impurity currents, and assuming for the 
remainder of this subsection that there is no induced component of the electrolysis current, 
we may consider that the total current at any instant is given by 

where i',,,,. may be considered to represent the current due to the reduction of 
manganese(I1) present originally and never yet reduced, while i 'n represents the 
current due to the reduction of chemically regenerated manganese(I1). With the 
aid of eqn. (6), the kinetic current at any instant can be represented by 

it* = X {[Mn(I)]'/[Mn(I)]OD}l~z (15) 

where .X is the appropriate constant of proportionality and [Mn(I)lOD denotes the 
final steady-state concentration of manganese(1). If the reduction eventually became 
complete, this would be exactly equivalent to 

where Qcorr. is equal to the number of microequivalents of manganese(I1) present 
initially. Although, as was shown above, this condition is not quite fulfilled, the 
reduction is no less than 98% complete even with as little as 0.44 m F  manganese, 
and because of the half-order dependence of the rate of reaction (8) on the total 
concentration of manganese(1) it is still more nearly complete at higher concentra- 
tions. Thus the use of eqn. (16) could not lead to an appreciable error except a t  
extremely small concentrations of manganese. Writing eqn. (14) in integral form and 
combining with eqns. (2) and (16) gives 

Q'tat.1 = Qcorr. ( I  - 10-Bt) + x ( I  - 10-Rt)1/2dt + ilgt (17) 

Series expansion, xetaining only the first two terms, and integration gives 
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provided that pt is fairly large (i.e., that the steady state has been reached). Combining 
this with eqn. (17) produces, finally, 

X 
Qeorr. = Q'tot.1 - ( X  + itSc)t + - 

4.61 B 
As is also true when ir is proportional to the concentration of the reduced specie+, 
Qcorr. cannot be obtained by a simple extrapolation of the final linear portion of the 
chronocoulogram to zero time; this would be tantamount to neglecting the last term 
on the right-hand side of eqn. (19). The preferable procedure is illustrated by the 
following typical example. A pure I F sodium cyanide solution was electrolyzed at 
-1.50 V vs. S.C.E. until a steady current (equal to if,,) was reached; this was found 
to be 0.17 p F / ~ o o  sec. An aliquot of a stock solution of manganese(II), containing 
507.2 pmoles of this substance, was added, and the mixture was electrolyzed, first a t  
-1.00 V to remove any trace of manganese(II1) that might have been formed by 
air-oxidation, and then at -1.50 V to reduce the manganese to the +I state. The 
current was measured at so-sec intervals at the start of the latter electrolysis, and 
a plot of log (i'bal - if,,) vs. t was constructed for these data and found to give 
p = O.Z~Z/IOO sec. The electrolysis was then allowed to proceed for about 2 h more, 
until it was certain that the steady state had been reached. After a total of 8300 sec 
Q'-1 was 687.98 p F  and the final current (which is equal to X + if,,) was 1.886 pF/ 
roo sec.Hence X was 1.711 pFI10o sec, and substituting all these data into eqn. (19) 
gave 

The manner in which the various components of Q't0al vary with time during a 
typical electrolysis is shown in Fig. 5. 

t, sec 

Fig. 5. Chronocoulograms showing the variations of Q'tot.l, Q',,~. Q'e, and Qto. in a typical 
experiment in which a solution containing 100.1 pmoles of manganese(I1) in I 10 ml of neutral I F 
sodium cyanide was electrolyzed at - 1.5oVvs. S.C.E. Six consecutive values of Q., at 2 5 o o L t L  

7500 see. gave, in mean, 1 0 1 . 1 ~  f 0.015 uF. . . 
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The induced current 
The quantity of electricity obtained from the above calculation (533.1 pF) is 

several per cent larger than the quantity of manganese present (507.1 pmoles); 
numerous experiments with different concentrations of manganese showed that this 
is always the case. This excess consumption of electricity must reflect the occurrence 
of a side reaction that accompanies the electroreduction of manganese(I1) (and that 
is therefore essentially complete by the time the steady state has been attained) but 
that results in the formation of hydrogen rather than of manganese(1). One possible 
mechanism for such a process involves the transient formation of a bridge structure 
such as 

When an electron is added to the hydrogen atom at the electrode surface, one of two 
things may happen. If the manganese complex remains bound for a length of time 
that suffices for the transfer of the electron through the bridging water molecule, 
the result is obviously the formation of Mn(CN)a5-. But if the hydrogen-cyanide 
bond breaks after an electron is transferred to the water molecule but before it is 
passed along to the manganese ion, the water molecule that has accepted the electron 
may break down into a hydrogen atom and a hydroxyl ion. 

The frequency of this latter sequence of events must be proportional to the fre- 
quency with which electrons are transferred to the bridging water molecules [i.e., to 
the overall rate of reduction of manganese(II)], so that the induced current at any 
instant, i f i . C . ,  is given by 

Together with eqns. (17) and (IS), this gives, for long times, 

Hence the steady-state current, which is equal to the slope of the chronocoulogram 
at long times. (dQ1totsl/dt)m, is given by 

which, together with eqn. (zI), yields 

in which all of the terms within braces can be measured experimentally. This 
permits the evaluation of b from data obtained with known amounts of manganese. 
As is shown in Fig. 6,  the mean value of b was 0.03 f 0.02, and there was no indication 
of any systematic trend when the quantity of manganese was varied from 10-500 
pmoles (in about IOO ml). The value of b may be taken as the probability that the 
water-cyanide-manganese bridge will break in the midst of the electron-transfer 
process at -1.50 V vs. S.C.E. and that the electron will not be transferred backtothe 
electrode. 
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Since this work was completed, the behavior of the induced current has been 
investigated10 for a system in which it is much larger and hence much more amenable 
to precise measurement than is the case here. In the reduction of dimethylglyoxime 
the existence of the induced current was attributed to the possibility of reducing a 

pmoles Mn 

Fig. 6. Values of the function f(Q) = 

[which, according to eqn. (23). is equal to ( I  + b)]  obtained with 10-500 pmoles of manganese in 
roo ml of I F sodium cyanide at -1.50 V us. S.C.E. 

protonated intermediate in either of two ways: one yielding hydrogen and the other 
ultimately yielding 2,g-diaminobutane. This is mechanistically equivalent to postula- 
ing the existence of an electrode-hydrogen-nitrogen (or electrode-hydronium ion- 
nitrogen) bridge which may break after an electron has been transferred from the 
electrode into the bridge, but before it has been further transferred to the nitrogen 
atom. It was found that b increased exponentially with increasingly negative poten- 
tial, though at a rate corresponding to an unexpectedly low value (0.11) of an,. 
Quite possibly this simply reflects an increasing polarization, and therefore a decreas- 
ing stability, of the hydrogen-nitrogen bond as the potentialgradient near the electrode 
surface increases. 

The fact that the value of b was essentially constant (at constant working-electrode 
potential) in the present work may be restated in a different form. Over a so-fold 
range of quantities or concentrations of manganese, and despite the fact that the 
total quantity of electricity accumulated was always at least 20% larger than, and 
was occasionally as much as 3 times (in electrolyses allowed to proceed without 
attention for prolonged periods) the expected value, proper corrections for all of the 
components of the background current yielded results with a bias less than f 0.5% 
and a precision of & 2% (mean deviation). 

SUMMARY 

A plot of continuous faradaic current vs. working-electrode potential for the con- 
trolled-potential electrolysis of a neutral I F sodium cyanide solution at a large 
stirred mercury pool electrode consists of two portions, which correspond to the 
reductions of hydrogen cyanide and water. The final electrolysis current is increased 
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by the presence of manganese(I), and it is shown that this increase can be accounted 
for quantitatively by a mechanism involving the hydrolysis of the binuclear species 
(CN)5Mn-O-Mn(CN)510- to give Mn(OH)(CN)55- (K = ca. 5.10-') and the reaction 
of the latter ion with hydrogen cyanide (k = ca. I I/mole-lsec-1) to give manga- 
nese(I1) and hydrogen. Coulometric data show that the reduction of manganese (11) 
in a cyanide solution increases the rate of the simultaneous reduction of water, and 
this is interpreted on the basis of the probability of dissociation of the bridge structure 
electrode-HOH-(CN)Mn(CN)d- after an electron has been transferred from the 
electrode but before it has been transferred through the bridge to the manganese 
complex. 
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NOTATION 

Ct(x, t )  Instantaneous concentration of the species i at a distance x 
from the electrode, ( i  = 0 denotes that of oxidant, and 
i = R that of reductant). 

CrO Bulk concentration of species i. 

Dt1 Diffusion coefficient of species i in the first layer i.e., adjacent 
to the electrode. 

D42 Diffusion coefficient of species i in the bulk. 

vr Thickness of the 'first' layer for species i .  

- 
Ct(x, p) Laplace transform of Ci(x, t) is defined by 

P Transform variable. 

6 Phase angle between the alternating components of faradaic 
current i ( t )  = I cos (wt + 8) and the electrode potential 
v(t) = V cos wt. 

at V ~ ~ ~ W I D ~ ~ .  

i o Exchange current density. 

B I + (c O O ~ / - I  c . O ~ D R Z )  

Rr, I / ~ C ,  Elements of the equivalent circuit for the classical m ~ d e l l * ~ .  

R,' 11wC,' Elements of the equivalent circuit as derived for the perturbed 
diffusion model. 

* This paper was presented at the Second Seminar on Electrochemistry held at the Central 
Electrochemical Research Institute. Karaikudi, 1960. For the first part of this series refer6. 
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I. The classical theory of faradaic admittancel.2.3.4 shows that the current voltage 
relationships obtained at the electrode-solution interface, can be simulated by a 
circuit comprising the resistance R, and the capacitance C, where 

and 

Rr and Cr are the values of the circuit elements obtained after correcting for the 
capacity of the double-layer and the resistance of the cell. 

The important assumptions underlying these conclusions are as follows: 
(i) only small departures from the equilib3um are considered; 

(ii) diffusion is the sole mode of mass transfer (i.e., migration and convection 
effects are assumed negligible) ; 

(iii) the rate-determining step viz., Ox + n e Red is not preceded, nor followed, 
by chemical reactions; and the specific adsorption of the reactants (or products) 
is absent. 

Generally, any relaxation of the restrictions imposed by these assumptions results 
in different expressions for R, and C,. 

For example, the diffusion equations governing the concentration distributions 
will have to be altered if migration effects in the diffuse layer are to be accounted for 
and consequently, the expressions for the elements of the equivalent circuit will be 
different. Or, if the reactants and/or products are specifically adsorbed, the quanti- 
tative formulations will have to be modified and so will the conclusions. 

2. I t  is the purpose of the present paper to examine how a Perturbatiolz in the 
diffusion model will alter the conclusions as regards R, and C,. The main feature of 
this theoretical model is the assumption that there are two diffusion layers with 
different diffusion coefficients. Initially, there is no concentration variation with 
distance, but once the equilibrium state is disturbed by altering the electrode- 
solution potential, diffusion phenomena which become the sole mode of mass transfer, 
cf. assumption (ii), determine the concentration distributions of the reactive species. 
As the diffusion coefficients are different (or, as the diffusion phenomenon in the 
region adjacent to the electrode is perturbed), the diffusion equations have to be solved 
in the two regions x < vt and x 2 vt, and fitted in at the boundary so as to avoid surface 
resistance at x = Y r  

The thicknesses vf  (i = 0, R) of the first layers, viz., those nearer the electrode, 
can be assumed to be very small and the constant diffusion coefficients D1, in these 
regions, are different from those of the bulk Dt2. Continuity of mass transfer is ensured 
at x = vt by equating the two fluxes 

as E + o. It  may be mentioned that but for the perturbations in the diffusion 
phenomenon as outlined above, no changes are made in the assumptions (i) to (iii.) 
It  will be of interest to find out how such a mathematical formulation can account 
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for the complex phenomena that may exist near the interface. With this in view, 
in a subsequent communication, a comparison will be made with the results obtained 
for the cases, where the effects of the diffuse double layer or of adsorption, are 
taken into account. 

