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None of the other assumptions necessary for the 
mathematical analysis of the extended Ilkovic 
problem (sphericity of the drop, isolation of the 
drop, etc.) are innovations, and none should have 
any important effect on the results. They have 
all been discussed previously, e.g., reference 5b. 

The authors wish to thank Dr. H. Strehlow, who called to 
their attention while the present paper was in proof the fact 

Previous articles from these laboratories1'2 have 
discussed the polarographic reduction of the copper 
chelates of several 1,3-diketones in various solvents. 
In particular, the second paper in this series has 
considered the relation between the polarographic 
half-wave potentials observed in the various 
solvents and the structure and electrophilic charac­
ter of the chelate ligand. Considerable variation in 
the diffusion current constants for the reduction of 
the various copper chelates was reported. No 
over-all trend in diffusion current constants was 
apparent, although trends of some significance 
could be noted by comparing small groups of che­
lates possessing similar ligands. The present paper 
investigates the influence of the solvent upon 
the reduction of the copper chelates and demon­
strates that the dielectric constant and viscosity of 
the solution play important roles in determining 
the ease of reduction and the magnitude of the re­
duction current for the electrode reaction in the 
various solvents. 

Experimental 
The polarographic procedures and experimental details 

have been described in the previous papers.1,2 

The viscosities of the ethanol, 2-methoxyethanol and di­
oxane solutions were measured at 25.00 ± 0.01° with an 
Ostwald viscometer. The viscometer was calibrated at 20, 
25 and 30° with water and at 25° with 20 and 30% sucrose 
solutions. Details have been described elsewhere.3 The 
viscosities of the three solutions, each 0.1 M in potassium 
nitrate, are 75 vol. % ethanol in water, 0.0214 poise; 75 vol. 
% methoxyethanol in water, 0.0388 poise; and 75 vol. % 
dioxane in water, 0.0190 poise. The absolute viscosity of 
water was taken as 0.008903 poise at 25°.4 The dielectric 
constants for the ethanol, methoxyethanol and dioxane 
solutions have been taken as those of the pure solvents, 
37.9,5 27.76 and 13.6,5 respectively. 
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that W. Hans and W. Henne (Naturwiss., 40, 524 (1953)) 
had demonstrated experimentally the effect of depletion on 
the rate of growth of the polarographic current. 
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Results and Discussion 
When copper (II) is complexed with the various 

1,3-diketones, stable chelates with the empirical 
formulas CuX2 are formed7'8 where X is the mono­
basic chelate ligand. The primary electrode re­
action for the reduction of these compounds at the 
dropping mercury electrode (DME) is given by 
equation 1 

CuX2 + J^Hg + 2 e - = Cu(Hg)1, + 2X~ (1) 
However, the chelate ions are the conjugate bases 
of very weak acids9 and hydrolyze rapidly in water. 
Hence, the over-all reaction, for which the elec­
trode potential is a measure of the free energy, is 
given by 
CuX2 + yHg + 2H2O + 2e~ = 

Cu(Hg)„ + 2OH- + 2HX (2) 
This investigation has considered the effect of the 
solvent upon (a) the change in the polarographic 
half-wave potential for the reduction of the copper 
chelate according to equation 2, and (b) the 
magnitude of the diffusion current constant for a 
given copper chelate in the various solvents. 

Variation of Ey, with Solvent.—The half-wave 
potential, Ey„ for a rapid (reversible) polarographic 
reaction is a measure of the standard free energy 
of the reaction. For slow (irreversible) reactions, 
the half-wave potential is a function of both the 
heterogeneous rate constant at a standard potential 
and the transfer coefficient and is not necessarily 
related in a simple manner to the free energy for 
the reaction. An excellent discussion of irrever­
sible polarographic processes has been presented 
recently by Randies.10 

(6) S. R. Phadke, N. L. Phalnikar and B. V. Bhide, / . Ind. Chem. 
Soc, 22, 239 (1945). 

(7) M. Calvin and K. W. Wilson, T H I S JOURNAL, 67, 2003 (1945). 
(8) L. G. Van Uitert, W. C. Fernelius and B. E. Douglas, ibid., 75, 

457, 2736 (1953). 
(9) L. G. Van Uitert, C. G. Haas, W. C. Fernelius and B. E. Douglas, 

ibid., 75, 455 (1953). 
(10) G. W. C. Milner, "The Principles and Applications of Polarog-

raphy and Other Electroanalytical Processes," Longmans, Green 
and Co., New York, N. Y., 1957, p. 53 ft. 

