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In order to increase the sensitivity of Procedure 
B, volumetric flasks as small as five ml. could be 
used for reaction of the oxalate with eerie ion. In 
this case, all solutions would have to be carefully 
weighed, bu t an improvement in sensitivity by a 
further factor of ten should result. This would en­
able light intensities of the order of 1 X 1013 

quanta /sec . to be measured to 5 % or bet ter accu­
racy with a one-hour exposure. 

The molar extinction coefficient of the dye pro­
duced when malachite green leucocyanide is em­
ployed as an actinometer9 is 9.49 X 104, and tha t of 
the ferrous-phenanthroline compound,10 formed af­
ter photolysis of potassium ferri-oxalate, is 1.1 X 
104. These extinction coefficients may be com­
pared to 5.4 X 103 for eerie ion a t 3200 A. Thus by 
the spectrophotometric procedure the uranyl oxa­
late actinometer seems capable of a sensitivity 
within a factor of about twenty of tha t of the mala­
chite green leucocyanide actinometer10 and within a 
factor of about two of t ha t of the potassium ferri-
oxalate actinometer.1 1 I t may be tha t by using a 
suitable, very highly colored oxidation-reduction 
indicator to reduce the excess eerie ion quant i ta­
tively one might further increase this sensitivity. 
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I t is desirable to have values of the bisulfate dis­
sociation quotient in solutions of uni t ionic strength 
to permit comparisons of the relative stabilities of 
cations complexed by sulfate ion. A value of 0.24 
was calculated by Rabideau and Lemons2 for the 
dissociation quotient of the bisulfate ion a t unit 
ionic strength and 25° from the solubility of calcium 
sulfate in acid-salt solutions. Zebroski, Alter and 
Heumann 3 estimated the value of the acid quotient 
to be 0.084 ± 0.020 a t an ionic strength of 2.0 from 
pYL measurements of solutions of sodium sulfate, 
sodium perchlorate and perchloric acid. 

The procedure used in this work was to measure 
(1) This work was done under the auspices of the A.E.C. 
(2) S. W. Rabideau and J. F. Lemons, THIS JOURNAL, 73, 2895 

(1951). 
(3) E. L. Zebroski, H. W. Alter and F. K. Heumann, ibid., 73, 5646 

(1951). 

the electromotive force of the cell: Pt , H2 ; HClO4-
(C1), NaClO4 (C2); HClO4(Ci), NaClO4(C2), Na2-
SO4 (C3); H2, P t . Because of the high ionic strengths 
used in this cell the calculation of the liquid junc­
tion potential is not feasible, consequently an em­
pirical approach was adopted. The proportionality 
constant, k, in the equation 

E = fclog[H]2/[H]i 

relating the cell e.m.f., E, with the ratio of the hy­
drogen ion concentrations in the two cell compart­
ments was obtained by t i trat ing the perchloric acid 
in one-half of the cell with standardized sodium hy­
droxide which contained sufficient sodium perchlo­
rate to maintain the ionic strength at unity through­
out the t i tration. Only a small fraction of the total 
perchloric acid was neutralized in each titration. 
No sodium sulfate was present in the determination 
of the values of the proportionality constant. I t 
was assumed tha t the low concentrations of sulfate 
and bisulfate made little contribution to the liquid 
junction potential in the ti trations in which sodium 
sulfate was added to the perchloric acid-sodium 
perchlorate solutions. Values obtained for k were 
- 0 . 0 5 7 9 ± 0.0002, - 0 . 0 4 6 1 ± 0.0007 and - 0 . 0 1 7 5 
± 0.0004 for the 0.01, 0.10 and 1.0 M perchloric 
acid solutions, respectively. 

Values of the dissociation quotient for the bisul­
fate ion were obtained from the variation of the 
cell potential as a function of the sodium sulfate 
concentration by the considerations 

[H], = [H]1 10--E/* = [H]i 7 

where the subscripts i and f denote the initial and 
final states, E is the cell e.m.f. and k is the propor­
tionality constant 

[HSO4-], = [H]1 R - [H]i 7 = [H]1 (R - 7) 

R is the dilution ratio, V-J(V\ + FNa!so4), where V 
is the solution volume. Then 

K = [H[,[S04-] ,/[HSO4], = 

{y/(R - 7)!! [SO4J1 - [Hh(R- 7)! 

The mean values of the bisulfate dissociation quo­
tient obtained in perchlorate solutions of unit ionic 
strength varied with the acidity. The results are 
0.095 ± 0.002, 0.084 ± 0.012 and 0.30 ± 0.08 in 
0.01, 0.10 and 1.0 M perchloric acid, respectively. 
The results of the ti tration with sodium sulfate in 
0.01 M perchloric acid-0.99 M sodium perchlorate 
are given in Table I. Within the experimental er­
ror the values of K in 0.01 and 0.10 M perchloric 

TABLE I 

DETERMINATION OF BISULFATE DISSOCIATION QUOTIENT IN 

0.01 M HClO4-0.99 M NaClO4 

[H]i, 
moles/1. 

0.01058 

[SO4Ji, 
moles/1. 

2.897 X 10-» 
5.479 
1.035 X 10-s 
1.999 
2.697 
3.666 
4.722 
5.463 

R 

0.9998 
.9997 
.9995 
.9990 
.9986 
.9981 
.9975 
.9971 

E, 
volts 
X 10« 

72.1 
133.2 
260.3 
455.4 
641.9 
898.9 

1174.3 
1388.7 

7 

0.9971 
.9947 
.9897 
.9820 
.9748 
.9648 
.9543 
.9463 

Mean 

0 

0 

K 

.096 

.098 

.094 

.105 

.100 

.096 

.094 

.092 

.095 ± 0 . 0 0 2 



5502 N O T E S Vol. 77 

acid solutions are equal; however, it appears tha t 
in spite of the fact t ha t the ionic strength was held 
at unity, the activity coefficient product is signifi­
cantly different in molar perchloric acid as com­
pared with the more dilute acid solutions. 

