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This can be treated as an equation in the two unknowns 
k% and G(t) and can be solved as before. I t is simpler in 
this case to use the method of successive approximation for 
ki. This allows trial values of G(t)/k2 to be determined, 
when 

BK 
&t) 

• ] " " -

is obtained as the dilatometer equation. 
n 

Alternatively it is easy to expand 1/(1 +kit) = ^<ine-»*s< 
o 

and obtain a solution very similar to equations 19 and 20. 
For kit < 2 this can be approximated with good accuracy by 
the first three terms. 

APPENDIX B 
The Dilatometer Equation for First-order Termination.— 

In this appendix only the case when there is no steady dark 
reaction will be considered. Equation 1 is of the form dc/dt 
= 4>Ia. — ktC which may be solved for the period after illumi­
nation to yield 

R/Rp (B l ) 
The average temperature is expressed by the solution of 

equation 7 as 

T = Tpe~'t + ¥!*>? e-"t (' <•(«-*'>/ dj! 
<rp JO 

HRB = Tpe-'t + 
kt) 

-., ( e - M - e-i«) 
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so that 
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is obtained as the dilatometer equation. If k, > > K 

— - Be-'t = (1 - B)e-*t<; In \-.- - 5e~«M = 

In (1 - B) - H 

yields kt directly. 

APPENDIX C 
The Quasi-stationary State Approximation for Heat Flow. 

—The assumption made in equation 6 that (Z>T/dr), is 
proportional to T is equivalent to the assumption that the 
temperature distribution in the system adjusts itself to the 
changes in heat of reaction by passage through a series of 
quasi-stationary states. This is very much like the quasi-
stationary state assumption of Bodenstein which is used 
in dealing with the concentrations of free radicals. The 
conditions for such stationary state approximations have 
been examined in some detail (S. W. Benson, / . Chem. 
Phys. 20, 1605(1952)). In the present instance, this re­
quirement is satisfied by the condition that ki < K, i.e., the 
rate of radical decay and thus of heat liberation be less than 
the rate of cooling. Under these conditions, the tempera­
ture distribution in the vessel will become quasi-stationary 
in a time of the order of magnitude of 1/K. In shorter 
times the system begins to approach adiabatic behavior. 

Some quantitative idea of the approximation can be ob­
tained by inspection of T. By definition 

T - i f Td? (Cl ) 

If for simplicity we consider a spherical vessel of radius ro, 
this can be written as 

T = / ; 
Integrating by parts this becomes: 

TrMv (C2^ 

T = 
ro3 Jo 

(note T = 0 at r = ro) 

If the system passes through a succession of quasi-sta­
tionary states, then it can be verified that in each of these 
( d r / d r ) = bir; (bT/br)n = bir0 where Ji is a function of 
time but not of r. Under these conditions the assumption 
that T K (dT/Z>r)n holds precisely. 

Integrating equation C3 by parts again we obtain 

T--Ti (fr)r, + A So ri O dr (C4) 

The presence of ri under the integral sign means that most 
of the contribution to this integral will come from regions 
of r near ro. This is particularly true since in the non-
stationary states, when b2T/br2 = constant, its largest 
values will be reached near the surface of the vessel, its de­
viations from stationarity being expressible in terms of r and 
higher powers of r. In expressing the deviations from sta­
tionary as (dT/dr) — b\r = bir"1, it can be shown that the 
error of the T approximation is of the order of magnitude 
of birn/obi- When bir0/bi < I , this is not too serious an error. 
Such a condition is satisfied even when ki = x. 
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The rate of the forward reaction in the stoichiometric equation 2NpO2
 +2 + H2O2 = 2NpO2

 + + 2H + 4- O2 has been studied 
in a perchloric acid-sodium perchlorate medium. The rate law deduced, (dNp02

+ /dt) (_o = A[H2O2][NpO2
+2IZ[H+] (1 + 

k , _ _ a . : . ) has been verified for a wide range of the explicit variables. The effects of temperature, ionic strength and 
[NpO2

+ 2J/ 
deuterium on the rate have been determined. 

In previous studies we have attempted to add to 
our understanding of the mechanisms of oxidation-
reduction reactions involving neptunium ions by 
comparing the rate laws and energetics observed 
in deuterium solutions with those observed in solu­
tions where hydrogen is present. Interpretation 

(1) Based on work performed under the auspices of the United States 
Atomic Energy Commission. 

of the results is not entirely unambiguous since 
both reactants are solvated and in addition there 
is always the possibility of solvent participation in 
the activated complex.2 Use of hydrogen peroxide 
as the reductant should provide further information 

(2) The paper most germane to the present investigation is: J. C. 
Sullivan, D. Cohen and J. C. Hindman, T H I S JOURNAL, 79, 3672 
(1957). 
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because we can predict, on the basis of our previous 
results, that any solvent effect on the rate will be 
minimal. 

