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decrease in the stoichiometric ratio to close to 1 in 
the presence of phenol. The reactions with phenol, 
chloride, and bromide ions show the same trends a t  the 
different hydrogen ion concentrations shown in Tables 
I X  and X as they did in 0.60 M HC104. 

It is also interesting to  note that the maximum in 
the [Cl(III) I/ [U(IV) ratio occurs a t  the same 
starting ratios of [Cl(III) I/ [U(IV) ] under all three hy- 
drogen ion concentrations studied (0.18, 0.60, and 1.50 
M), which suggests that the rate-determining steps are 
independent of the hydrogen ion concentration. 

In an attempt to verify the mechanism shown in eq. 
5 and 6, i t  was shown that ClOz- oxidizes U(1V) more 
rapidly than C12, OC1-, or CIOz. In  order for the ClOz 
to play a major role, i t  would have to be produced and 
oxidize the U(1V) much more rapidly than does the 
ClOz-. 

A series of similar kinetic experiments was carried 
out by following the concentration of U(1V) spectro- 
photometrically. The oxidizing agents used were 
CIOz, ClOz-, and OC1- a t  0 and 25’. Stoichiometry 
appropriate to the observed results was used for calcula- 
tion of the kinetic data. However, i t  should be noted 
that changes in assumed stoichiometry did not mark- 
edly effect the linearity of the second-order rate equa- 
tion and the rate constants were only slightly altered 
by these changes. The apparent second-order rate 
constants for the uranium(1V)-halogenate reaction 
with Cl(III), Cl(IV), and Cl(1) are shown in Table XI.  

Uranium(1V) was most rapidly oxidized by ClOz- 
under all conditions. The relative rates of reactions 

Neither of these situations is true. 

TABLE X I  
SECOND-ORDER RATE CONSTANTS FOR 
URANIUM( IV)-HALOGENATE REACTION 

[U (IV) I ,  [H+l ,  Temp., k,Q M - *  
M Halogen M “C.  sec.-l 

0.0387 0.0297 M Cl( 111) 0.25 0 4 .6  
0.0194 0.0297 M C1( 111) 0.25 0 4.0 
0.0387 0.0297 M Cl(II1) 0.25 25 22 
0.0387 0.0297 M Cl(II1) 1 .30 25 18 
0.0387 0.0323 M Cl(1V) 0.25 25 6 . 5  
0.0304 0.0339 M Cl( I) 0.25 25 4 . 1  
a Apparent second-order rate constant. 

between U(1V) and various halogenates were Cl02- 
> ClOZ > oc1- > Clz > c103-. 

It should be noted that very little if any effect occurs 
with a 5-fold change in the hydrogen ion concentration 
in the apparent second-order rate constant for the U- 
(IV)-Cl(III) reaction. 

Thus, the rate law for the reaction between uranium- 
(IV) and chlorine(III), in agreement with eq. 5 pro- 
posed from the stoichiometric results, does not appear to 
show any hydrogen ion dependence. This suggests 
that the activated complex for the rate-determining 
step most probably contains the species ClOz- and U4+ 
or HC102 and UOHa+. The details of a complete 
kinetic study of the reaction between uranium(1V) and 
the various chlorine-containing halogen species as a 
function of hydrogen ion concentration, added salts, 
and temperature will be discussed elsewhere. 
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The reaction between uranium(1V) and bromine has been studied in 0.7 to 2.0 M perchloric acid at 25’. 
rate constant appropriate to the rate law 

The value of the 

-d[U(IV)lldt = RIU(1V)I [Brzl [H+12- 

was found to be 5.3 X loe4 M sec.-I. 
with the observed rate law are proposed. 

The reaction was markedly catalyzed by Fe(II1). Possible mechanisms consistent 

The preliminary studies by Gordon and Kern1 on the 
reactions of uranium(1V) and various halogenates sug- 
gested that the reaction between uranium(1V) and 
bromine proceeded via a single two-electron path in- 
volving the direct oxidation of U(1V) to U0z2+ and 
the reduction of Br2 to 2Br-. It is apparent from the 
stoichiometry of the reaction 

Brz + U(1V) + 2Hz0  --f U0$2t + 2Br- + 4Hf  

that the concentration of hydrogen ion increases as the 

reaction proceeds and the change of proton activity 
during the reaction could affect the rate. Since i t  is 
difficult to buffer perchlorate solutions without the addi- 
tion of complexing ligands, i t  was convenient to work in 
an acidity range (0.5-2.0 M) which minimized any 
changes in hydrogen ion concentration. 