The conditions governing the concentration distributions C+, t) of the reactants 
may be expressed as 

(positive sign for oxidant and negative sign for reductant, net cathodic current being 
taken as positive) 

C<!.+OO = C1° (6) 

The solutions of eqns. (3) and (4) with the initial and boundary conditions (5) to 
(g),(see also Appendix I), are 

- ? P )  - I - D[' exp [- 2@IDt1 ( ~ 6  - 4 1  
c ~ ( z .  P )  - cia = 7 

( - I"ID[ lx )  . 1 + D,' exp (- I V * ~ ; , V O  
(10) 

~ F A V D ~ , ~  

where 

Two limiting cases, (a) and (b), are of interest in that the solutions for them have 
.already been obtained independently516. 
(a) D't + o 

I t  may easily be seen that 

and hence the present model degenerates into the familiar modell, so that the expres- 
sion for Cc coincides with the well known result already derived5; 
(b) D5' + - I ;  i .e . ,  Dil/Di2 I .  
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One obtains in this case 

- 
C,  ( x ,  p )  - C,O = - 

so that 

It  may be verified that the same expression will result, if one assumes the conditions 

and 

as well as (3) and (7). Such a model is discussed elsewheree. 
A formal series expression can be derived for Ct(x, t), and, in particular, it is proved 

that Ct(o, t), the concentration of the species i (0 or R) at the interface, is given as, 
(Appendix 11) , 

where 

Co = I and Cn = 2(-D*')n, n = 1 , 2 , 3  , . . .  

When the net current i(t) is sinusoidal, say, of the form I cos (wt + 8),  where 8 is the 
phase angle between the alternating components of the current and the potential, 
V cos wt, the steady component of the interfacial concentrations assumes the form 
Kt sin (wt + 8 + $I) where 

\ 

and 

eZa( - Dl', + aD,'ea* cos a,  
tan $8 = 

eea( - Dl2 - 2D,'eai cos a ,  
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(Note: 6Cs + I I ~ A F I D ~ , ~ ,  and $1 + 4 4  if Dr' + o, as i t  should be5). 

Particular cases 
vi +GO such that V ~ ~ W ~ ~  > I, dCi + 7 I/~AF-, which means that the 

layer adjacent to the electrode surface controls the mass transfer phenomena. I t  can 
be easily seen to be so, since the inequality Y(~/W/O~~ > I implies that the thickness 
of the first layer is much greater than that of the diffusion layer (~1/Dr,/w). 

In the limit vf + o (such that vrfml < I), 6C, -+ 7 I / ~ A F ~ D ~  (whatever 
be Drl) and $r -+ 44 ,  which would be the result for the unperturbed model - wherein 
the same diffusion coefficient had been assumed throughout the interval (0, m) for x.  

An approximatiolt 
Viewed as a perturbation, the dimensionless parameter vr+/Dt1 (which is a 

measure of the perturbation), can be assumed to take small values, i.e., i t  can be 
assumed that vil/wJE1 < I such that (v11/wlD(~)2 and higher powers can be neglected. 
I t  can be easily proved that 

6Ct = .'-[I + (E - fz)] and tan 4, = I + a, 
nA F ~ D ~ , U I  

The electrode-solution potential, v ,  the net cathodic current i(t), and the interfacial 
concentration Ci(o, t) are related by the rate equation 

C R ( ~ ,  t )  
exp ( - anFv /RT)  - - exp [ ( I  - a)nFv/RT]  

C RO 

Linearising the exponentials and rewriting. we obtain 

With i(t) = I Cos(ot + O ) ,  v(t) = V cos cot and the values of Cg(o, t), as derived in 
eqns. (13) and (15), substituted in (16), the resulting equation will be 

I Cos (wt + 0 )  I 

i o ~ A F C O O ~ / D ~ , W  --[I + ~ ( f z  - sin(wt + B + $0)  

I nFV Cos wt 

+ ~ A F C R O J / D R P  

(The negative sign accompanying the terms in the right hand side is due to the 
convention C11 being chosen'). Thus one can obtain the I - V  relationship, and an 
equation for the phase angle between the alternating components of the faradaic 
current and the electrode potential. In particular, the situation existing adjacent to 
the electrode-solution interface can be simulated by an equivalent circuit comprising 
a resistance R,' and a capacitance C,' in series, provided the applied field is SO small 
that (nFV/RT)Z < I. 

J .  Electvoanal. Chem., 5 (1963) 114-123 



S. K. RANGARAJAN, K. S .  G .  DOSS I1g 

The expressions for R,' and I /~C, '  as derived for this model can easily be proved 
to be 

and I/coCII = 1/0Cr 

where 

and 

It  may be observed that R, and ~/wCr are the same as those obtained for the unper- 
turbed mode11~2~3.4 (i.e., where Dt, = Dt,). 

Hence, to the first order in the parameter voVwF1, it is seen that the effect of a 
variation in the diffusion coefficient near the electrode surface is to alter the value of 
the resistance by a quantity which is independent of frequency, whereas I / ~ C ~  remains 
unaffected. 

I t  has been proved for the classical case (i.e., Dr, = Dt,) : 
(a) that a plot of RI vs. I/)& will be a straight line whose intercept is inversely pro- 
portional to the exchange current density; 
(b) that the plot of I / ~ C ,  vs. I / ~ G  will be a straight line passing through the origin; 
(c) (R, - I /~C , )  is equal to RTlnFio; 
(d) cot 8 = wR,Cr = I + (nFCo//?io) ~ W D O ,  where /? = I + C O ' ~ / ~ ~ / C B ' ~ / ~  
so that according to this classical model, it is a priori impossible for cot 8 to be Q I, 
so that 8 is always < 4 4 .  

I t  may be noted that, according to the present model: 
(a) the plot of R,' vs. 1/1/& is a straight line, but the intercept is no longer = RTlnFio; 
(b) the graphs I/coC,' vs. I /~ /C( )  will still be a straight line and, practically, the change 
in the model has no effect on this; 
(c) R,' - I /~C, '  cannot be a measure of 1/i0 since (Rr' - I/~C,') - RTlnFio is 
generally different from zero and may be positive or negative; 
(d) the expression for cot 8 = oRrl Cr' is: 

so that the slope of the straight line cot 8 vs. ~ / l / &  is not proportional to I/K,, and the 
slope can be positive or negative. Hence, theoretically, there is the possibility of 8 
attaining a value greater than 45'. 

CONCLUSIONS 

Consequences that follow from the assumption that the diffusion coefficient near the 
electrode surface is different from that of the bulk are discussed by solving the 
diffusion equation with the appropriate boundary conditions. I t  is shown that, under 
certain conditions: 
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(a) the phase angle between the alternating components of the faradaic current 
and the voltage can be greater thann/4, say, for example when io + m  and Do, %Do,; 
(b) a parallel shift is expected for a plot of R,' against ~/l/o for not very high fre- 
quencies; at high frequencies, non-linearity in the behaviour is to be expected; 
(c) for not very high frequencies 1/wCIf is not different from 1/wCt, whereas for high 
frequencies the graph 1/wC7' vs. I / ~ G  ceases to be a straight line. 

SUMMARY 

Consequences of the assumption that there are two diffusion layers (0, vt) and 
(vd, m)  across the electrode-bulk region (with different diffusion coefficients) are 
discussed. The elements of the equivalent circuit which will follow from such a model 
are compared with those of the classical modellv2. 

APPENDlX I 

To obtain the variation with time of the interfacial concentration, the partial 
differential equation 

is to be solved in the region x < vt with the following conditions: 

32Ct 3ci 
(a )  Di, - = - 

ana 3t 

(b) Ct(x, t )  + Ct" a s x  +co 

(c) [Ci(%, t)]z=a-E + [Ci(%. t)lz=n+e a s s  + O  

(positive sign for i = 0; negative sign for i = R ;  i(t) = net cathodic current) 

(f) Ct(x.0)  = CtO 

Denoting the Laplace Transform of Ct(x, t) as Z[Ct(x, t)] = Ci(x, $), the equations 
to be solved become, 

d2Ci - - 
Dil - - +(Ci - CtO) = 0 

dx  " 
d"' - - 

Dg, - - P(Ci - Cto) = O 
dx2 

The solutions of which assume the form, 

E,(x, p)  - C I O  = A I exp (l//otl x)  + ~1 exp ( -vP/orl x <  Y( 

= Aa exp ( 1 / p Z 2  x) 4- Bz exp (-1/P/oIZ x )  x > vi 
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The boundary condition (b) gives A2 = o. Using (c) and (d), we obtain 

- - 
A1 exp (Vp/Dtl vt) + 8 1  exp (-iP/oll vc) = Ba exp  (-VplDc2 ve) 

and 

Thus i t  may be seen that, 

By virtue of condition (e) 

so that A1 and B1 can be solved from A(I) and A(2). 

i(P) . D' 
At = f ~FAVD? D' + exp (2Vp/o11 vc) 

where, for bxevity, D' has been written for 

and 

The transform of the interfacial concentration is, therefore, 
- 

d(p) I - D' exp  (- z@/DclvO 
C t 0 + A i + B l =  7 +Cia 

~ F A I / ~  I + D'exp (- a m v c )  

In general, 
- 
Cc(x.9) - Cco = A1 e x p ( b Z l x )  + BI exp ( - l / p / o l l x )  

- i ( p )  I - D' exp [- zVp/Dcl (vc - X )  1 
= exP ( - V P I D < ~  [r nFAV,P] ( I + D' exp  (- 2~ vo ] ~ ( 3 )  
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where exp (-27) is written for D' (if Dsl < Dt,) and for - D' (if Dsl > Dc,). 

APPENDIX I1 

To obtain the inverse transform of cs(x, p) ,  one may use the operational relationships, 

p' tanh (p+ + a )  = 9{eazt[Oz (atlint) + 8 2  (at/int)] - 1/1/nt) B(1 )  

p* coth ( p t  + a )  = 9{em2t[Os(at/int) + 83(at/int)l - r / l / Z )  B(2) 

and 

In particular, only Cr(o ,  t )  is of interest to us, and so Ct(o, t) (i = 0, R) are expressed 
in terms of Theta functions and modified Theta functions which are defined by 

m 
Oz(v1t) = (- it) -4 (- ~ ) n  exp  [- i n ( v  f n ) 2 / ~ ]  

n- -a, 

m 
O,(vIt) = (- i t )  -* Z exp [- in(v + n)zlt l  

n= -a, 

a, -00 

(- I)*  exp [- in(v + n)'/r] - (- 1 ) l  exp  [- h ( v  + n)2 / r i ]  B(5) 
n= -1 

and 
m -00 

exp [- in(v + n ) 2 / t ]  - I: exp [- in(v + n ) 2 / t ]  
n- -1 

] B(6) 

Since 
- - 
Ct(o,p) - CtO = F coth (vr1/p/lItl + y )  ( for Dtl > Dt,) 

n ~ A 1 / ~ c , p  

and 
- 

- - i(pL tanh ( v i I / P / ~ t ,  + y) ( for Dtl < Dl2) ' ~ F A ~ D ~ , ~  

with 

exp (- 2y) = D' (for Dtl < Dc,) 

= - D' (for DIl > D,,) (Refer to  A(4),  Appendix I.) 

With the help of B(I) to B(4), we may conclude that 
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wheie 

for Dr, > Dt2, and a similar expression for Dt, < Dt, substituting 82 for O3 in R(7). 
Alternatively, one may use the operational rule that if 

( r i ( t ) ,  is Heaviside's unit step function), which with B(3) yields 

where 

o exp (- a2na/D[, r )  
(%FAAI/%) (C((0, t )  - csO) = z c n  \ t i ( t p t ]  d t  

n-0 - 0  AI/% B ( 9 )  

I - D' exp (- 2 r n v c )  = ; Cn exp (- 2n,/*zl V ( )  

I + D' exp (- ~ 1 / ~ / D c ~ v t )  n-o 

Using B(5), the solutions as given by B(7) and B(g) can be proved to be identical. 
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INTRODUCTION 

Trivalent indium forms thiocyanate con~plexes in aqueous solution. SUN DEN^ has 
investigated the lower complexes, In(SCN)2+, In(SCN)z- and In(SCN)3 potentio- 
metrically using an indium electrode. Evidence for the formation of the anionic com- 
plex In(SCN)4-, has been obtained by the distribution methodz. The purpose of our 
study was to determine the stability constants of the thiocyanate complexes of indium 
from the polarographic data. 

EXPERIMENTAL 

Apparatus 
Current-voltage measurements were made on a manual set-up using a H-type cell 

in conjunction with a saturated calomel electrode as the reference electrode. The 
experiments were carried out at 30 f 0.1" with air-free solutions. Average currents 
were measured and the diffusion cunents were corrected for the residual currents. The 
half-wave potentials were obtained by plotting log(i/id-i) against Ed.e. (vs. S.C.E. and 
corrected for the iR drop) in steps of 5 mV along the rising part of the curve. The 
capillary used in these measurements had the following characteristics: m = 1.33 mg 
sec-1, t = 3.7 sec in 0.1 N KC1 at -0.7 V vs. S.C.E. 