[CONTRIBUTION FROM THE AVERY LABORATORY OF THE UNIVERSITY OF NEBRASKA] 

Polarographic Reduction of Copper Chelates of 1,3-Diketones. III. Solvent Effects 

BY E. R. NIGHTINGALE, JR., AND HENRY F. HOLTZCLAW, JR. 

RECEIVED NOVEMBER 8, 1958 

The influence of the solvent upon the polarographic reduction of the copper chelates of some 1,3-diketones has been investi­
gated. The half-wave potential is demonstrated to vary linearly with the reciprocal of the dielectric constant of the solvent, 
and this is attributed to the difference in the free energy necessary to charge the ionic products of the electrode reaction in the 
dielectric medium of the various solvents. The diffusion current constants of some chelates are observed to obey a Stokes-
Einstein relation when corrected for the differences in the viscosities of the solutions. For certain of the substituted dike-
tones, the Stokes-Einstein relationship is less satisfactory. These deviations are interpreted in terms of the size and struc­
ture of the substituted chelate molecule. 
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The current-potential curves observed for the 
reduction of the copper chelates investigated in 
these studies are not reversible. Consequently, 
comparisons of the half-wave potentials for these 
reactions are meaningful only if the standard rate 
constants and the transfer coefficients are known, 
or alternately, if the half-wave potentials can 
independently be shown to be a function of the re­
action equilibria. The significance of half-wave 
potentials for slow reactions has been considered 
by Berzins and Delahay.11 For the reaction of a 
series of structurally similar substances, the trans­
fer coefficients will not vary appreciably and may be 
assumed to be approximately constant. A recent 
study of the reduction of organic nitro-compounds 
by De Vries and co-workers has demonstrated that 
the transfer coefficient for the reduction of a given 
compound is essentially constant and independent 
of the nature of the solvent.12 Although rate con­
stants at any given potential may be calculated 
from the ratio of i/io according to the method of 
Koutecky,13 these rate constants cannot be related 
to those at a single standard potential since the 
variation of the potential in the various solvents 
is unknown. 

The significance of the present set of half-wave 
potentials is supported by the pH measurements of 
Van Uitert for the evaluation of the acid dissocia­
tion constants and metal complex formation con­
stants for some 1,3-diketones.8'9'14 In mixed 
water-dioxane solutions, the logarithm of the acid 
dissociation constant is a linear function of the 
mole fraction of water in the solvent. In 75 vol. 
% dioxane solutions, the formation constants for 
the copper(II) chelates are a linear function of the 
acid dissociation constants. The half-wave po­
tentials for the reduction of the copper(II) chelates 
reported previously1,2 are a linear function of the 
logarithm of formation constants reported by Van 
Uitert, from which it fowllos that the half-wave 
potential for the reduction according to equation 2 
provides a valid indication of the over-all change in 
free energy for the reaction. 

According to the Born equation, the free energy 
necessary to charge a spherical ion of radius r in 
a medium with dielectric constant e is given by 

AF = s% 2 /2^ (3) 

where z is the charge of the ion and e is the magni­
tude of the unit electrical charge. As a con­
sequence of reaction 2, it may be assumed that the 
primary difference in the free energy required for 
the reduction of a given copper chelate in the var­
ious solvents arises from the free energy necessary 
to charge the ionic product of the reaction, the 
hydroxide ion, in one solvent as compared with 
another. From equation 3 the difference in the 
work necessary to charge the hydroxide ion in 
solvent 1 as compared with solvent 2 is, per mole 
of CuX2 reduced 

AF = NzV/r ( l /£2 - 1/ei) (4) 

(11) T. Berzins and P. Delahay, THIS JOURNAL, 75, 5716 (1953). 
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or 
AF = 139 X 103 z2/r X A (1/e) ergs (5) 

Assuming that the radius of the hydroxide ion is 
1.76 A.,16'16 the change in the polarographic half-
wave potential is given by 

or 
AEi/, = - 4 . 0 9 X A ( l / 0 volts (7) 

In this derivation, no allowance has been made for 
changes in the energy of solvation of the hydroxide 
ion in the various solvents. In solvents of rela­
tively high dielectric constant containing nominal 
fractions of water, it is probable that the solva­
tion energy does not change sufficiently to affect this 
approximation. Amis17 recently has considered 
the nature of the ionic solvation in mixed solvent 
systems containing water and presents evidence 
that, for systems containing more than about 10% 
water, the hydration of ions does not change ap­
preciably in the mixed solvent systems. However, 
in solvents of low dielectric constant such as the 
dioxane solutions, this approximation may not be 
sufficiently rigorous, and evidence is presented 
(vide infra) that the divalent aquocopper(II) ion is 
more extensively hydrated in the dioxane solutions 
than in those with higher dielectric constants. 