Tetravalent uranium in solution shows a marked 

(1) D. M. H. Kern and G. Gordon in “Theory and Stiucture of Complex 
Compounds,” B. Jezowska-Tizebiatowska, Ed., Peigamon Press, New York, 
N. Y., 1964, p. 655. 
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tendency toward complex ion formation. A number of 
these complexes have been investigated in perchloric 
acid solution. Ahrland and Larrsonj2 by using meas- 
urements of the U022+-U(IV) couple, have found that 
U(1V) will form weak complexes with chloride and 
bromide in 1 M sodium perchlorate a t  20'. They have 
represented the formation of the bromide complex by 
the equilibrium U4+ + Br- = UBr3+. The constant 
was found to be 1.5 iTf-l ,  

In strongly acid solution there is little doubt that 
uranium(1V) exists as the species C;aq4+.3--j Hietanen 
has studied the hydrolysis of uranium(1V) in 3 M per- 
chlorate medium at  25.0' by means of electrometric 
titration. The results are interpreted in terms of the 
equilibrium Uaq4+ UOH3+ + H+. The hydrolysis 
constant was found to be 1.0 X loF2 under these con- 
ditions. In solutions of low acidity chain-like com- 
plexes are postulated to account for the higher hydro- 
lyzed species. 

The formation of U(V) in solutions of U(1V) and 
UOZ2+ has been demonstrated by HealG in accordance 
with the equilibrium 

2U02+ + 4H+ UOp2+ + U4+ + 2H20 (1) 

The formula, U02+, for the uranium(V) ion in acid 
solutions has been deduced on the basis of detailed 
polarographic Nelson and Krausg have 
quantitatively studied the uranium (IV) - (V) - (VI) 
equilibrium in perchlorate media ; they report that the 
stability of the UO2+ ion increases with decreasing 
acidity. The optimum stability range is from pH 2.5 to 
3.0. They also reported equilibrium constants for the 
disproportionation of UOz+ into UOZ2+ and U4+ over a 
range of ionic strength. The value for K,, increases 

[U022+] [U4+] 
[U02+I2 [H+I4 Keq = 

with increasing ionic strength. At zero ionic strength 
the constant has a value of 1.7 X lo6. 

The kinetics of the disproportionation of UO2+ has 
been studied by Kern and Orlemann,10 Imai," Gordon 
and Taube,12 and Masters and Schwartz.13 

The rate law 

-d(UOz+)/dt = k[H+][UOz+]2 
indicates a decrease in kinetic stability with increasing 
acidity and the value of the specific rate constant in- 
creases with increasing ionic strength. 

Experimental 
The water used throughout the experimental work was distilled 

in an all-metal Barnsted still and passed through an Illco-Way 
Research-Model exchange column. 

(2) S. Ahrland and R. Larrson, Acto Cheni. Scond., 8, 137 (1954). 
(3) H. G. Heal, Tuans. Faraday Soc.,  46, 1 (1949). 
(4) K. A. Kraus and F. Nelson, J .  A m .  Chem. Soc., 72, 3901 (I'J80). 
( 5 )  S. Hietanen, Acla  Chenr. Scond., 10, 1531 (1956). 
( 6 )  H. G. Heal and J. G. N. Thomas, 2'i.ans. F o v a d a y  Soc., 45, 11 (1949). 
( 7 )  W. R. Harris and I. M. Kolthoff, J .  Am. Chcnz. Soc.,  67, 1484 (1945). 
(8) H. G. Heal, Yalzwe, 167, 225 (1946). 
(9) F. Nelson and K. A. Kraus, J .  Ant. Cheiiz. Soc., 73, 2157 (1981). 
(10) D. M. H .  Kern and E. F. Orlemann, ib id . ,  71, 2102 (194Y). 
(11) H. Imai, Bzdl. Chem. Soc. J a p o ? ~ ,  30,  873 (1957). 
(12) G. Gordon and H. Taube, J .  Inoig.  X i t cL ,  Cizcm., 16, 272 (1961). 
(13) B. Masters and L. Schwartz, J. A m .  Chcm. Soc., 83,  2620 (1Y61). 