Reagents 
Ammonium thiocyanate (E. Merck, G.R.) was used without further pu~ification. 

Other chemicals were of analytical grade. The indium perchlorate stock solution was 
obtained from indium metal. A known weight of the metal (R.D.H., 99.9%) was 
dissolved in nitric acid. After removing the excess acid, the nitrate was converted to 
the perchlorate by repeated fuming with perchloric acid. Sufficient perchloric acid 
was added to the residue to prevent hydrolysis and the solution diluted to the desired 
volume. Total indium in the solution was estimated by titration with EDTA3. Ge- 
latin, at a concentration of I-10-3% in the final solution, was found satisfactory as 
the maximum suppressor. 

RESULTS AND DISCUSSION 

Experiments were carried out with ~ . I . I o - ~  M indium and 0.1 M perchloric acid. 
The concentration of ammonium thiocyanate was varied from 2.10-2 to 1.2 III keep- 
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ing the ionic strength at 2.0 by the addition of requisite amounts of sodium perchlor- 
ate. The evidence for the reversibility of the polarographic reduction of indium in 
thiocyanate medium was obtained from the following experimental facts: (i) the 
temperature coefficient for the diffusion current was 1% per degree and that for the 
half-wave potential was f1.5 mV per degree; (ii) the plots of log(i/ia--i) against Ed.e. 

gave good straight lines with the slope equal to 20 f z mV. 
The half-wave potential for the reduction of the aquo-indic ion was determined by 

extrapolation of the values obtained at lower concentrations of ammonium thio- 
cyanate. A value of -0.4833 V vs. S.C.E. was obtained. This isin good agreement with 
the value of -0.485 reported by Cozz~ AND VIVARELLI~, who used indium-amalgam 
electrodes for measuring the half-wave potentials for progressively smaller concen- 
trations of different supporting electrolytes. 

L 1 
0.47 0.49 05t  0.53 0.55 0.57 0.59 

- E  V vs. S.C.E. 
!4 

Fig. I .  Ella as a function of thiocyanate concentration. 

The plot of the half-wave potentials against log(SCN-) was a curve (Fig, I). The 
formation constants were calculated by the method of DE FORD AND H U ~ I E ~  using the 
general form of the equations 

Fo(X) = antilog Io.435 *F/RT[(EII~), - (E11z)~l + log I s l Z c )  (1) 
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TABLE I 

ANALYSIS OF Fj(X) FUNCTION 

HClO4 = 0.1 M; In = 5.1.10-4 M; ionic strength = 2.0; ( E I , ~ ) ,  = -0.4833 us. S.C.E.; (i& = 

3.55 PA. 

NH4SCN E112vs.S.C.E. F.(XJ -ro-. FL(XJ .ro-~ FI(X) -lo-* FS(X). 10-1 F4(X) .ro-' FS(XJ .1o-1 FS(X). 10-1 
( M )  (V) 

0.02 0.4955 3.69 0.0392 14.6 - - - - - 
0.04 0.5042 3.69 0.1067 24.2 30.5 - - - - 

0.06 0.5094 3.69 0.1942 30.7 31.2 - - - - 
0.08 0.5135 3.73 0.3080 37.3 31.6 194.5 244.1 - - 
0.1 0.5176 3.75 0.4911 48.1 36.1 201.1 261.0 - - 

0.2 0.5330 3.76 2.884 143.7 65.9 249.3 371.3 - - 
0.3 0.5435 3.76 9.638 320.9 102.9 289.9 383.1 - - 

0.4 0.5527 3.76 27.8 694.8 170.7 386.7 529.3 898.2 620.6 
0.5 0.5605 3.76 68.23 1364.4 270.5 508.9 667.9 995.8 691.7 
0.6 0.5670 3.77 143.80 2396.5 397.4 635.7 767.8 996.4 577.3 
0.7 0.5735 3.82 300.00 4285.6 610.5 849.3 963.3 1133.3 690.4 
0.8 0.5790 3.82 565.00 7062.4 881.3 1081.6 1133.3 1204.1 692.6 
0.9 0.5840 3.82 1005.00 11166.6 1239.4 1359.3 1315.9 1273.2 692.5 
1.0 0.5885 3.86 1669.00 16689.9 1667.8 1651.8 1476.8 1306.8 656.8 
1.1 0.5925 3.86 2646.00 24054.5 2185.7 1972.4 1634.0 1330.9 619.0 
1.2 0.5968 3.86 4341.00 36174.9 3013.6 2497.9 1935.8 1471.5 684.6 

Fig. 2. Plot of Fl(X), Fz(X) and F4X) as a function of thiocyanate concentration. 
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where the subscripts s and c refer to the aquated ion and the complex respectively and 
I,/I, is the ratio of the diffusion current constants. KO and K1 are the formation con- 
stants of the zero complex and the complex containing one ligand. CX denotes the 
concentration of the complexing agent and the f's represent the activity coefficients. 
The experimentally determined values of the half-wave potential and the diffusion 
current, together with the Fj(X) values calculated from eqns. (I), (2) and (3) assum- 
ing fx as unity, are given in Table I. The overall formation constants given in Table I 

20. 

1 0  

* 
P . 12. - 
?5 
u- 

4. 

0 0 1  0.2 0.3 0.4 0.5 0.6 0.7 0.0 0.0 1.0 1.1 
[sen-] 

Fig. 3. Plot of F I ( X ) ,  Fs(X)  and Fe(X) as a function of thiocyanate concentration. 

LOQ(SCN- ) 

Fig. 4. Percentage of indium in various forms as a function of free thiocyanate concentration. 

were obtained by a graphical extrapolation (Figs. 2 and 3) of the Fr(X) functions to 
zero ligand concentration. The probable error of each constant is estimated to be f 
15%. The overall formation constants for the complex ion In(SCN)2+, I ~ ( s c N ) ~ ,  
In(SCN)3, In(SCN);, I~(scN):- and I~(scN):- are 1.2.1o2, 1.6.103, 1.75-104, 
1.7 104, 6.5.104 and 6.9 104. The first three stepwise constants reported by SUNDEN 
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(loc. cit.) are log kl = 2.58, log kz = I .o2 and log ka = I .03 The values obtained here 
for the same constants are 2.08, 1.25 and 1.04 respectively. 

Figure 4 gives the distribution of indium, in per-cent, present as the cationic or 
anionic form, as a function of the logarithm of the thiocyanate concentration. 
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SUMMARY 

The variation of the half-wave potential of indic ion as a function of ammonium thio- 
cyanate concentration has been studied at an ionic strength of 2.0 in HC1OrNaC1O4 
medium. The results are interpreted on the basis of complex formation of indium with 
thiocyanate. The overall constants for the six complex ions have been estimated. 
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MalgrC l'importance biochimique de cet acide amid ,  on ne dispose pas d'information. 
sur la variation de ses constantes macroscopiques de dissociation en fonction de la 
tempCrature et, en consCquence, des magnitudes thermodynamiques dependent de ce 
processus d'ionisation. 

C'est pour ce motif que nous avons dCterminC ces constantes de dissociation de 
l'acide glutamique (pKl,pKz,pK3), dans un intervalle de tempCratures de 5-50'. par 
la mCthode des f.e.m. de cellules sans union liquide. On trouvera dans ce travail les 
rCsultats obtenus. 

TECHNIQUE EXP~RIMENTALE 

La determination des constantes de dissociation d'un acide faible, par la mCthode 
tensiometrique, s'effectue en employant des cellules sans union liquide du type 

Pt,Hz / AH (MI), NaA (Mz), NaCl (Ma) / AgC1.Ag / P t  (1) 

qui contient des ions H+, provenant de l'acide faible, et des ions C1- provenant du 
NaCl, chacune avec deux Clectrodes rCversibles correspondant A ces m6mes ions. La 
tension chimique (ou force Clectromotrice) de cette cellule est donc 

Dans le cas de l'acide glutamique, on obtient une dktermination plus adCquates de 
la prerni6re constante d'ionisation acide KI, avec une cellule du type 

Pt,Hz / Ac.Glut. (MI) ,  HCI (Mz) / AgCI, Ag / P t  (3) 

oh la molalitC MI 1. Mz. Tandis qu'on dCtermine la seconde et troisi6rne constantes 
d'ionisation au moyen de cellules du type 

Pt, Hz / Ac. Glut. (MI),  NaOH (Mz), NaCl (Ma) / AgC1,Ag / P t  (4) 

oh MI - 312 Mz dans le cas de Kz, et MI 1 213 MZ dans le cas de K3. 

Prkparation des ilectrodes 
(a) Electrodes d'hydrogdne. Les Clectrodes d'hydrogitne employkes dans ce but ont 

CtC prbparbes selon les prescriptions de BATES~. 
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( b )  Electrodes de AgC1,Ag. IVES ET J A N Z ~  ont donnC rCcemment une Ctude assez 
ample de la prCparation de ces Clectrodes. Celles que nous avons utilisCes correspon- 
dent au type appelC ,,6lectrolytique". Pour leur drification, on dispose de 2 Clectrodes 
de HZ et 5 Clectrodes de AgCl,Ag, et l'on effectue les mesures tensiomCtriques des 10 

cellules possibles, avec une solution de HC1 r 0.05 N. La dCviation standard de la 
moyenne de ces 10 determinations est habituellement de 0.03 mV. 

Description de la cellztle 
La cellule employCe a la forme d'un H, (Fig. I), avec un robinet qui sCpare les 

deux compartiments. La disposition de cette cellule permet d'utiliser un bain d'eau 
dans le thermostat. 

Fig. I .  Schema de la cellule de mesure. 

ContrGle de la tempbature 
Les mesures de tempCrature ont C t C  rCalisCes avec une precision de & 0.02". Ex1 

gCnCral, les tempbratures CtudiCes sont comprises entre o et 50'. 

Mesures dectriques 
L'ensemble expkrimental permet d'effectuer des mesures avec une prkision de 

0.01 mV. 

Virification de la technique exphimentale 
Pour vCrifier la technique nous avons rCalisC une sCrie de six expbriences, en 

employant comrne Clectrolyte des solutions de HC1, de molalitCs comprises entre 
O . I~ .OI  M. Ces mesures nous ont permis de dbterminer EO, pour une valeur donnCe 
de la temptkature, et comparer les rCsultats obtenus avec ceux qui ont CtC publiCs 
jusqu'8 prCsent. La cellule dont on a mesurC la tension chimique (ou f.e.m.) est la 
suivante: 

Pt,Ha/HCI (M) / AgC1,AglPt ( 5 )  
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On corrige les valeurs mesurCes de la E, pour ce qui concerne 1'Clectrode de HZ, 9. 
la pression normale (760 rnm)3. Pour rCaliser l'extrapolation qui conduit 9. la dCter- 
rnination de EO, nous reprksentons en fonction de M l'expression 

Les valeurs des constantes $ et Sf, ainsi que la notation employCe, ont CtC empruntCes 
l'ouvrage de HARNED ET OW EN^ ou i la nomenclature ClaborCe par le C.1.T.C.E. 
Dans la repthsentation des valeurs de E' en fonction de M, on obtient des lignes 

droites, ce qui rend l'extrapolation beaucoup plus sClre et conduit 9. la valeur de EO, 
9. 25O 

qui coincide d'une maniere satisfaisante avec les rCsultats obtenus par de nombreux 
chercheurs. De plus, on observe aussi, avec cette sCrie dlexpCriences, que non seule- 
ment la valeur de E0 mais aussi les valeurs de E', pour toutes les valeurs de M, 
coincident d'une manihre satisfaisante avec les rCsultats obtenus par d'autres auteurs. 
On peut dCduire de tout cela, que la prbcision que nous avons obtenue est suffisante. 

Priparation et puretk des produits employis 
(a) Acide chlorhydrique. On prCpare une solution - I N avec HC1 Merck, pure pour 

analyse. On titre six fois avec du borax et quatre avec du NazC03, obtenant ainsi 
la concentration c en mol/l, 9. zoo. Le mathriel employ6 dans ce travail a CtC prCalable- 
ment calibrC. 