Figure 1 plots the reciprocal of the dielectric 
constant as a function of the half-wave potential 
for the reduction of several copper chelates. For 
the copper chelates of 2,4-pentanedione and the 3-
substituted-2,4-pentanediones, the shift in 1/e 
is approximately constant with half-wave potential. 
Except for the 3-phenyl-2,4-pentanedione chelate, 
the experimental values for A£i/s/A(l/e) of about 
— 3.5 v. compare favorably with the calculated 
value of —4.09. The half-wave potentials for the 
reduction of aquocopper(II) as a function of 1/e 
have been included in Fig. 1 for comparison. 
The positive slope of the plot for this ion is of 
opposite sign to that for the reduction of the copper-
chelate molecules because the difference in the free 
energy arises from the discharging of the ionic 
reactant, the aquocopper(II) ion. 

Variation of D with Solvent.—In the previous 
papers,1,2 the diffusion current constants calcu­
lated on the basis of the Ilkovic equation18 were 
reported for a number of the copper chelates in the 
three solvents, but no significant over-all trends 
were apparent to correlate these values in a single 
solvent nor in comparisons between solvents. 

For diffusing particles that are large compared 
with the size of the water molecules, the Stokes-
Einstein relation predicts that the diffusion co­
efficient D is inversely proportional to the vis­
cosity i) of the solution or that Dr) is equal to a 
constant. The applicability of the Stokes-Ein-
stein relation to polarographic reactions in aqueous 
so lu t i ons p r e v i o u s l y h a s b e e n verified for t h e r e ­
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duction of metal ions19 and for the reduction of 
maleic acid, Orange II and for the oxidation of 
ascorbic acid.20 The applicability of the relation 
in non-aqueous solvents has been verified21 for the 
reduction of several nitroalkanes in solvents vary­
ing in viscosity from 0.5 to 950 centipoise. 

The average diffusion current, in, at a dropping 
mercury electrode is given18 by 

J'D = 607WJD1A CWVK1A (1 + kDl/n'/m-'/>) (8) 

where D is the diffusion coefficient and C is the con­
centration of the reacting species, m is the mass 
of mercury flowing per second and t is the drop-
time for the electrode. The numerical value for k 
appears to depend upon the nature of the electro-
active substance and the characteristics of the drop­
ping electrode and has been reported variously as 
17,22 31.52' and 39.24 Presumably, k also depends 
upon the nature of the solvent, but the applicabil­
ity of equation 8 has not been tested rigorously for 
non-aqueous solvent systems. In this work, the 
Lingane-Loveridge value of 39 for k has been chosen 
for the calculation of the diffusion coefficients. 

Using equation 8, the values of the diffusion 
coefficients have been calculated for a number of 
the copper chelates of the 1,3-diketones. Table I 
compares the values of Dt) for those species for 
which diffusion current constants were reported in 
the previous papers.1'2 I t is observed that, within 
experimental error, the Stokes-Einstein relation 
is obeyed for the reduction of the copper com­
plexes of 2,4-pentanedione, 3-methyl-2,4-pentane-
dione, 3-«-propyl-2,4-pentanedione and 1,1,1-tri-
fiuoro-2,4-pentanedione and for the reduction 
of the aquocopper(II) ion. The failure of the 3-
ethyl-2,4-pentanedione to exhibit the proper re­
lation is not explained. The anomalous value for 
the copper(II) ion in dioxane almost certainly 
arises from an abnormally large hydration of the 
divalent ion in a solvent with low bulk dielectric 
constant. From equation 3, it may be seen that 
the free energy of solvation of an ion increases ap­
preciably when the ion is solvated in a solvent of 
low dielectric constant. Because of the increase 
in the solvated (i.e., hydrated) radius of the ion, 
the ion diffuses more slowly through the solution 
and the diffusion current constant decreases. The 
failure of the Dr) values for the 3-phenyl and 3-
benzyl derivatives to agree more closely results at 
least partially from the extremely low solubilities 
of these species in the solvents and the resulting 
difficulties associated with the polarographic 
measurements. 