In addition recent experiments have indicated 
the desirability of obtaining information on the 
kinetics of the reaction between Np(VI) and hydro­
gen peroxide. Although the half-life for a-decay 
of Np237 is quite long (2.2 X 106 years), the radi-
olysis of solution by the a-particles3 leads to the slow 
reduction of Np(VI). Hydrogen peroxide is con­
sidered to be a likely intermediate in this reaction. 

Experimental 
The preparation and standardization of the Xp(V), 

Np(VI), perchloric acid and sodium perchlorate stock solu­
tions have been described previously.2 Approximately 0.1 
M hydrogen peroxide stock solutions were made by diluting 
90% H2O2 (without stabilizer), supplied by Buffalo Electro-
Chemical Co., with triple distilled H2O or D2O. Peroxide 
solutions were analyzed the same day that kinetic experi­
ments were run by titration against standard eerie perchlo­
rate using nitro-ferroin indicator. 

Stock solution aliquots of the neptunium ions, perchloric 
acid and sodium perchlorate (to maintain the ionic strength 
at 3) were added to 5 cm. quartz absorption cells a t room 
temperature. The cells were then placed in the thermo-
stated compartment of a Cary Model 14 M R Recording 
Spectrophotometer. The hydrogen peroxide was thermo-
stated in a water-bath a t the same temperature as the cell 
compartment. 

After temperature equilibrium was attained, the reaction 
was started by adding an aliquot of peroxide to the absorption 
cell. The course of the reaction then was followed either 
by measuring the increase of Np(V) or decrease of Np(VI) 
as a function of time. The Np(V) analysis was made using 
the absorption band a t 9800 A. Analysis for the amount 
of Np(VI) utilized a broad band at 12235 A. The molar 
extinction coefficient of Np(VI) a t this wave length is ca. 
45 at 25°. The extinction coefficient varies with spectro­
photometer slit width, temperature and ionic strength. 
The use of this Np(VI) band for analysis is further compli­
cated because of the presence of water absorption bands 
in this same region. This necessitates the use of large slit 
widths (1.0-1.4 mm.) and very carefully matched blanks 
in order to insure the desired precision. 

Initial concentrations of neptunium and hydrogen per­
oxide were calculated on the basis of the stock solution con­
centrations and the aliquots used. A direct check on the 
calculated neptunium concentration also was made for a 
number of runs by radiometric assay. Satisfactory agree­
ment was obtained consistently. Hydrogen ion concen­
tration was determined directly by titrating samples of the 
solution after the experiment had been completed. Concen­
trations were corrected for changes in solution volume with 
temperature. 

Results 
Within the limits of our experimental error it was 

found that two moles of Np(V) were produced per 
mole of H2O2 added to a Np(VI) solution when 
the initial ratio Np (VI)/H2O2 > 2. I t was there­
fore assumed that the amount of peroxide present 
at any time during the course of the reaction could 
be calculated from the initial concentration and 
the measured concentration of the Np(V) or Np-
(VI). 

It was found that treatment of the rate data in 
terms of a simple bi-molecular reaction did not ade­
quately describe the results. Since most reactions 
in solution are not of higher kinetic order than 
second, it was felt that either a back reaction was 
involved or that peroxide concentrations could not 
be calculated as described above. In order to 
avoid any uncertainty about the peroxide concen-

(3) A. J. Zielen, J. C. Sullivan and D. Cohen, manuscript in prepara­
tion. 

tration, as well as to facilitate the interpretation of 
a possibly complex rate law, a graphical limiting 
slopes technique was employed for the calculation 
of the rate constants. 

The procedure was to plot the observed optical 
density as a function of time on a large scale. A 
smooth curve was drawn through the points, and 
the tangent and normal to this curve at t = 0 
were measured with a Gerber Derivimeter. To 
minimize bias, from 4-6 independent determina­
tions of the limiting rate were made for each experi­
ment.4 The reaction rates are all given with re­
spect to neptunium ions, the concentrations are ex­
pressed in moles/liter and the time is in seconds. 