(b)  Chlorure sodique. On a recristallisC deux fois le produit Probus, dans de l'eau 
de conductivitC. On a prCcipitC le NaCl dans une solution concentrCe de HCl, on a 
introduit le sel dans un tube de verre et on y a fait le vide (10-2 mm). On y a fait 
passer ensuite un courant de NZ sec, pour en enlever le HCl et la vapeur d'eau. 
Finalement, on a chauffC le sel dans un creuset de Pt 9. 400°, pendant 6 h. 

(c) Hydroxide sodique. On a prCparC la solution de NaOH - I N par dilution d'une 
solution saturCe, dCcantCe et claire. On l'a gardCe dans une bouteille fermCe, avec les 
prCcautions nbcessaires pour Cviter l'action de COZ. On l'a titrCe avec du HCl, en 
employant de la phknolphtaleine et du mCthyl-orange comme indicateurs. 

(d) Acide glutamique. On a employ6 l'acide I(+)-glutamique prCparC par lamaison 
T. Schuchardt (Miinchen). La puretC a CtC vCrifiCe en dkterminant l'azote par le 
micro-Kjeldahl. La moyenne de six dhterminations a CtC de 9.537, tandis que la 
valeur thCorique est de 9.52% de N2. La rotation optique, mesurCe dans une dissolu- 
tion d'acide nitrique, 9. zoo, a CtC de [a]~20" = 30.07, tandisquela valeur des tables4 
est de 29.9'. 

Priparation des solutions d mesuver 
Pour dhterminer la premibre constante de dissociation on emploie une sCrie de 

solutions qui contiennent de l'acide glutamique, du HCl et de 1'HzO. Pour dCterminer 
la seconde et la troisihme constantes de dissociation on emploie une drie  de solutions 
qui contiennent de l'acide glutamique, du NaC1, du NaOH et de 1'HzO. La prCparation 
de ces derniQes s'effectue dans une cage de manipulation, dans laquelle il y a une 
surpression de Nz, sec et exempt de COz, pour Cviter la carbonatation du NaOH. 
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L'H20 employCe a CtC prealablement distillCe et ensuite bouillie et mise & refroidir 
dans I'interieur de la cage meme. 

D~TERMINATION DE LA P R E M I ~ R E  CONSTANTE DE DISSOCIATION 

Ex$ost thio~ique 
Dans la cellule (3), 1'Cquation qui reprCsente la quantitC total d'acide aminC, sous 

les quatre formes sous lesquelles il peut se trouver, est la suivante: 

T A  = M H ~ A H +  + MHAH' + Ma*- + Maa- (7) 

L'kquation qui exprime la neutralit6 Clectrique de la solution sera: 

M H , A H +  + M E +  = M C I -  + A ~ H A -  + Mon-  + 2Ma2- (8) 

et la premiPre constante d'dquilibre de dissociation sera donnCe par: 

On peut obtenir & partir de ces Cqns., vu que les concentrations MAZ- et MOH- 
sont nbgligeables en milieu acide, l'expression pour ME+, qui combinbe avec l'expres- 
sion (2) relative & la f.e.m. de la cellule, permet d'obtenir l'expression: 

Si l'on attribue une valeur approchCe i Kz, on peut obtenir les valeurs de MHA- 
en employant l'expression : 

expression & partir de laquelle on calcule le dernier terme de (10). 

La force ionique pour ces dkterminations sera: 

On trouve les valeurs de pK1 par extrapolation & p = o, des reprCsentations de pK'1 
en fonction de ,u. On peut faire dans 1'Cqn. (10) les deux approximations suivantes, 
en ce qui concerne le terme log y ~ + y c i -  

l o g  ya+yol- = 2 l o g  ~ + I H C I I  (13) 

log  yxfyc1- = - 2.5, ( ~ d o p ) ~ ' ~  (14) 

o~ do est la densitk de l'eau & la tempCrature en question. A partir de celles-ci, en 
reprksentant les pK1' en fonction de p on obtient, pour des solutions tr&s diluCes, deux 
lignes droites de pente diffkrente qui coupe l'ordonn6e au mCme point, ce qui rend 
ces extrapolations plus siires. 
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I34 DISSOCIATION DE L'ACIDE GLUTAMIQUE 

Risultats exptimentaux 
Pour une composition donnCe de l'Clectrolyte, on a ddtermin6 les f.e.m., tous les 

5" dans I'intervalle de 5-45" Les mesures se font dans les 48 h. Le premier jour l'on 
mesure h 25", et Yon descend jusqu'h so, en verifiant h la fin des mesures la valeur 
de la f.e.m. 1 25". Le lendemain on mesure de zoo-45" et l'on descend h nouveau i 
25" pour drifier la stabilite des electrodes. On utilise une ou deux Clectrodes de Hz 
et six de AgC1,Ag. On corrige toutes les mesures vis-h-vis de la pression, et on dCduit 
la moyenne des valeurs de E, que l'on obtient de cette facon. Ces valeurs de E 
peuvent Ctre reprCsentCes en fonction de la tempCrature par 1'Cqn. : 

E = E ~ J  + a(t - 25) + b(t - ~ 5 ) ~  (15) 

et les valeurs des param6tres se dCterminent par la mCthode des minima carrCs. Dans 
la Table I on peut voir les valeurs de E h diffCrentes concentrations de l'dlectrolyte 

1 . 6 [ " " " " "  
QOl M 2  0.03 M 4  M 5  M 6  M 7  M B  0.09 Q l O p  

Fig. 2. Variation de pK1' en fonction de la force ionique. 

50' 45' 37.5 30' 25' 2 C  15' 10' 5' 1.C , 
3.l 32 33 3.4 25 S loall 

Fig. 3. Repr6sentation des valeurs des pK1 en fonction de I /T .  
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et A diffbrentes temphratures. De m&me, on y rCunit aussi les valeurs de E25, a et b. 
On calcule les valeurs de pK1' en employant les expressions (IO), (I I), (13) et (14)) et les 

valeurs de EO et q5 dCpendent de la temphrature. La variation de pK1' en fonction 
de ,u A 5, 25 et 45' a CtC reprCsentCe dans la Fig. 2. Les extrapolations A ,u = o per- 
mettent de dCterminer les valeurs correspondantes de pK1. On reprbsente les valeurs 
obtenues de cette faqon dans la Fig. 3 en fonction de I/T. 

Fonctions thermodynamiques AGIO, AHlO, et AS1° 
On peut reprCsenter les valeurs trouvbes de pK1 en fonction de la tempCrature en 

appliquant la formule : 

On a track la courbe interpolbe dans la Fig. 3 avec les valeurs calculbes P partir de 
cette expression. 

On peut hgalement ajuster une expression du type trouv6 par HARNED ET EMBREE~ 
et I'on obtient la meilleure interpolation avec I'expression suivante: 

Les valeurs de pK1 A diffCrentes tempbratures, calculdes en employant cette expres- 
sion, sont donnCes dans la Table 11. 

TABLE 11 

pKl(expt1.) 2.186 2.178 2.160 2.174 2.162 2.165 2.180 2.178 2.190 
pKl(ca1c. 16) 2.189 2.178 2.170 2.164 2.165 2.167 2.173 2.181 2.191 
pKl(ca1c. 17) 2.180 2.178 2.170 2.165 2.165 2.166 2.172 2.180 2.191 
AGIO cal mol-1 2784 2820 2859 2903 2950 3004 3061 3123 3189 
AHl" cal mol-1 949 703 452 197 -62 -326 -594 -867 -144 
AS,' cal mol-1 deg-1 - 6 . 6  -7.5 -8.4 --9.2 -10.1 -11.0 -11.9 -12.7 -13.6 

Pour les variations des fonctions thermodynamiques on a les expressions suivantes : 

D~TERMINATION DE LA SECONDE CONSTANTE DE DISSOCIATION 

Expost thbrique 
Pour cette dbtermination on emploie la cellule (4). La deuxi6me constante d'ionisa- 

tion est donnCe par 

et 1'Cqn. qui exprime la neutralit4 Clectrique est : 
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d'oh l'on tire l'expression : 

ynan* E - ED 
pKz' r pKz - log ------ = - + log Mcl- + log Y C I - Y H +  

ya+yna- @ 

oa les concentrations  MA^- et MOH- ont CtC nCgligCes et oh l'on a considCrC la con- 
centration M N ~  &ale & celle de M ~ ~ o H ,  vu que la M N ~ +  du NaCl est cornpensee 
par une quantitC Cquivalente de Ma-. On trouve les valeurs de MH~AR+ au moyen 
de la relation : 

ce qui permet de calculer le dernier terme de (23). 
La force ionique est dans ces experiences 

On trouve les valeurs de pK2 par extrapolation i p = o dans les reprCsentations de 
pK4 en fonction de p. On introduit dans 1'Cqn. (23) les deux approximations (13) 
et (~q), pour ce qui concerne le terme log YH+YCI-, en prenant dans ce cas comme 
valeurs de Y*(HCI) les valeuts correspondant aux mClanges de HCl et NaCl6. 

Rbsultats expb~imentaux 
On a dCterminC dans tous les cas les f.e.m. dans l'intervalle de 5-50'. Les dCtails 

des exp6riences sont semblables A ceux des expCriences antbrieures. Les valeurs de 
E s'ajustent & une Cqn. du type (IS), par la mCthode des minima carrCs. Dans la 
Table 111 on peut voir les valeurs de E pour diffbrentes compositions de l'blectrolyte 
et i diffdrentes tempbratures et l'on y rCunit aussi les valeurs de E25, a et b. 

'" &I ad2 d3 Od0 ad5 d6 ad7 $8 ai9 aio d~ p 

Fig. 4. Variation de pKz' en fonction de  la force ionique. 
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La variation de pK; en fonction de ,LA B 5, 25 et 50' a 6th reprCsentCe dans la Fig. 4, 
ainsi que les valeurs de pKz, obtenues dans les extrapolations, en fonction de I/T 
dans la Fig. 5. 

Fig. 5. Reprbsentation des valeurs des pK2 en fonction de I/T. 

Fonctions thermodynamiques 
La variation de pKz avec la tempCrature est donnCe par les expressions: 

ou bien 

pKz = 4.281 + 4.7 10-2(t - 35.0)s (27) 

On a pu tracer la courbe reprCsentCe dans la Fig. 5 grice aux valeurs calculCes L 
partir de l'expression (26). 

On a pour les variations des fonctions thermodynamiques 

AGzO = 5849 - 18.380T + 6.16 . 10-2Te (28) 

AH*' = 5849 - 6.16. 10-2T2 (29) 

ASaO = 18.39 - 12.32 . 10-2T (30) 

La Table IV  rassemble, pour diffCrentes tempbratures, les valeurs expCrimentales de 
pKz et les valeurs calculCes L partir de l'expression (26) ou (27). De meme on y voit 
les valeurs correspondantes de AGzO, A Hz0 et ASzO, calculCes ?i partir de ces dernikres 
expressions. 

TABLE IV 

to 5 I0 I 5  20 25 30 37.5 45 50 

pKz (exptl.) 4.318 4.308 4,296 4.287 4.280 4.280 4.278 4.289 4.292 
pKz (cak. 26) 4.323 4.310 4.298 4.290 4.286 4.288 4.280 4.28s 4.290 
PKZ (cak. 27) 4.328 4.310 4.299 4.291 4.286 4,289. 4.281 4.28s 4.291 
AGe" cal mol-1 5500 5580 5565 5752 5842 5935 6081 6233 6339 
AHz" cal mol-1 1085 912 722 558 375 265 - 9 4  -384 -581 
ASS" cal mol-1 deg-1 -15.9 -16.5- -17.2 -17.7 -18.3 -18.7 -19.9 -20.8 -21.4 
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L'expression de la troisi6me constante est : 

et 1'Cquation de la neutralit6 Clectrique sera: 

oh MH+ peut Ctre nCgligC, vu que les solutions employCes sont alcalines et oh MN,+ 
represente la quantitC de Na+ qui provient du NaOH. 

Si l'on combine ces deux expressions avec celle qui donne la quantitC totale d'acide 
amin6 (7) et celle qui exprime les f.e.m. d'une cellule de ce type (4), on obtient l'ex- 
pression suivante : 

E - E" ~ T A  - M N ~ O H  MOH- yc1-yaa- 
pKs = - + log MCI- + 1% + log -- 

9 yd- (33 M N ~ O H  - TA - MOH- 

Dans les conditions dans lesquelles on op&re pour dCterminer la troisi6me constante 
on a: 

et dans l'expression (33) on peut supprimer M ~ H - ,  qui est relativement petite A cBtC 
de (ZTA - MN~OH) et (MN~OH - TA). 