It is interesting to consider the change in the 
Di) values as various groups are substituted in the 
3-position on the diketone ligand. The normal 
magnitude of Dr) for bis-(2,4-pentanedione)-cop-
per(II) is approximately 0.074. Upon substitution 
of the methyl and other groups in the 3-position, 
the value is lowered to 0.04 or less. The molecular 

(19) D. M. Brasher and F. R. Jones, Trans. Faraday Soc, 12, 775 
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Fig. 1.—Variation in 1/e with JS'A f ° r reduction of copper 

(II) complexes with 1,3-diketones: A, aquocopper(II); 
B, l,l,l-trifluoro-2,4-pentanedione; C, 2,4-pentanedione; 
D, 3-benzyl-2,4-pentanedione; E, 3-phenyl-2,4-pentane-
dione; F, 3-n-propy 1-2,4-pentanedione; G, 3-methyl-2,4-
pentanedione; H, 3-ethyl-2,4-pentanedione. 

radius of the copper complex with 2,4-pentanedione 
is calculated to be approximately 4.5 A.25'26 As­
suming that the solvation, if any, of the complex 
remains unchanged, the substitution of a methyl 
group in the 3-position will increase the molecular 

TABLE I 

STOKES-EINSTEIN PRODUCT FOR COPPER CHELATES'* 

1 

2 

3 

4 

5 

6 

7 

8 

Ligand 

( Aquocopper( H)) 

2,4-Pentanedione 

3-Methyl-2,4-pentane-
dione 

3-Ethyl-2,4-pentanedione 

3-M-Propyl-2,4-pentane-
dione 

3-Phenyl-2,4-pentane-
dione 

3-Benzyl-2,4-pentane-
dione 

l,l,l-Trifluoro-2,4-
pentanedione 

Solvent& 

Water 
E 
M 
D 

E 
M 
D 

E 
M 
D 

E 
M 
D 

E 
D 

E 
D 

M 
D 

E 
M 
D 

Diffusion 
coef­

ficient, 
D, 10« 

cm.Vsec. 

6.00 
2.83 
1.74 
1.83 

3.49 
1.94 
3.78 

1.61 
1.00 
2.26 

1.37 
0.80 
2.16 

2.04 
2.27 

1.64 
1.19 

0.57 
1.61 

2.22 
1.15 
2.03 

Stokes-
Einstein 
product, 

0.054 
.060 
.067 
.035 

.075 

.075 

.072 

.035 

.039 

.042 

.029 

.031 

.041 

.044 

.043 

.035 

.023 

.022 

.030 

.047 

.044 

.039 
"0 .1 M potassium nitrate supporting electrolyte. See 

Table I I , ref. 2 . b E = 75 vol. % ethanol; M = 75 vol. % 
me thoxy ethanol; D = 75 vol. % dioxane. 

radius by 1.5 A. or about 34%. This increase is 
reflected in the 45% decrease in the value of D^ 
for the 3-methyl complex. I t is difficult to predict 
the effective radius for other ligand substitutions, 

(25) R. E. Rundle and L. Dahl, 123rd National Meeting, American 
Chemical Society, Los Angeles, Calif., March, 1953, Abstract p. 33-P 

(26) E. A. Shugam, Doklady Akad. Nauk, S.S.S.R., Sl, 853 (1951) 
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however, because those species which are free to 
rotate or coil about in the plane of the copper 
chelate ring may exhibit a larger diffusion coefficient 
than those ligands whose rotation is restricted. 
For example, a phenyl group substi tuted in the 3-
position of 2,4 - pentanedione cannot become 
coplanar with the heterocyclic ring of the chelate 

molecule and results in a marked decrease in the 
Di) value (Table I) . 
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The kinetics of the reaction U(IV) + Tl(III) -*• U(VI) + Tl(I) were examined in aqueous perchloric acid solution and 
found to be of the form -d[U(IV)]/d* = [U4 + ][TF + ] (^1[H

 + ] - 1 + fe[H + ]~2). The two rate constants were identified with 
reaction paths involving activated complexes of the compositions (U-OH-Tl)6+ and (U-O-Tl)5+, respectively. The corre­
sponding heats and entropies of activation, evaluated from rate measurements over the temperature range 16 to 25°, are 
AH1* = 24.6 kcal./mole, AH2* = 21.7 kcal./mole, ASi* = 16 e.u. and AS2* = 7 e.u. The effect of ionic strength and the 
specific effects of various anions and cations on the rate were examined. The results suggest, but do not demonstrate con­
clusively that the reaction occurs through a single two-equivalent step rather than through successive one-electron changes. 