Initial Rate Law when Np(V)0 = 0.—A series of 
25 experiments was performed at 5° and an ionic 
strength of 3 to establish the differential rate 
equation in terms of the initial concentrations of 
[Np(VI) ], [H2O2] and [H + ]. In these experiments, 
the initial [Np(V)] concentration was zero. The 
results, which are presented graphically in Fig. 1, 

Fig. 1.—Test of initial rate law, [Np(V)]0 = 0, t = 5°, 
n = 3 . 0 : O, H2O2 and H + constant, NpO2

++ varied; • , 
NpO2

++ and H + constant, H2O2 varied; A, NpO2
 + + and 

H2O2 constant, H+var ied; • , NpO 2
+ + , H2O2, H + constant, 

difference in monitoring Np(V) and Np(VI) peaks; T, 
miscellaneous. 

indicate that the observations may be adequately 
described by the rate law 
(dNp(V)/d*)(_„ = - (dNp(VI)/dO<-o = 

R = k [Np(VI)Jo [H202]„/ [H+] (1) 
From these data a mean value of k — 1.97 ± 0.07 
sec. - 1 is obtained. 

Effect of Np(V).—Preliminary experiments indi­
cated that the presence of a finite amount of 
Np(V) markedly decreased the reaction rate. The 
explicit dependence of the differential rate law with 
respect to the Np(V) concentration was deter­
mined by a series of experiments at 5° and ionic 
strength of 3 with varying initial ratios of [Np-
(V)] to [Np(VI)]. The results are presented in 

(4) The Gerber Derivimeter proved to be the most useful instru­
ment we have found to date for the graphical determination of slopes. 
Given a smooth curve, the instrument allows a slope measurement 
with an accuracy of 1-2%. A considerably larger uncertainty arises 
from drawing the "best" smooth curve. We estimated our precision 
on the limiting slope measurements to be about 10%. Analytically 
the pooled standard deviation of the 68 kinetic runs covered in this 
work is 8.8%. 
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where 

,NpO2
12I0 

Fig. 2.—Test of complete rate law equation 9, 5°, ,u = 3.0: 
• , average value of k for 25 runs with NpO2

 + "1" = 0; O, 3 M 
HClO4; D, 2 M HClO4; A, 1 M HClO1. 

Fig. 2. Also shown is the effect on the rate caused 
by change in [H+]. The equation used in the 
preparation of this plot is 

1 ¥ [Np(V) ]„ 
k • k [Xp(Vl)]O 

where Y = [Np(VI) ]0 [H2O2 J0/[H+J0 (i?). By a 
weighted least squares calculation,6 using the value 
previously obtained for k, one obtains a value of 
k' = 2.16 ± 0.13. Equation 1 then becomes 

k [Np(VI)]„ [H2O2]O 

Y = 7 + T - (2) 

R = 
[H' , ) , , ^'[Np(V)Io 

N + [Np(VD]0 

(3) 

The Effect of Temperature, Ionic Strength and 
Deuterium.—The effect of each of these parameters 
was determined by experiments designed to yield 
values of both k and k'. A minimum of at least 
three experiments were performed for each set of 
experimental conditions. Table I summarizes the 
results obtained; deviations are expressed at the 
95% confidence level. 

From these data the apparent Arrhenius activa­
tions energies were found to be Ek = 12.4 ± 1.1 
kcal./mole and Ek' = —1.5 ± 1.4 kcal./mole. 

The variation of k was small over the range of 
ionic strength investigated, but there was a marked 
decrease of k' with decrease in ionic strength. 

From the data in Table I the effect of deuterium 
can be expressed in terms of the ratios £H/&D = 
4.5 ± 0.6 and k'n/k'v = 0.96 ± 0.16. Uncertain­
ties are given for the 95% confidence level. 

Discussion 
The values for the apparent rate constants and 

the form of the differential rate law are valid only 
for the initial rate of the reaction. Transforming 
equation 3 into a differential equation in terms of 
the reaction variable x, the increase in Np(V) con­
centration in time t, and integrating the resulting 
expression we have 

(t) 
{ [H2O2]Q- [NpO2

 + 2]0/2 1 

y i x( [NpO2 

k /[NpO2+2 U[NpO2+^ 

-I + 

+ [NpO2
 + ]Q) 

x)D 
[H2O2]Q + [NpO2

+ ]0/2 
[H2O2]O - [NpO2

+2]„/2 
(4) 

(5) The basic assumption was that all limiting slopes, and hence 
R and Y values, had the same percentage uncertainty. 