Le dernier terme peut &tre remplacC par zSf(zd~p)l/2 - Bp et alors on aura: 

La reprhsentation de pK3' en fonction de p permet d'obtenir les valeurs de pK3 par 
extrapolation i p = 0. 

La rnise au point de la cellule pour les mesures de f.e.m. est semblable A celle qui 
a CtC dCcrite pour les autres constantes d'ionisation. On a rCalisC les dCterminations 
dans l'intervalle de 5-50' et dans tous les cas on a ajustC les valeurs de E A une 
Cquation du type (15)~ par la mCthode des minima carrCs. La Table V rassemble les 
rCsultats obtenus. 

On reprbsente la variation de pK3' en fonction de T, i 5 ,  25 et 50' dans la Fig. 6 
et les valeurs extrapolCes de pK3 ont CtC repr6sentCes dans la Fig. 7 en fonction de 
I/T. 

Fonctions thermodynamiques 
On observe dans la Fig. 7 que la dispersion des points ex+rimentaux, de la ligne 

droite, est parfaitement justifiCe par les erreurs de mesure. Aussi nous avons omis 
toute courbature dans cette reprCsentation et nous acceptons que la variation de 
pK3 en fonction de la tempQature sera dCcrite par l'expression: 

J .  Electroanal. Chem., 5 (1963) 129-146 
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Dans la m&me Fig. on reprdsente les valeurs de pK3 pour l'acide aspartique' et il est 
Cvident que dans ce cas cette considhration est aussi valide. 

On peut calculer B partir de (36) les valeurs de AGsO, AH3" et AS3O et l'ensemble 
des valeurs calculdes est donnC dans la Table VI. 

Fig. 6. Variation de pK3' en fonction de la force ionique. 

Fig. 

10 - 

P11- 

9 - 10- 

L5- 9.5 - 
a PK, AC. ASP. 

50 45 325 30 26 20 15 10 5 1'C 

3.1 3.2 31 3.4 3.5 3.6 
lollr 

7. ReprCsentation des valeurs des pK3 pour les acides aspartique et glutamique 
I IT. 

fonction de 

TABLE VI 

to 5 10 1.5 20 25 30 37.5 45 50 

pKs (exptl.) 9.853 9.731 9.626 9.497 9.387 9.270 9.093 8.923 8.820 
pKs (calc. 36) 9.87s 9.744 9.616 9.491 9.371 9.296 9.080 8.930 8.828 
AG3" cal mol-1 12563 12618 12617 12724 12777 12888 12913 12993 13046 
AHsO cal mol-1 9578 9578 9578 9578 9578 9578 9578 9578 9578 
ASS" cal mol-1 deg-1 -10.7 -10.7 -10.7 -10.7 -10.7 -10.7 -10.7 -10.7 -10.7 
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DISCUSSION 

Les valeurs des constantes de dissociation de l'acide glutamique obtenues dans ce 
travail, d la tempCrature de 25", sont les suivantes: 

Parmi les rCsultats publids jusqu'd prbsents-11 ceux qui mCritent le plus de confiance 
sont ceux de NEUBERGER~~, pour avoir essay6 d'extrapoler i dilution infinie. Les 
valeurs que donne cet auteur sont les suivantes: 

La concordance qu'il y a entre les deux premieres constantes est assez satisfaisante, 
mais les valeurs de pK3 sont assez diffbrentes. 

Dans les mesures rCalisCes par NEUBERGER, on a utilisk des cellules avec union 
liquide, ce qui dirninue assez la confiance dans ses rhsultats. De plus, les expressions 
employCes pour l'extrapolation A p = o, conduisent d des representations de pK3' 
en fonction de p avec pente excessive A l'origine, ce qui donne des valeurs extrapolCes 
par exces. 

Etude comparative des constantes de dissociation de l'acide glutamique et d'autres acides 
aminks de la sirie homologue 

La sCrie homologue B laquelle appartient l'acide glutamique est celle des acides 
a-amino-n-dicarboxyliques 

HOOC-(CHz) n-CH(NI$)-FOOH (n  = o,1,2. . . .) 

Le premier de la sCrie est l'acide amino-malonique et suivent les acides aspartique 
et glutamique. Les constantes de dissociation de l'acide aminornalonique ont CtC peu 
CtudiCesl2.13 et les details expCrimentaux publiCes ne permettent pas d'apprCcier la 
garantie qu'on peut leur accorder. Les constantes de l'acide aspartique ont CtC 
dCterrninCes par SMITH ET  SMITH^, au moyen d'une technique minucieuse, semble-t-il, 

TABLE VII 

t=20° 

Acide amind fiKl PKz PKa Refevences 

HOOCCH(NHz)-COOH - 3.32 9.83 1 2  la 

Ac. aminomalonique (PGz') ( P G ~ ' )  

HOOc---CHpCH(NHz)-COOH 2.03 3.92 10.15 ' 
Ac. aspartique 

HOOC-CHz-CHz-CH (NH2)-COOH 
Ac. glutamique 2.164 4.290 9.491 Ce travail 

t=25O 

Acide amind pK1 dH1° ASl0 + K 2  AHzO ASeO pK3 AHa0 Ass0 References 

Ac. aspartique 1.995 1783 -3.1 3.910 1110  -14.2 10.01 9025 -15.5 
2.01 - - 3.90 - - 9.84 - - 78 

Ac. glutamique 2.16~ - 6 2  -10.1 4.286 375 -18.3 9.371 9578 -10.7 Ce travail 
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et dans un ample intervalle de tempbratures. Nous emploierons pour l'acide glutami- 
que dans cette discussion les donnCes que nous venons d'exposer dans la partie 
expCrimentale de ce travail. Dans la Table VII on rCunit les rksultats obtenus, pour 
deux valeurs de la tempCrature, 20 et 25", et pour cette dernihre tempbrature on 
indique en plus les valeurs de A H 0  et AS0, correspondant B chacune des ionisations. 

Dans la sCrie homologue des a-amino acides normaux CH~-(CH~)~-CH(NHZ)- 
COOH, on voit que pK1 .Y 2.3 et pKz 2: 9.8, et que l'influence de la chaine alkyde 
est trhs petite dans l'ionisation de ces acides aminks. Par contre, dans la skrie homo- 
logue des amino-acides qui ont leurs groupes fonctionnels aux extrCmitCs de la 
chaine, H2N-(CHz)n--COOH, on observe que pK1 augmente, en tendant vers la 
valeur correspondant aux acides gras, pK 2: 4.9, tandis que pK2 tend vers la valeur 
correspondant aux amines aliphatiques, pK 2: 10.8. 

Pour les acides a-amino-dicarboxyliques on peut seulement en premihre approxima- 
tion attribuer les valeurs de pK1, pK2 et ~ K s  aux ionisations des groupes I, 2 et 3, 
dans la formule gCnCrale, mentionnCe plus haut, de ces acides aminb. La discussion . 
complhte de leur ionisation exige la connaissance des constantes microscopiques 
correspondantesl5. 

Dans cette sCrie des acides aminks la valeur du pK1 dbpendera de la position ol du 
groupe ammonium 3 par rapport au groupe carboxyle I. A mesure qu'augmente la 
chaine sa valeur tendra vers la valeur caractbristique des acides aminks en a (pK 2: 

2.3). L'influence du groupe carboxyle 2 se manifeste par un accroissement supplb 
mentaire de la force du premier et cette influence diminue en passant de l'acide 
aspartique B l'acide glutamique. 

La valeur de pK2 tendra vers celle de l'acide gras correspondant (pK 11 4.9). 
L'influence du groupe -NH3+ se manifestera par une acidit6 plus forte du groupe 
carboxyle 2, en comparaison avec celle de l'acide n-dicarboxylique correspondant. 
C'est que nous pouvons constater avec les acides aminomalonique (pKz 2: 3.20) et 
malonique (pK2 2: 5.70)~ les acides aspartique (pK2 2: 3.90) et succinique (pKz - 
5.64) et les acides glutamique (pK2 21 4.29) et glutarique (pKz 2: 5.50)~~- '8  

Finalement, pour ce qui concerne la troisihme ionisation, il faudra tenir compte de 
l'effet des deux carboxyles ionisCs sur le groupe ionisC -NH3+. On peut tenir compte 
de ces effets au moyen de la relation empirique de EDSALL ET BLANCHARD~~, avec 
les paramhtres employCs par GREEN STEIN^^. Pour l'ionisation de ce groupe on a 

TABLE VIII  

Substance Formule pK (calc.) pK (exptl.) 

a-Alanine 
Ac. aminomalonique 
Ac. a-aminobutirique 
p- Alanine 

Ac. aspartique 

Ac. a-aminovalerianique 
Ac. y-aminobutirique 
Ac. glutamique 
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oh dt vaut I, 2,  3. . . ., selon que le groupe qui influence le groupe dissociC, se trouve 
en position a ,  p, y . . . . etc., par rapport ii ce dernier. Dans la Table VI I I  on expose 
les valeurs de pK qu'on a calculCes ainsi, en mCme temps que les valeurs expbrimen- 
tales. La concordance est acceptable pour toutes les substances CtudiCes, sauf pour 
les acides aminomalonique et aspartique. 

Malheureusement, les valeurs expCrimentales de l'acide amino malonique offrent 
trhs peu de garantie et ne nous permettent pas d'accorder notre confiance aux 
considCrations que nous pourrions faire sur ce premier terme de la sCrie. NCanmoins, 
il faut faire o b s e ~ e r  que la valeur expkrimentale rCvhle une acidit6 moindre pour le 
groupe -NH3+ que la valeur calculCe. Ce fait est moins remarquable, mais encore 
Cvident, dans le cas de l'acide aspartique et ne se prCsente plus dans le cas de l'acide 
glutamique. 

Pour expliquer ce fait on peut supposer que, dans le cas de l'acide aspartique la 
configuration molCculaire prkdominant est celle qui prCsente un rapprochement du 
, groupe carboxyle 2 au groupe ammonium 3;  ce qui augmente l'effet Clectrostatique 
sur ce dernier. GANE ET IN GOLD^^, entre autres, ont dCjA admis des rapprochements 
de cette nature entre les groupes ionisables, dans le cas des acides alkyl-dicarboxyli- 
ques. 

Etude critique des valeurs des AH0 et AS0 d 25' pour l'ionisation de L'acide glutamique 
Dans l'ionisation des acides carboxyliques les valeurs de AH0 sont relativament 

petites, de l'ordre de 2 kcal/mol et beaucoup sont plus petites que I kcal/mol. On 
observe ces ordres de grandeurs dans le cas de AH1" et AHs0 correspondant aux 
acides glutamique et aspartique (Table VII). Les valeurs de AHsO pour l'ionisation 
du groupe ammonium sont de l'ordre de 10-12 kcal/mol. Pour les acides a-amino- 
mono-carboxyliques, les valeurs de cette enthalpie d'ionisation varient peu autour de 
10.7 kcal/mol et pour les deux acides a-amino-dicarboxyliques CtudiCes les valeurs 
obtenues sont un peu plus petites 1: 9 kcal/mol. 

Sous certains aspects les considCtations sur l'entropie d'ionisation AS0 sont plus 
Cdifiantes. L'ionisation d'un acide carboxylique est en gCnbral: 

R-COOH + Hz0 + R-COO- + HsO+ (37) 

liCe B une valeur nCgative de l'entropie AS0, car dans la rCaction deux ions se sont 
form6s, lorsqu'il n'y en avait aucun aupatavant, et la solvatation de ces ions sera 
accompagnCe d'une diminution marquCe de l'entropie. On a dans l'ionisation des 
acides gras AS0 1: -23 cal/moldeget onobtient dans l'ionisation des acides dicarboxy- 
liques des valeurs encore plus nCgatives pour l'entropie AS0. 

Dans le cas des acides a-amino-mono-carboxyliques la prksence du groupe -NH3+ 
neutralise l'interaction Clectrostatique du groupe -COO- sur les dipoles qui l'entourent 
et la valeur de AS1" pour l'ionisation du groupe carboxyle, quoique negative, est 
beaucoup plus petite, ASl0 r - g  cal/mol deg. 