Experimental 
The electromotive force of the cells was measured to the 

nearest 0.1 microvolt with a type K Leeds and Northrup 
potentiometer. The hydrogen used for the hydrogen elec­
trodes was purified with alkaline permanganate, sulfuric 
acid, alkaline pyrogallol and heated copper. Mallinckrodt 
analytical reagent grade sodium sulfate was used. The 
sodium perchlorate was prepared by the reaction between 
C P . sodium carbonate and perchloric acid. The perchloric 
acid was standardized against mercuric oxide. The tem­
perature of the cells was maintained at 25.00 ± 0.05° by 
circulating thermostated water in the jacket of the cell con­
tainer. Initially no sodium sulfate was present in the right 
compartment of the cell and the measured e.m.f., which 
should have been zero, was generally less than 20 micro­
volts. Two hydrogen electrodes were used in each half of 
the cell and these were intercompared by means of a switch­
ing arrangement. Standardized sodium sulfate solution 
was added in small increments from a weight buret. The 
solutions were stirred with magnetic stirrers and the cell 
e.m.f. was recorded after each addition of sodium sulfate. 
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Uranyl ion forms an insoluble cupferron salt in 
neutral solution; this compound, UO2NH4(CUp)3, 
is insoluble in organic solvents.2 A second, ether-
arid chloroform-extractable form appears to exist 
in acid media, bu t only in small proportions in very 
concentrated uranium solutions.20 Uranium(IV) 
forms brown U(Cup)4 which is insoluble in up to 8% 
sulfuric acid solution, bu t is quanti tat ively extract-
able into ethyl ether.2c 

Polarographic and other studies in this Labora­
tory indicate the existence, also, of a very stable, 
ether-soluble uranium(III ) cupferrate. While it 
has not been recognized so far as is known, there 
is some independent evidence both tha t U( I I I ) does 
form a cupferrate and tha t this compound must be 
chloroform- and ether-soluble. The reported work 
on cupferron extraction of U(IV) has involved both 
the use of Jones reductors without a subsequent 
aeration step and extraction in the presence of liq­
uid amalgams. The presence of some U( IH) might 
be expected in either case and quanti ta t ive extrac­
tion of the uranium is claimed.20 Grimaldi3 is one 
of the few authors to indicate t ha t U( I I I ) , as well as 
U(IV), cupferrate is involved and tha t U( I I I ) is 

(1) This investigation was supported in part by the Air Force Cam­
bridge Research Center under contract with the Engineering Research 
Institute of the University of Michigan. 

(2) (a) O. Baudisch and R. Furst, Ber., 50, 324 (1917); (b) N. H. 
Fiirman and D. R. Norton, Atomic Energy Commission, Report 
MDDC 1623 (1947); (c) N. H. Furman, W. B. Mason and ] . S. Pekola, 
Anal. Chem., 21, 1325 (1949). 

(3) F. S. Grimaldi in "Collected Papers on Methods of Analysis for 
Uranium and Thorium," V. S. Geol. Survey Bull. 100U, 19 (19S4). 

quanti tat ively precipitated by cupferron in 10% 
hydrochloric acid. 

Experimental.—Conventional polarographic techniques 
were employed, involving manual measurement with a 
Fisher Elecdropode. The polarographic cell-compartment 
was jacketed and thermostatically regulated at 25.0 ± 0.1°; 
a fritted disk and agar plug junction connected to a satu­
rated calomel reference electrode. Distilled water and re­
agents of C P . or reagent grade were employed. Oxygen 
removal was accomplished by purging with tank nitrogen. 

Discussion.—The polarographic behavior of 
uranium in its various oxidation states has been 
very thoroughly studied and is well summarized by 
Rodden.4 In general, aqueous solutions of U(VI) 
in dilute mineral acid exhibit the reduction pat tern 
shown on curve ABC of Fig. 1. A medium of 0.1 N 
sulfuric acid and 0.1 N potassium chloride was em­
ployed in the present study. Wave A is primarily 
due to the one-electron reduction of U(VI) to U(V). 
However, the U(V) disproportionates 

2U(V) > U(VI) + U(IV) (1) 

to reform some U(VI) and to give some U(IV) ; 
consequently, the wave is larger than required for a 
one-electron reduction. Wave BC represents the 
two-electron reduction of U(V) to U ( I I I ) ; the in­
termediate (IV) stage demarcating B from C ap­
pears only a t higher acidities. Wave A is always 
larger than B, and C(IV to I I I ) is approximately 
equal to one-half of A plus B(VI to IV). In 6 Ar 

acid the B wave coalesces with A. 

Fig. 1.—Polarographic reduction of uranium(VI) and of 
cupferron in dilute mineral acid solution. 

Kolthoff and Liberti5 have reported on the polar­
ographic behavior of cupferron. The large reduc­
tion wave which occurs a t more negative potentials 
in alkaline media, s tarts from about —0.8 to —0.9 
v. vs. S.C.E. in 0.1 N acid, as shown by curve D of 
Fig. 1. 

When a solution of I m M uranyl ion in the pres­
ence of 10 m l cupferrate was examined, curve 
E F G H was obtained. The maximum at F is 
largely removed in the presence of 0.005% gelatin. 
Wave E represents the reduction of U(VI) to 

(4) C. J. Rodden, "Analytical Chemistry of the Manhattan Proj­
ect," McGraw-Hill, New York, N. Y., 1950, pp. 596-611. 

(5) I. M. Kolthoff and A. Liberti, THIS JOURNAL, 70, 1885 (1948). 