Uranyl perchlorate was prepared from Mallinckrodt aualytical 
reagent U0g(N03)2.6H20 by two different methods. In  the first 
method, concentrated perchloric acid was added to a solution of 
UOa(hTOa)2 which was fumed to remove the nitric acid. This 
procedure was repeated several times. A portion of the resulting 
uranyl perchlorate was tested to detect the presence of nitrate. 
The concentration of nitrate was shown to be less than 2 X 1 0 P  
:M by using the diphenylamine test. 

In the second method, hydrogen peroxide was added with con- 
stant stirring to a dilute solution of uranyl nitrate to precipitate 
uranyl peroxide. The yellow solid was filtered and washed with 
distilled water to remove nitrate and excess peroxide. The 
uranyl peroxide was thermally decomposed to uranium trioxide 
a t  250" . I4  Completeness of decomposition was verified by adding 
a small sample to 0.4 M perchloric acid. Uranium trioxide dis- 
solves readily but uranium peroxide is only slightly soluble. The 
uranyl perchlorate was prepared by dissolving the urauium tri- 
oxide in a slight excess of perchloric acid. The resulting uranyl 
perchlorate was purified by three recrystallizations. 

Cranium( VI)  was reduced to U( I Y )  by electrolysis by using a 
vigorously stirred mercury cathode and a gauze platinum anode. 
A potential difference of -0.3 volt w. s.c.e. was maintained. 
Provided the solution was kept cold, the reaction went to comple- 
tion with no formation of U(II1) or chloride. The total uranium 
content and acidity of the stock C( IV)  solution was determined 
by using techniques described elsewhere.1J5 

Sodium perchlorate was prepared by neutralizing reagent grade 
sodiuni carbonate with perchloric acid. The calculated amount 
of acid required for complete neutralization mas added slowly t o  a 
rapidly stirred slurry of sodium carbonate in water. The solution 
was filtered through a sintered glass funnel, acidified slightly, 
and boiled to expel carbon dioxide. Solid sodium perchlorate 
was obtained by partial crystallization followed by three re- 
crystallizations. The acid content of the solutions was deter- 
mined by titrating an aliquot directly with sodium hydroxide us- 
ing phenolphthalein as the indicator. A second aliquot was thcn 
passed through a Dowex-50 exchange column to determine the 
total cation concentration. The concentration of the sodium ion 
was taken as the difference between the total cation concentration 
and the hydrogen ion concentration. 

Aqueous solutions of bromine were prepared by adding Dow 
purified grade bromine to water. The solution was shaken vigor- 
ously for approximately 5 min. The stock solutions were stand- 
ardized by adding an aliquot to excess sodium iodide in 0.1 N 
acid and followed by titration with 0.1 N standard sodium thio- 
sulfate by using starch as the indicator. The bromine solutions 
were prepared immediately before each kinetic run. The stock 
liquid bromine was stored in a glass separatory funnel to prevent 
contamination from the lead stopper of the original container. 

The  principal method of analysis used for the kinetic s tud iy  
was the spectrophotometric determination of U(IV)  a t  6484 A. 
by using a Cary Model 14 double beam recording spectropho- 
tometer. The temperature in both compartments of the spectro- 
photometer was controlled a t  25.0" by means of water circulated 
from a constant temperature bath. 

The reactions were initiated by injecting a known volume of 
standardized U(1V) solution into a 25-ml. volumetric flask filled 
to the mark with the desired amounts of bromine water, perchlo- 
ric acid, sodium pcrchlorate, sodium bromide, and distilled water. 
Mixing was accomplished by means of a small magnetic stirrer in 
the volumetric flask. *$.liter complete mixing, an aliquot was 
transferred to a spectrophotometric cell and placed in the sample 
compartment of the spectrophotometer, and the cells were tightly 
stoppered with ground glass stoppers. The first absorbance 
reading was'usually taken inlless than 60 sec. after mixing. 