Dans l'ionisation du groupe ammonium 

R-NHs+ + Hz0 + R-NH2 + H30+ (38) 

c'est un transfert d'un proton de l'ion ammonium B la molCcule d'eau qui a lieu 
seulement. Les variations d'entropie sont beaucoup plus petites que dans le cas 
antCrieur. Pour les ions alkyl-ammonium elle est de l'ordre de AS0 r -4 cal/mol deg. 

Pour les &-amino acides monocarboxyliques, les valeurs de cette entropie sont 

J .  Electroanal. Chem., 5 (1963) 129-146 



J. LLOPIS, D. ORDONEZ I45 

beaucoup plus nCgatives (ASzO 2 -9) A cause de l'interaction du groupe -COO- 
voisin. Dans la sCrie des acides aminCs normaux, oh les groupes amin6 et carboxyle 
sont aux extrCmitCs de la chaine normale aliphatique, on observe qu'i mesure 
qu'augmente la chaine les valeurs de AS1° deviennent plus nCgatives et tendent vers 
la valeur caractbristique de l'ionisation du groupe -COOH des acides gras (AS0 2 

-22), tandis que celles de ASz" deviennent moins n6gatives et tendent vers la valeur 
caractbristique de l'ion alkyl-ammonium (ASo r -4). 

Pour les a-amino acides dicarboxyliques que nous considCrons (Table VIII) 
maintenant, on observe que AS1° est nCgatif, mais petit, dans le cas de l'acide asparti- 
que, et il est de l'ordre des acidesa-aminks normaux dans le cas de l'acide glutamique. 
Les valeurs de ASzO sont, tant dans le cas de l'acide aspartique que dans celui de 
l'acide glutamique, plus nCgatives que les Aslo, cornme il fallait s'y attendre vu 
qu'il s'agit de la deuxicme ionisation d'acides dicarboxyliques. 

Mais ce qui est le plus surprenant, c'est que l'on a trouvC, dans le cas de la troisicme 
ionisation, une valeur tr&s n6gatit.e de l'entropie d'ionisation pour l'acide aspartique 
( A S 0  = -15.5)~ tandis que pour l'acide glutamique on ne trouve qu'une valeur A 
peine plus nkgative que celle des acides or-aminCs normaux ( A S 0  = -10.7). 

On peut comprendre ce comportement si nous admettons l'hypothese, dont nous 
avons par16 plus haut, oh, dans le cas de l'acide aspartique, le groupe -COO-(2) se 
trouve assez prhs du groupe -NH3+, neutralisant l'effet Clectrostatique de ce dernier. 
A cause de cela, la rCaction d'ionisation conduira A une espcce de 1ibCration du 
proton et le comportement du -NH3+, dans ces conditions, se rapprochera de celui 
de l'ionisation d'un groupe neutre. Dans le cas de l'acide glutamique ce fait serait 
moins marquant, A cause de la plus grande distance qui sCparC le deuxi6me -COO- 
du groupe -NH3+. 

SUMMARY 

The ionization constants of glutamic acid have been measured a t  several temperatures 
from 5-50", using e.m.f. measurements of cells without liquid junctions. The results 
were analyzed in terms of the Harned-Robinson equation and values of AGO, AH0 
and AS0 for the ionization process were determined. The eqns. for ionization constants 
as a function of temperature are as follows: 

The results were interpreted in terms of inductive and electrostatic effects and are dis- 
cussed in relation to those obtained for aspartic acid. 
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The marked decrease in the diffusion current of metal ions in the presence of in- 
creasing amounts of gelatin1 was ascribed by KOLTHOFF AND LINGANE~ to probable 
metal-protein complex formation. Alternatively, it was pointed out that such effects 
may be caused by viscosity2 or adsorption3. TAN FORD^^^^^ had also shown conclusive~y 
that a decrease in the limiting current of metal ions with increasing concentration of 
serum albumin was due to combination of metal with the protein, and that adsorp- 
tions phenomena could only be operative at lower pH values. 

Application of polarographic methods to the study of metal-protein interaction has 
so far received very little attention, due to the involved nature of the reduction at the 
dropping mercury electrode, especially that due to formation of a catalytic wave. I t  
was, therefore, appropriate to choose a protein where the latter effect could be elimi- 
nated. Since the cysteine and cystine contents of gelatin are negligible, this was selected 
for polarographic studies. The present investigation deals with complexes formed by 
copper ions with transfusion gelatin (of known molecular weight) in the higher pH 
range. Some of the results in the lower pH range have also been included, although the 
binding here is too weak to give useful quantitative results. 

EXPERIMENTAL 

Transfusion gelatin7 (concentration 6%, mol. wt. = 75,000), supplied by the Direc- 
tor, National Chemical Laboratories, Poona, India, was used throughout these investi 
gations. 

Copper sulphate (A.R.) was dissolved in water which had been doubly distilled in 
all-glass apparatus. Ammonia-ammonium chloride buffers were prepared from one 
M solutions of ammonia and ammonium chloride. The pH of the buffer solutions was 
measured by means of a Beckman pH Meter, Model G, using glass electrodes. 

Polarographic measurements were carried out using a Fisher Electropode in 
conjunction with a Multiflux Galvanometer Type MG Fz. An H-shaped polarographic 
cell as recommended by TANFORDS was found suitable for deaeration of the protein 
solution without denaturation. Nitrogen, purified by passing it through a solution of 
chromous chloride and alkaline pyrogallol, was passed to ensure an inert atmosphere. 
Triply distilled mercury was used for the dropping mercury electrode. The cell was 
immersed in a water thermostat (Townson Mercer Co., Croydon) maintained at 20' 

f I". The following sets of solutions were prepared. 
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(i) Varying concentrations of the protein (0.5, 0.75, 1.25, 1.75 and 2%) were taken 
in 50 cc conical flasks and 4.5 cc of 0.005 M Cuz+ solution were added. The total vol- 
ume was made up to 12 cc by adding the requisite volume of water and 1.8 cc of I M 
ammonia-I M ammonium chloride buffer (to make the total ionic strength = 0.15). 
The results, in the form of a graph of protein concentration (%) against ia/(id)o, where 

0.31 " " ' 
0 0.5 1.0 1.5 28 2.5 

Transfusion gelatin ( g/100rnl) 

Fig. I .  Effect of protein concentration on diffusion current. 

TABLE IA 

CONCENTRATION OF Cue+, 1.87.10-3 M; pH, 9.4 

Cmn.  
of protein i d  ( i a ) ~  

/ % I  (4.10-RA) ( 4 .  ro-'A) 

199 (notar concentration ot CPP~O~ 
Fig. 2. Effect of copper concentration on diffusion current depression. 
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i d  and   id)^ are the diffusion currents of the metal ion, in the presence and absence of 
the protein, respectively, as given in Fig. I, (Table IA). 

(ii) I cc gelatin, 1.8 cc buffer (pH 9.4) and varying concentrations of Cu2+ ion viz., 
0.4166, 0.6249, 0.8332, 1.249 and 1.874-10-3 M Cu2+ were used, keeping the total 
volume to 12 cc as before. Figure 2 shows the variation of ia/(id)o with the logarithm 
of copper concentration, (Table IB). 

T A B L E  IB 

CONCENTRATION OF THE PROTEIN, 0 . 5 %  ; pH 9 . 4  

Concn, of id i a  i d  

(4.10-* A)  
- 

cua+.ro-3 M (4.10-8 A )  ( i d ) *  
c b  OM 

(iii) Similarly, 1.5 cc of 0.005 M Cu2+ solution, I cc protein and 1.8 cc buffer of 
different pH's (from pH 2.65-11) were taken and the volume was made up to 12 cc. 
The curve shown in Fig. 3 represents ia/(id)o as a function of pH, (Table IC). 

Fig. 3. Effect of pH on d i f f u s i o n  current depression 

T A B L E  IC 

CONCENTRATION OF THE PROTEIN. 0 . 5 %  ; CONCENTRATION OF Cu2+, 0 . 6 2 4 9 .  M 
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In all, fifty polarograms were traced. Typical ones are shown in Fig. 4. The revers- 
ibility of the waves was tested by TOME?? method. 

Fig. 
Potential (V) 

4. Polarograms. A, C and E for copper alone; B for 0.5% protein + 1.87.10-3 M Cua+; D 
0.5% protein + 1.249.10-3 M C U ~ + ;  and F for 0.5% protein + 0.6249.10-3 M Cu2+. 

for 

DISCUSSION 

The usual polarographic method for the study of metal complexes from the shift in 
half-wave potential of the metal ion10 failed to give precise information regarding the 
metal-protein interaction because of very small variations in Ell2 values (of the order 
of 0.01 V). TANFORD'S method, with all its limitations could, however, be advanta- 
geously employed. Since the copper-gelatin complex (violet in colour) is formed only 
at  higher pH ranges, the adsorption effects usually encountered could be assumed to 
exert the minimum influence and the decrease in the ratio id/(i&)o can be safely taken 
as a measure of the extent of metal ion complexed with the protein. Furthermore, the 
decrease in the diffusion current can not be solely ascribed to viscosity effects, since no 
perceptible change in this property can be expected without the denaturation of the 
protein-a condition whichwasuniformly maintainedthroughout theseinvestigations. 

The decrease in the id/(id)O values a t  pH 9.4 as determined experimentally and illus- 
trated in Figs. I and 2 (for sets (i) and (ii)) provides enough information regarding 
the binding of Cu2+ w-ith transfusion gelatin. From TANFORD'S equation 

where C and C b  are the concentrations of free and bound copper,Co, its total concen- 
tration and k a constant which can be evaluated from the limiting value of ia (k for 
sets (i) and (ii) being 0.40, see Figs. I and z), the amount of bound copper can be 
found. Taking the molecular weight of transfusion gelatin to be 75,000, the amount 
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of metal bound (VM) per mole of the protein could be determined. The results are 
summarised in Tables I A and I B. From these, the value of VM is seen to be approxi- 
mately eight -at pH 9.4. 

Polarographic measurements carried out at  different pH's (Fig. 3) show that the 
value of VM ranges between 7.8-9.3 for the pH range 8.9-11, while a t  the lower pH 
range (2.65-5.1), VM is approximately four. These results are significant since they 
show that the amino groups of transfusion gelatin bind copper ions more strongly 
the carboxyl groups. 

The formation constant for the complex formed between C U ~ +  and amino groups of 
the protein could be determined by using the simple equation of SCAT CHARD^^. 

where VH+ and VM are the active sites covered by hydrogen ions and metal ions re- 
spectively, and n is the total number of such sites in the protein molecule. K is the 
formation constant. Inserting the values of n, VM, C and VH+ (as determined by sepa- 
rate experiments on the hydrogen ion equilibria of transfusion gelatin) the value of 
log K at pH 9.4 is found to be 3.91, whereas the value log K for carboxyl groups is 
small (viz. 2.1) showing weak interaction between C U ~ +  and the carboxyl groups of the 
protein. This work is being continued. 
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SUMMARY 

The influence of the protein concentration, metal ion concentration and pH on the 
id/(id)o values was studied by carrying out polarographic measurements in mixtures 
of cupric sulphate and transfusion gelatin. I t  was found that a decrease in the value 
took place with increase in protein concentration and pH, while the same behaviour 
was observed with decreasing concentration of C U ~ + .  The latter effect has been attrib- 
uted to the binding of C U ~ +  with transfusion gelatin. Evaluation of log K showed that 
the copper is more strongly bound to the amino than to the carboxyl group. 
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We wish to describe as briefly as is possible several practical, inexpensive, opera- 
tional amplifier (OA) circuits that are particularly useful in single sweep and cyclic 
voltammetry at stationary electrodes. Specific adaptations of OA's to electroana- 
lytical instrumentation were made some time ago by BOOMAN and coworkers1 and 
DEFORD~ among others. Highly finished polarographic instruments have been 
designed by KELLY and coworkers3.4. No claim is made for originality of circuit 
design in the instruments described herein. They are functional, devoid of multi- 
purpose appendages, and specifically oriented towards solid electrode applications. 
Their reliability has been proven by continuous operation for several years in a 
variety of modern electroanalytical operations. The units function satisfactorily 
with aqueous or non-aqueous electrochemical systems. 

The instruments consist of the basic OA potentiostat coupled with a cyclic voltage 
scanning input. Two forms of cyclic scanner are described, a mechanical or motor 
driven unit, and an OA integrator network which is more versatile. We are con- 
vinced of the utility of cyclic voltammetry and, since any cyclic unit can be used 
for single sweep operation, we see no purpose in building single sweep polarographs 
as such. 