Z) = In 
[NpO,+']„( [H1O1]O ~l) 

[H2O2 ]0( [NpO2 ++)„ - *) 

We have not been able to verify the integrated 
form of the rate law experimentally. This is in 
part due to the peculiar algebraic form of the ex­
pression, i.e., the expression becomes essentially 
indeterminate numerically for [H2O2 ]o== [NpO2

+2]oJ 
for [H2O2Io < < [NpO2

+2J0 the range of the depend­
ent variable is small; the expression in the 
brackets on the right-hand side of equation 4 does 

TABLE 1« 

SUMMARY OF THE VALUES OBTAINED FOR k AND k' 
t, 0C. n 

25 3 
20 3 
15 3 
10 3 
5 3 
5 2 
5 1 
5 2.8* 

k, sec. ~l 

8.90 ± 1.57 
6.19 ± 1 . 0 9 
4.55 ± 0 . 8 2 
2.65 ± .46 
1.97 ± .07 
1.68 ± .30 
1.55 ± .27 
0.437 ± .054 

a Number of points for k and k' 
D2O. 

k' 

1.90 ± 0 
1.79 ± 
2.01 ± 
1.60 ± 
2.16 ± 
1.33 ± 
0.98 ± 
2.25 ± 

.41 

.38 

.44 

.38 

.13 

.33 

.23 

.34 
, respectively. 

Points 

4 
4 
4 
3 

25, 13" 
3 
4 
8 

6 Ca.95 

not show significant differences between the first 
and second terms unless [H2O2 ]0 > > [NpO2

+2Jo. 
When the concentration ratio of [H2O2]/[Np-
(VI)] is greater than 1, the integrated rate law 
shows a pronounced deviation from the linearity 
predicted by equation 4. The possible cause for 
the failure of the integrated rate law to hold under 
these conditions can be best discussed in terms of 
the proposed mechanism, 

The empirical rate law is consistent with the 
mechanism 

K 
H2O2 

HO2 + NpO2
+ 2 • 

&2 
HO2 + NpO 2

+ 2 -

HO2 + NpO2
 + 

H + + H O 2 - (5) 

— > NpO 2
+ + HO2 (6) 

- N p O 2
+ + O 2 + H + (7) 

'•>• NpO 2
+ 2 + H O 2 - (8) 

Applying the usual steady-state approximation 
for the concentration of HO2 and solving for the rate 
of production of NpO2

+ we obtain 
d [NpO2

+] _ 2Kk1 [NpO2
+2] [H2O2] 

At [H + ] 1 + 
k, [NpO2 

(9) 

h [NpO2
+2Ji 

In addition to the reactions 5-8 that have been 
postulated as a feasible mechanism, additional re­
actions may occur when the initial hydrogen 
peroxide concentration is high. These reactions 
are 

HO2 + H2O2 —> OH + H2O + O2 (10) 
OH + H2O2 —*- HO2 + H2O (11) 

OH + NpO2
+ > OH- + NpO2

+2 (12) 

The failure of the integrated rate law to hold when 
the concentration ratio of [H2O2]/[Np(VI)] is 
made greater than 1 would be expected if reactions 
10-12 did become important. It also was observed 

(6) Complete tables of original data are available from the authors. 
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spectrophotometrically that high peroxide con­
centration results in the formation of a small 
amount of Np(IV). 

A variety of experiments were carried out to test 
other plausible reasons for failure of the integrated 
rate law: no evidence was found for the existence 
of peroxy-neptunium complexes. The extinction 
coefficients of both the Np(V) and Np(VI) were 
unaffected by hydrogen peroxide: the stability of 
H2O2 was not affected by the 3 M HClO4 media; 
there was no indication of catalytic decomposition 
of H2O2 by Np(VI) and Np(V). 

I t is of interest to examine the proposed scheme 
with respect to parameters not occurring explicitly 
in the empirical rate expression. The mechanism 
proposed implies that k = 2Kki and k' = kz/kz. 
Explicitly this tells us that the apparent activation 
energy for k is the sum of the activation energy for 
reaction 6 and the enthalpy of ionization of H2O2. 
The best value of the latter quantity appears to be 
that given by Evans and Uri.7 They obtained a 
value of AH° = 8.2 kcal. Using their data the en­
ergy of activation of reaction 6 is found to be ca. 4 
kcal./mole. 

The fact that k' is sensibly independent of tem­
perature is not unreasonable on the basis of the 
postulated mechanism. Both reactions 7 and 8, 
involving the perhydroxyl radical as a common 
reactant, could be expected to have low energies of 
activation. The difference between the two ener­
gies would therefore be small and lead to an invari-
ance of k' with temperature. A similar result has 
been obtained in the case of the hydrogen peroxide 
induced Ce(III)-Ce(IV) exchange reaction,8 for 
which oxidation-reduction steps like those in reac­
tions 7 and 8 have been assumed. 