The uranium was forcibly injected into the bromine solutions 
by means of a Krough-Keys syringe pipet equipped with a 2-cc. 
standard lever syringe. A polyethylene tip was used on the syr- 
inge instead of a normal stainless steel hypoderniic needle to prc- 

(14) G. Gordon and H. Taube, J .  Inorg.  Nzic l .  Cinent., 16, 268 (1961) 
(15) G. Gordon and F. Peldman, Inorg. Chenr., 3, 1728 (1964). 
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vent contamination which might result from bromine or acid 
attack of the stainless steel. The syringe was calibrated to deliver 
a specific volume of liquid by filling it with water and by weighing 
the amount of water delivered. The reproducibility of delivery 
was found to be &0.2%. Before each run, the syringe was filled 
with uranium( IV) solution and brought to thermal equilibrium. 
The volumetric flask containing bromine solution was also ther- 
mally equilibrated. The solutions were then mixed and trans- 
ferred to a spectrophotometric cell. 

The mixing time with this procedure was determined by adding 
acid and indicator to a 25-ml. volumetric flask and diluting to the 
mark. Approximately 5% excess sodium hydroxide was then 
injected by means of the syringe. The  time required for even 
distribution of the indicator color was less than 15 see. 

Results 
A detailed spectrophotometric study of uranium(1V) 

was carried out to determine the effect of U022+, Br-, 
and H +  on the U(1V) spectra. It has been reported 
that U(V) cannot have an extinction coefficient greater 
than 1.5 in this regiong The maximum absorption 
band of U(1V) a t  6484 A. was the most favorable wave 
length a t  which to study the kinetics of the U(1V)-Br2 
reaction with = 0.01 M U(IV), and a t  this wave length 
U(VI), Br2, and Br3- are almost completely transparent. 

The molar extinction coefficient, e, a t  6484 A. of 
uranium(1V) was evaluated to be 60.00 M-l over the 
entire experimental range of acidity. The magnitude 
and constancy of e compare favorably with the results of 
Nelson and K r a ~ s . ~  A final series of spectrophoto- 
metric experiments in which all the components were 
present in concentrations similar to those used in the 
kinetic studies confirmed that U(IV) is the only absorb- 
ing species a t  6484 8. 

Since the preliminary results of Gordon and Kern had 
indicated that the oxidation of U(IV) by Brz followed 
over-all second-order kinetics, the initial kinetic data 
obtained by titrimetric techniques were analyzed by 
using the integrated second-order expression 

where a is the concentration of uranium(1V) and b is 
the concentration of bromine, and (a - x) and ( b  - x) 
are the concentrations of uranium(1V) and bromine a t  
any time, t .  

A graph of 

as a function of time should be linear. The value of 
the rate constant k can be obtained from the slope of 
the line. All of the titrimetric data showed consider- 
able deviation from linearity after 50y0 of the reac- 
tion was completed and the values of k obtained from 
the initial slopes were nonreproducible in the absence of 
bromide ion. 

A spectrophotometric kinetic study was made to de- 
termine the U(1V) dependence under conditions of 
tenfold excess Brz. The linearity of a graph of log 
[U(IV)] as a function of time appears to confirm the 
observations of Kern and Gordon. Other calculations 

2.0 4.0 6.0 8.0 10.0 
TIME (hrs.) 

Fig. 1.-Typical second-order rate law plot for the uranium(1V)- 
bromine(0) reaction. 

were made by assuming three-halves- and second-order 
U(1V) dependence. These were unsatisfactory. 

A second series of spectrophotometric kinetic ex- 
periments was made to determine whether the reaction 
followed total second-order kinetics, first with respect 
to each component with 0.3 M NaBr and 0.7 M HClOl 
present initially. The data were treated by means of 
the second-order rate expression. The calculations 
were made on an I.B.M. 1620 computer by calculating 
the values of In [b(a - x) /a(b  - x ) ]  and then the best 
straight line was found by the method of least squares. 
These data are summarized in Table I. All of the 
second-order plots were linear for a t  least 80% of the 
reaction and the values of the rate constants in Table I 
confirm second-order dependence. A graph of a set of 
typical rate data is shown in Fig. 1. 

TABLE I 
SECOND-ORDER RATE CONSTANTS FOR THE U( IV)-Br2 REACTION 

[H+] = 0.70 M, [Br-] = 0.300 M, I = 3.00 M 
[U(IV)l, CBma k X 108, ki X 104, 

M M M-1 see.-' M see.-' 

0.009292 0.07000 1.14 5 .55  
0.09267 0.06307 1.11 5 .44  

0.010225 0.05598 1.18 5.74 
0.01437 0.05078 1.12 5.47 

0.010225 0.06574 1.17 5.69 

a CB? is defined as [(Br2) + (Bra-)]. 