A. OPERATIONAL AMPLIFIER POTENTIOSTAT AND POWER SUPPLY 

Figure I shows the heart of the instrument, the potentiostat. The "E Amplifier" 
maintains the desired potential, between the reference (Ref.) and controlled (Cont.) 
electrodes. The "I Amplifier" maintains the controlled electrode at amplifier ground 
potential while providing an output voltage proportional to the current. The re- 
corder output signal (current measurement) is designed for either 5 or 10 mV span 
recorders. The voltage between the yellow and green scanning potential jacks is 
the same polarity and magnitude as the voltage applied between the controlled elec- 
trode (green binding post) and reference electrode (yellow binding post). 

The potentiostat can be used with fixed input voltage for recording current-time 
curves at constant potential in linear diffusion studies. Alternately, by connecting 
a resistor between Cont. and Ref., a constant current becomes available between 
Ref. and the auxiliary electrode (Aux);  i.e., chronopotentiometry can be camed out. 

* Electronics Associate, Department of Chemistry. 
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For these cases where the input voltage is constant, we have found it desirable to 
stabilize the E amplifier with the K2-PA unit (it is desirable to have the I amplifier 
stabilized with its K2-P unit at all times). 

When, however, the potentiostat is coupled with the scanning unit to carry out 
controlled potential voltammetry, the K2-PA in the E amplifier should be replaced 

TEST / OPERATE 

r -'-- ---\ 

Reference Aux.electrode 
electrode 

yellow 

Apply scan 
potential 0 yellow 
between 
these points I E AMP 

short 1-6 
\ 

I ', 

+ CR REC 

Fig. I. Operational amplifier potentiostat: BAL, amplifier balance adjusts, coarse I M, fine 
10 K; TEST, test jacks for amplifier balancing; CR, current range switch with following 1% 
precision resistors and corresponding full scale current ranges : RI. 10 M, I pA; R 2. 5 M, 2 pA; 
R 3, 2 M, 5 pA; R 4, 1.428 M, 7 PA; R 5, 1.0 M, 10 PA; R 6, 667 K, 15 pA; R 7, 500 K, 20 pA; 
R 8, 333 K. 30 PA; R 9,  200 K,  50 pA; R 10, 133 K, 75 pA; R 11, I00 K, 100 PA; R 12. 50 K. 
200 pA; R 13. 20 K, 500 pA; R 14, 10 K, I mA; E AMP, voltage amplifier, Philbrick K2-XA, op- 
tional K2-PA and associated balance network; I AMP, current amplifier, K2-XA, K-2P and 
associated balance network; REC, recorder output for 5 or 10 mV recorders; 5 , 5-way binding 

posts; 0, banana jacks. 

by the dummy plug which shorts pins I and 6 of the K2-PA socket. With the Kz-PA 
removed, the input impedance from whatever type scanning unit is used may be 
quite large (50-100 kQ) and the sweep frequency can also be quite high. If the 
K2-PA is not removed, the source impedance from the scanner must be less than 
about 500 Q to avoid introducing 60 cycle ripple caused by the chopper stabilizer. 
While there are many other ways to circumvent this problem, the simple removal 
of the K2-PA for scanning operations has been found quite satisfactory. (Clearly if 
one plans to do only potential sweep operations, the K2-PA is unnecessary and 
could be left completely out of the circuit.) The errors in unstabilized operation 
should be less than 2-3 mV for the normal time intervals used in scanning. 

In the test position, the amplifiers are balanced by adjusting the individual balance 
pots to approximate zero voltage at the test jack positions. In the test position, 
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the amplifiers are connected with a gain of 100, so an ordinary multimeter can be 
used for balancing. 

An excellent discussion of OAP's is contained in the new instrumentation text 
by B A I R ~ .  

The power supply for the potentiostat (which also powers the triangular wave 
generator of Fig. 4) can be a Philbrick R-IOO B, which will power at  least 3 potentio- 
stats or similar devices. Alternately, one can build a power supply similar to the 
Philbrick R-IOO A, which is no longer commercially available. 

B. CYCLIC SCANNING UNIT 

The utility of cyclic voltammetry using pen and ink recording with sweep rates of 
ca. 0.2-10 V/min for investigating complex organic electrode reactions at solid elec- 
trodes has been discussed6. The cyclic scanning voltage is a relatively slowly varying 
isosceles triangle which can be conveniently generated either by motor driven slide 
wires or electronic integrator networks. 

Gear train 'a 

115 V a.c. 

ON- OFF I 
X X 

RY coil I:<- Nc MS1 

Fig. 2. Electromechanical triangular wave generator: M, reversible, synchronous motor, typical, 
Bristol 830-8D, 115 V, 60 cycles, 10 rev./min, 8 watt; RY, relay, typical, Guardian Electric 
G 57400. 1x5 V, 60 cycles, DPDT; MS1 and MSz, microswitches, typical 2HBT-I; Gear train, 
cbupling to scanning helipot, hand adjustable for sweep rates; VS, voltage sweep unit, arranged 

as desired; H, 10 turn, 0.1% linearity helipot or equivalent. 

NC 
0 - NO 

I\ 
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I .  Electron~echanical triangular wave generator 
Figure 2 shows the electrical connections of the motor driven unit. The synchro- 

nous motor drives a 10-turn helipot which provides the sweep voltage. The motor is 
coupled through variable gear ratios (hand adjustment) to a lead screw assembly 
(Servomechanisms, Inc.) which then engages micro switches at both ends of its 
travel. The micro switches and latching relay provide the motor reversing action. 
The micro switches are adjustable for varying the sweep width (voltage range). 
Figure 3 is a diagram of the mechanical layout of the scanner. Surprisingly little lag 

MMB 

JTS 

Fig. 3. Mechanical layout of motor driven triangular wave scanner: DB, drilled board, typical 
"Servoboard", Servo Corp. of America (masonite Pegboard having 3/16 in. holes on 112 in. 
centers, available from Country Workshop, Newark, N. J.. can be used and all adjustable shaft 
hangers, etc, fit this Pegboard well); SH, shaft hangers; MS, micro switches, adjustable positions; 
H, helipot; HMB, helipot mounting block; M, motor; MMB, motor mounting block; GS, gear 
shift, MMB adjusted manually along gear train; LSA, lead screw assembly, typical 0.5 in. travel 
per rev. (Servomechanisms, Inc.); S, 114 in. diam. stainless steel shaft; JTS. Jones terminal 
strip; All gears were common brass spur gears (Boston Gear, Co.); All batteries, wiring, etc. 

not shown is below DB or on dial plates at  the side. 

exists in the reversal and the unit functions very well for moderate sweep rates. 
Sweep rates are very simply adjusted by the total span voltage applied to the helipot 
with intermediate adjustments via the gear couplings. Sweep rates between 0.2 V 
and 9 V/min have been used successfully. Undoubtedly many other electromecha- 
nical triangular wave scanning devices can be designed. 

2. OA integrator triangular wave generator 
The integrator network is more versatile, providing span width, sweep rate ad- 
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justment, etc., by mere dial changes. Figure 4 details the circuit. The scanner is 
coupled to the potentiostat via the yellow and green output terminals indicated 
in the upper right comer of Fig. 4. Sweep rates up to ca. 15 V/min are available. 
The various panel adjustments are indicated in the legend of Fig. 4. The push button 
controls initiate scan and allow manual reversal when desired. In adjusting the IOO 

K helipots for scan limits, the "+ limit" (cathodic limit) should not be allowed to 
become negative with respect to the "- limit" setting. 

Fig. 4. OA Triangular wave generator: SI, SPST toggle switch; operate to initiate sweep after 
starting conditions are preset on relays RYI and RY2, etc.; RYI and RYz. 6.3 V as 3PDT 
relays; RYI for direction of sweep, when LI on, sweep is cathodic going; RY2, sweep operating 
relay, when L2 is on, sweep is operative; RI-RI I,  sweep rate resistors, all I %, r watt: RI, 804K; 
Rz, 4ozK; R3, 268K; Rq, ZOIK; R5, 161K; R6, 107K; R7, 80.6K; RS, 64.5K; R9, 54K; RIO, 

46K; RII,  40.33K; Z,Z, output to 5 mV recorder. 

The + I50 V supply for the cycling relays is not shown on Fig. 4. This power 
supply is a single half-wave rectifier with capacitor filter (50 pF) using a Stancor 
PA 8421 power transformer or equivalent. A standard 150-500 mA silicon diode 
serves as the rectifier. Since this supply is completely non-critical it is not included 
in the circuit. 

In the output bias circuit (voltage source for the 20 K, 10-turn potentiometer 
in the upper right of Fig. 4), a voltage of 1.000 V should be adjusted between points 
(A-B) and (B-C). 

While there is no question that the all-electronic scanner has greater versatility, 
the breadboard style electromechanical device is more easily constructed and used 
by workers who are beginning to use the apparatus. Excellent results have been 
obtained with both scanning units. 
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C. RECORDING EQUIPMENT 

X-Y recording is by far the most satisfactory means of recording cyclic polaro- 
grams. If conventional X-time or strip chart recording is used, one must fold the 
paper over to compare forward and reverse scans (while inconvenient, there is 
nothing inherently wrong with such a procedure). If only single sweep operation is 
used, then X-time recording is satisfactory. Nominal pen response of at least I-sec 
should be available on the recorder. A variety of X-Y recorders are commercially 
available. The Moseley Model 3 (which also has an X-time provision) has proven 
very satisfactory. 
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In recent years, polarography has assumed great importance both in the field of 
analytical chemistry and in the study of electrode processes. Variations in the 
polarographic current during the life of the mercury drop are due to changes in 
polarisation as well as to changes in the area of the drop. Furthermore, the current 
is a composite value of both faradaic and charging currents. It would simplify the 
application of the theory if the current could be measured at a certain well-defined 
moment in the life of the drop, as this would help in obtaining a value for the almost 
pure faradaic current corresponding to a particular drop area. 

An instrument has therefore been designed which will switch the polarographic 
current into the measuring device at a predetermined phase in the life of the mercury 
drop. Advantage is taken of the pulse produced by the detachment of the mercury 
drop to trigger the time-delay circuit'. I t  is also possible to obtain the trigger pulse by 
using a special cell in conjunction with photocells, at  the time when the mercury 
detaches itself from the capillary=. The required time delay can be obtained by a 
number of methods. One of the methods employed is to cascade two monostable 

h- ,,,,A 
AMPLICILR 

. 
M.V. 

Fig. I .  Block diagram of the time-delay circuit. 

Fig. 2 .  Wave forms of the time-delay unit: (a), trigger pulse of the polarographic cell; (b), ampli- 
fied trigger pulse; (c), output pulse from the first monostable multivibrator. 
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multivibrators (Fig. I) triggered initially by an amplified pulse from the polarographic 
cell. The second multivibrator is triggered by the rising voltage of the first multivi- 
brator. The pulse width, tl, of the first multivibrator gives the required time delay 
(with reference to the instant when the mercury detaches itself from the capillary) 
after which the polarographic current is switched to the measuring device for a time 
tz, i . e ,  the duration of the pulse width of the second multivibrator (Fig. 2). 

Although the above method was tried successfully, there were certain inherent 
drawbacks, such as irreproducibility, in achieving precise, large time delays, presuma- 
bly due to considerable imperfections in the components employed. 

An instrument based on a Dekatron Scaler as the time-delay unit was developed 
and any predetermined delay could be obtained by employing an auxiliary stable 
audio-oscillator. A diagrammatic scheme of the apparatus is given in Fig. 3. Basic 
time reference is provided by the pulse produced when the mercury detaches itself 
from the capillary at time t = to .  This pulse, after suitable amplification by the 
pulse amplifier (Fig. 4) triggers an Eccles- Jordon bistable multivibrator with the 
result that the previously conducting tube is cut off. The cut-off tube is made to 
conduct, thereby producing gate voltage at the plates of the tubes. The switching 
of the tube from one state to the other occurs very rapidly because of the regenera- 
tive feedback between the tubes. The gating voltage opens the first gate for the 
output of the audio-oscillator whose frequency determines the time delay required. 

Fig. 3. Block diagram of the time-delay circuit. 