Introduction 
This work forms par t of a program of investiga­

tions being conducted in this Laboratory2 on the 
kinetics and mechanisms of simple inorganic oxi­
dation-reduction reactions between two-equivalent 
oxidants and two-equivalent reductants. The 
present reaction 

U(IV) + Tl(III) >• U(VI) + Tl(I) (1) 
is of this type. One objective of these studies is 
to determine whether reactions of this type occur 
in a single step or through successive one-electron 
changes. 

Of immediate interest in connection with the 
present s tudy are earlier kinetic investigations of 
the oxidation of U(IV) to U(VI) by other oxidants 
including Fe( I I I ) , 3 Ce(IV),4 Pu(VI)5 and O2.

8 In 
each of these systems the evidence suggests tha t 
the over-all reaction involves two successive one-
equivalent changes, U(V) being formed as an 
intermediate. I t is probable that the mechanisms 
of the first three of these reactions, involving one-
equivalent oxidants, are all of the type 

slow 
U(IV) + Fe(III) > U(V) + Fe(II) (2) 

fast 
U(V) + Fe(III) >• U(VI) + Fe(II) (3) 

On the other hand the reaction of U(IV) with O2, 
a multi-equivalent oxidant, proceeds through a 
chain mechanism of the type 

Initiation: U(IV) + O2 >- U(V) + HO, (4) 
( U(V) + O2 >• U(VI) + HO2 (5) 
(HO2 + U(IV) >• U(V) + H2O2 (6) Propagation: 
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In the light of this it seemed of interest to examine 
the oxidation of U(IV) by a two-equivalent metal 
ion oxidant, and Tl ( I I I ) whose reactions with 
other reducing agents have been extensively in­
vestigated from related standpoints was considered 
a logical choice for this purpose. Some measure­
ments also were a t tempted on the oxidation of 
U(IV) by the isoelectronic ion, Hg(H) , and it is of 
interest tha t this reaction, although also thermo-
dynamically favorable, was found to be too slow for 
convenient kinetic study. 

Experimental 
Stock solutions of thallium(III), thallium (I), uranium(IV) 

and uranium (VI) perchlorates and of sodium perchlorate 
were prepared as described earlier .2b-6 Silver perchlorate, 
obtained from G. F. Smith Co., was purified by recrystalli-
zation from perchloric acid. All other chemicals were of re­
agent grade. Water was purified by redistillation from al­
kaline permanganate in a Pyrex still. 

The kinetic measurements were made by measuring the 
U(IV) concentration with a Beckman DU spectrophotome­
ter using the 6500 A. absorption peak; at this wave length 
interference from U(VI) and other ions was found to be 
negligible. To minimize zero-time errors, the reaction was 
started by mixing suitable aliquots of solutions of the sepa­
rate reactants, which previously had been brought to the 
reaction temperature. In most of the experiments the 
readings were made on the same sample of solution which 
remained in the spectrophotometer cell compartment (ther-
mostated to ±0.1°) throughout the reaction. Identical 
results were obtained when the reacting solution was kept 
in a thermostated water-bath and sampled periodically for 
analysis. 

Results and Discussion 
I t was established tha t the stoichiometry of the 

reaction conforms, within experimental error, to 
equation 1. At constant HCIO4 and NaC104 
concentrations, the kinetics were found to be con­
sistently of second order (first order each with 
respect to U(IV) and to Tl( I I I ) ) , as shown by the 
linear second-order kinetic plots in Fig. 1. The 
apparent second-order rate constants, k', de­
termined from the slopes of these plots were un­
affected by variation of the initial U(IV) concen­
tration between 0.0035 and 0.011 M and of the 
initial T l ( I I I ) concentration between 0.005 and 