The results obtained when D2O2 was used as the 
reducing agent constitute a special but not critical 
test of the postulated mechanism. The invariance 
of k' in going from H2O to D2O solutions implies 
that reaction 7 is more complex than as written and 
should be presented in more detail as 

NpO 2
+ 2 + HO2 = [NpO 2 -HO 2 ]+2—S-NpO 2

+ + HO2
 + 

(7a) 

H O 2
+ — ^ H + H - O 2 (7b) 

where the dismutation of the activated complex is 
the rate-determining step. Then comparison with 
reaction 8 written in a similar manner as 

k, 
NpO 2

+ + HO2 = [NpO2-HO2]+ — > • NpO 2
+ 2 + H O 2 -

(8a) 

would suggest that the only variation to be ex­
pected would be that caused by the difference in the 
ratio between an 0 -H and an 0 - D vibration fre­
quency in activated complexes which are quite 
similar. 

The dependence of the rate on the inverse of the 
hydrogen ion concentration could arise from mech­
anisms other than the one suggested in equation 5. 
However, the effect of deuterium on k can be inter-

(7) M. G. Evans and N. Uri, Trans. Faraday Soc, « , 224 (1949). 
(8) P. B. Sigler and B. J. Masters, T H I S JOURNAL, 79, 6353 (1957). 

preted in a straightforward manner if the whole of 
the isotope effect is assigned to the pre-equilib-
rium. The activated complex which can be de­
duced from 6 is the same as that shown schemati­
cally in 8a. I t is reasonable to expect only a small 
deuterium isotope effect for reactions of this type 
of molecule. 

Unfortunately a search of the literature failed to 
reveal a measured value for the acid ionization of 
D2O2. However, it was possible to estimate a 
value for the ratio of Kn1OtZKn1O, by a graphical 
method. Using the weak acid dissociation con­
stants tabulated by Gurney9 a smooth curve was 
drawn through the points on a plot of pKn vs. 
K-R/K-D- From this curve in conjunction with the 
value of the dissociation constant of H2O2,

7 an 
extrapolated value of K-R/KD = 4.2 was obtained. 
Too much emphasis should not be placed on the 
agreement between this value and our experimen­
tally determined value ks/kr, = 4.5 because of the 
obvious assumptions that have been made. How­
ever, the fact that the calculated isotope effect is in 
reasonable agreement with experimental observa­
tions can be considered as supporting evidence for 
the mechanism we have outlined. 

The qualitative similarity of the empirical rate 
law for the reduction of Co(III) by H2O2

10 with 
that deduced in this investigation can be con­
strued as indicating corresponding mechanisms for 
the two reactions. However, detailed comparison 
of the two systems, in terms of the differences be­
tween the activation energies (14 kcal./mole) and 
the entropies of activation (49 e.u.), indicates 
variations greater than those to be expected on the 
basis of the charge differences between the two cat­
ions. These differences strongly suggest that Co-
(III) undergoes some reaction prior to the rate-
determining step that is different from any that 
takes place with Np(VI). One possibility is that 
dimerization of Co(III) may occur.10-11 If the 
dimer were involved, it would be possible for the 
oxidation of peroxide to take place as a two-elec­
tron step, giving oxygen directly. In this case, 
differences in the energies and entropies of activa­
tion of the magnitude calculated would not be un­
expected. 

In conclusion it should be mentioned that in the 
oxidation of H2O2 by metallic oxidation-reduction 
systems, stoichiometric data have been most often 
used to support the postulate of successive one-
electron steps.12 Direct evidence for reactions 
similar to 7 and 8 is not found. The present data, 
therefore, furnish the most definite kinetic evidence 
thus far available to support the idea that the oxi­
dation of peroxide occurs in single electron steps 
in such systems. 

LEMONT, ILLINOIS 

(9) R. W. Gurney, "Ionic Processes in Solution," McGraw-Hill 
Book Company, Inc., New York, N. Y., 1953, pp. 150-155. 

(10) J. H. Baxendale and C. F. Wells, Trans. Faraday Soc, 63, 800 
(1957). 

(11) D. W. Weiser, Thesis, University of Chicago, June, 1956. 
(12) J. H. Baxendale, J. Chem. Soc. (London), Spec. Publication 

No. 1, "The Kinetics and Mechanism of Inorganic Reactions in Solu­
tion," 40 (1954). 