1 2 4 x 7  1 2 A X 7  + 3 0 0  V 

f 
Fig. 4. Pulse amplifier. 
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The waves from the oscillator which pass through the time operated gate (Fig. 5) are 
counted by a series of decade counters using Dekatron tubes. The scaler used for the 
delay unit produces one pulse for every thousand waves received. If the time delay 
required is 3 sec, the frequency of the oscillator is set to ~ooo/g = 333.3 clsec. The 
precision of the instrument is limited only by the reliability, stability, and calibration 

-1oav o* 79 
U I 

Fig. 5. Time-delay unit. 

Fig. 6. Wave forms of the time-delay unit: (a), trigger pulse from the polarograph; (b), amplified 
trigger pulse; (c), gating pulse from the bistable multivibrator; (d), audio-oscillator output 
passing to the Dekatron scaler through the first gate; (e), trigger pulse to monostable multivi- 

brator; (f), gating pulse to operate the second gate; (g), return pulse to close the first gate. 
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of the audio-oscillator used. The output pulse from the scaler, triggers a cathode- 
coupled, monostable multivibrator which produces a square pulse of a predetermined 
width (i.e. equal to the period during which the polarographic current is to be 
switched on to the measuring device through the second successivegate). The gating 
pulse is also fed back in order to restore the bistable multivibrator to the original 
state, thereby closing the first gate for the oscillator output to enter the scaler. The 
wave forms are indicated in Fig. 6. 
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The Principles of Electrochemistry, by D .  A. MAC INNES, Dover Publications, N.Y., 1961, 478 
pages, $ 2.35. 

The first edition of this book appeared in 1939. I t  has now been republished with only minor 
additions, so that the whole treatment is very old-fashioned and outmoded. 

From the title, it is clear that this book is concerned mainly with the basic principles of elec- 
trochemistry, with the exception of four topics which cannot be considered to be basic principles 
2.e. p ~ ,  potentiometric titrations, the use of conductance for various physico-chemical investi- 
gations, and the passivity of metals. Other very important basic topics are, however, completely 
ignored, e.g. electro-chemical kinetics are not considered, and hydrogen overvoltage, the only 
kinetic topic treated, is only superficially dealt with. The material is treated in a rather disorga- 
nized way, e.g. conductance is dealt with in chapter 3,  in connection with the classical theory 
of dissociation, and then again in chapter 18, after some theory and after galvanic cells, in con- 
nection with inter-ionic theory of electrolytes. Basic concepts of this electrical quantity are thus 
divided between two different, and separate, chapters. 

The most autstanding defect of this book is the lack of modernity: Volta and Galvani potentials 
are not mentioned at  all; the fact that the so called EMF is actually measured as a difference of 
potentials between two electrodes, and hence its sign depends on the order of the phases in a 
galvanic cell is also ignored, and other similar omissions could be given. Concepts essential for 
a sound understanding of electrochemistry could be ignored in 1939, but such is not the case in 
1962. In addition, some errors were overlooked in the manuscript, e.g. de lack of distinction 
between a differential and finite quantity (see eqns. 10, 13 and 14, p. 103). The enumeration of 
defects could continue, but this is enough to give an idea of the general level of this book. I t  is 
the opinion of the reviewer that this book cannot be given to students to introduce them to 
electrochemistry. Also, it cannot be used as a reference source because all the references are twenty 
years old, or even more, and because nearly all the numerical material is old and superceeded. 

GIULIO MILAZZO, Istituto Superiore di Sanith. Rome 
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Inorganic Chemistry of Qualitative Analysis, by A. F. CLIFFORD, Prentice-Hall, Inc., Englewood 
Cliffs, N.J., 1961, xvii + 515 pages, 68 figs., 102 tables, S 6.95. 

It is difficult to offer a better description of the present state of qualitative analysis than that 
given by Clifford: "It has long been recognized by instructors of undergraduate chemistry that 
there is little need to teach qualitative analysis for its own sake. Actual analyses are very seldom. 
carried out in this manner any longer. I t  is nevertheless true that the classical analytical scheme 
is one of the best vehicles ever devised for teaching the systematics of inorganic chemistry". 
His present work is an excellent treatise, dealing with a possible system which could be evolved 
for qualitative analysis as a didactical possibility for the consolidation of the terms of inorganic 
chemistry proper. One of the many advantages offered by his book is that it  also includes a 
practical part summarizing the teaching experiences of the author. 

In the introductory chapters, the structure of matter, some important terms such as ionic 
radius, atomic distance, intramolecular electron distribution, dipole moment, electronegativity, 
solubility, equilibrium reactions occurring in solutions, reaction rate, heterogeneous equilibria, 
solubility function, various factors affecting solubility, etc. are explained to the reader. At the 
same time, the correctness of the terms explained is supported by a great number of experimental 
data. The fundamental explanations are followed by descriptions of the investigations of flame 
colours, and practical qualitative analysis of alkali and alkaline earth metals. 

Qualitative analysis of class ~ ( a )  of the Fresenius system is introduced by a study of halides 
and oxides insoluble in acids. In the part dealing with sulphides insoluble in acids (insolubility 
in weak acids and bases is also considered), the method of separating the elements of classes 

(b) and 2 of the Fresenius system by thioacetamide is presented. Subsequently, an entire chapter 

J .  Electroanal. Chem., 5 (1963) 162-163 



BOOK REVIEWS 163 

is devoted to polybasic acids and bases, and the application of their equilibrium conditions in 
calculations is described very clearly. A chapter summarizing insoluble hydroxides and sulphides 
insoluble in alkalies follows. However, before discussing practical procedures, the author deals 
in detail with hydrolysis, and with its quantitative aspects. 

The chapters on simultaneous equilibria and amphotery are excellent. A complete system of 
detection of metal ions is presented in connection with amphotery proper. 

The structure of molecules (including that of complex compounds) is treated by the author 
in a most meritable way. However, this is the sole chapter in CLIFFORD'S book where one has 
the feeling that perhaps a more detailed text would be necessary. Since the author emphasizes 
in his foreword that the book represents only part of a system of education, the above-mentioned 
deficiency is only valid for some methods of teaching theoretical chemistry. 

With elements having negative oxidation states, redox equilibria are treated. In this connec- 
tion, reactions suitable for detecting various anions are described. 

After presenting the fundamental terms of electrochemistry, oxidation states of the elements 
are investigated, and then the qualitative analysis of platinum metals is discussed. 

A separate chapter is devoted by CLIFFORD to studies of reaction kinetics. Important funda- 
mental terms are discussed well, and both the simple and more complicated kinetics are illus- 
trated by some excellently chosen examples. The overpotentials of hydrogen and oxygen are 
also treated here. 

The last chapter of the book points out a few anomalies occurring in the periodic system 
which can be easily interpreted. 

The 14 chapters in the appendix consist of some tables and a few calculated examples. 
As an educational aid, the book by CLIFFORD is a masterpiece of its kind. The value of the 

book lies in the fact that it is written in an excellent style, and guides the reader through the 
fundamental terms of chemistry. I t  is particularly useful for university students because sum- 
marizing questions are included at the end of each chapter, which enable the reader to repeat 
the contents of the chapter concerned easily. 

E. PUNGOR, The University, Budapest 
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Chromatographische Methoden i n  der analytischen und praparativen anorganischen Chemie, (unter 
besonderer Beriicksichtigung der Ionenauscher, Die Chemische Analyse. Vol. 46, by Priv. Doz. DR. 
E. BLASIUS, Ferdinand Enke Verlag, Stuttgart, 1958, xx + 370 pages, 139 illustrations and 40 
tables, D.M. 99. 

This book deals with inorganic chromatography in all its aspects, including the theoretical 
physical chemistry of the processes involved. A long chapter is devoted to equilibrium processes, 
ion exchange equilibria etc., and another to a thorough discussion of the theories of chromato- 
graphic elution. The mechanism of adsorption and the ion-solvent-adsorbent interactions are 
also dealt with in detail. Adsorption, ion exchange and partition methods are treated separately, 
with a wealth of information concerning the techniques and materials used. Separations are 
usually listed in well organised tables. Electrophoretic methods in porous media and ion exchange 
membranes are discussed in the last two chapters. 

This volume is by far the most complete reference book in the German language. and it will 
retain its usefulness for many years to come. 

M. LEDERER, Consiglio Nazionale Delle Ricerche, Rome 
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Infrared Methods, Principles and Applications, by G. K .  T. CONN AND D. G. AVERY, Academic 
Press Inc., N.Y., 1960, viii + 203 pages, $ 6.50. 

This book is intended to cover experimental methods and techniques used in infrared spectro- 
scopy. Although the subject has been developingcontinuously for more than sixty years, this is 
the first book giving a comprehensive and compact treatment of technical aspects of infrared 
spectroscopy. 
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The first section of this book is divided into five chapters, each of which is concerned with a 
single part of a spectrograph. Chapter I gives a survey of the sources of infrared radiation, with 
particular emphasis on the near infrared region. The performances and limitations of the most 
popular sources, e.g. Nernst Glower and Globar Road are illustrated in detail. Chapter I1 is an 
exhaustive description of optical components i.e. prisms, windows, cells, filters etc. Although 
little space is devoted to special devices, such as low or high temperature cells or beam polarizers, 
sufficient references are given to original papers. Chapter I11 gives a detailed summary of the 
various types of detectors, and their principles of operation, design and sensitivity. Chapter IV 
deals with electronic amplifiers, and describes some useful types adaptable to different detectors. 
Finally, chapter V illustrates the basic principles and practical design of dispersive systems 
and gives an extremely useful discussion of optical factors affecting the performance of spec- 
trographs. 

The second section is divided into four chapters dealing with practical applications of the 
principles discussed in the first section. Thus, chapter VI describes practical calibration of detec- 
tors, chapter VII describes a simple monochromator. Chapter VIII gives a survey of instruments 
for gas analysis and plant control, and chapter IX covers the basic principles of radiation pyro- 
metry. 

Useful tables of radiant power and photon densities emitted by black bodies at  various tem- 
peratures, and of refractive indices of prism materials a t  different wavelengths, are included. 

Probably the only criticism that can be made of the book is the little attention paid to com- 
mercial instruments. Such instruments are so widely used, and play such an important role in 
molecular spectroscopy, that a detailed analysis of their relative performances by such experts 
as Drs. CONN AND AVERY would have been of great help to practical spectroscopists. 

The authors were able not only to assemble much technical information in a relatively limited 
space, but also to amalgamate the contents by continuous critical discussion. In this respect 
the chapter on dispersive systems is unique in the literature. 

Thus, anyone who encounters technical problems in infrared spectroscopy in his research will 
find this book of the greatest value. 

S. CALIFANO 
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A Textbook of Quantitative Inorganic Analysis, Including Elementary Instrumental Analysis, 3rd 
edn., by A. J .  VOGEL, Longmans, Green & Co., Ltd., London, 1961, xxx + 1216 pages, £3 10s. 

This edition of VOGEL'S well-known book is the 17th impression of a text first published in 1939. 
Since then it has been revised twice, to cope with new analytical methods. This well-establised 
text book has maintained its wide-spread use by generations of students. 

This third edition has been enlarged by some chapters devoted toinstrumental analysis although 
this term can sometimes be misleading. In fact, every analysis, including those made by classical 
methods, is "instrumental", because all use some indicating apparatus, e.g., gravimetric analysis 
uses the balance, and volumetric analysis uses the burette. A preferable term might be "physico- 
chemical" analysis. 

The completely new chapters describe complexometric and coulometric titration, ion exchange 
and chromatographic methods, fluorimetric, nephelometric and turbidimetric analysis, emission 
spectrography and flame photometry, solvent extraction, and high frequency titrations. Besides 
these new techniques, the treatment of gravimetric and volumetric analysis has been much im; 
proved, and the same can be said for the physico-chemical methods already treated in the preced- 
ing edition. This book is an excellent laboratory guide for students beginning quantitative analysis. 
particularly because the apparatus and methods are described in sufficient detail. Perhaps the 
theory could be extended in a future edition, without unduly increasing the size of the book, while 
maintaining its high standard. To give two examples: (I), the theoretical basis of fixed and homo- 
logous pairs, which is fundamental for understanding spectrographic analysis, is hardly mentioned; 
( 2 ) ,  theoretical inter-dependence of the electrical quantities that can be used in high frequency ti- 
trations, and the shape of the analytical diagrams, are not mentioned. Similar remarks could be 
made for other methods, but, in spite of these criticisms, this book is worth while for many analysts. 
particularly because of the abundance of practical detail, and the instructions for "d~+it-yourself" 
devices. 

G. MILAZZO, Istituto Superiore di Sania. Rome 
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