It was necessary to investigate the effect of bromide 
and U0s2+ on the rate of the reaction. Tables I1 and 
I11 show the effect on the rate when bromide and 
U 0 2 +  are initially added to the reaction mixture. 

An examination of the data in Table I1 reveals a 
possible trend in experiments 1, 2, 4, and 5 .  There is 
approximately a 10% increase in the rate constant when 
the bromide ion concentration is varied from 0.025 to 
0.200 M. It should be pointed out that the relative 
amount of bromine present as tribromide increases 
from -0.2 to -0.8 for the change of bromide ion con- 
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centration from 0.025 to 0.200 144. The change in the 
value of the rate constant is seen to be reasonably small 
relative to the large change in bromide and tribromide 
ion concentrations. This change in the rate constant 
could easily be due to the Br- complexing of U4+ or 
possibly due to medium effects. In light of the diffi- 
culty in the over-all reproducibility of the data, pos- 
sibly due to the volatility of aqueous bromine or trace 
metal ion contamination, i t  is difficult to ascertain the 
effect of the bromide ion to a greater precision than is 
reported in Table 11. 

TABLE I1 

BROMIDE Ion. 
DEPENDENCE O F  THE RATE ON THE INITIAL CONCEXTRATION O F  

[H+] = 0.70 M ,  I = 3.00 M 
IBr-1, LU(JW1, CBrz, k X 103, ki X 104, 

M M M iM-1 sec. -1 M sec. -1  

0 0.01016 0.07347 0 .99  4.83 
0,025 0.01033 0.07245 1 .07  5.24 
0.050 0.01019 0.06602 1.13 5.49 
0.100 0.01043 0.06863 1.10 5 . 3 8  

0.300 0.00926 0.06307 1.11 5.44 
0.400 0.01031 0.06082 1.11 5.44 

0.200 0.01026 0.05564 1.20 5.86 

The data in Table I11 indicate that the addition of 
U022+ to the reaction has little detectable effect on the 
rate of oxidation of U(1V) in the presence of 0.300 ill 
Br- and that the species Br2 and Bra- react with U(1V) 
with essentially the same rate. 

TABLE I11 
DEPENDENCE OF THE RATE ON THE IXITIAL CONCENTRATION OF 

URAXYL 10s 
[H+] = 0.70 X, [Br-] = 0.300 M ,  I = 3.00 A4 

r u 0 2 2 + 1 ,  CBr;. [U(IV)l,  k X 108, ki X 104, 

M M A4 & - 1  sec. - 1  J4 sec. -1 

0 0.0700 0.00932 1.12 5.44 
0 0.03528 0.01161 1.09 5.33 
0,050 0.02965 0.01108 1.11 5.44 
0,100 0.03421 0.01502 1.22 5.94 

0.300 0.06307 0.00927 1.11 5.44 
0,300 0,06574 0.01023 1 .17  5.69 

Two series of experiments were made to determine 
the effect of hydrogen ion. One series without any 
U022f initially added and the second series with the 
initial UOz2+ concentration 0.300 M. The results are 
summarized in Table IV. 

The data in Table IV show a definite hydrogen ion 
dependence. The rate law can be rewritten in the 
form 

rate = KIU(IV)][Brz] = k~[U(IV)][Br~l[H+]-2 

and the values of kI  are shown in Tables I-IV. The 
average value of k1 is 5.3 + 0.3 X 

Since i t  has been demonstrated that dissolved oxygen 
may affect various U(1V) reactions, this effect has been 
investigated in this system. Experiments were made 
in which all the reactants were deaerated with Nz and 
the rate constants compared with those in which no pre- 
cautions were taken to remove air. The data are sum- 

Msec.-l. 

[U( IV)  I ,  

0.01161 
0.01161 
0.01161 
0.01161 
0.01161 
0.00947" 
0. 00982a 
0,00988" 
0.01026a 
0.01102a 

M 

TABLE I V  
DEPENDENCE OF THE RATE ON THE 

HYDROGEN ION CONCENTRATION 
[Br-] = 0.300 M, I = 3.00 M 

CBrz, [H +I ,  k x 108, 
M M S I - 7  sec-1 

0.03309 2.00 0.135 
0.03426 1.50 0.234 
0.03306 1.20 0.383 
0.03528 0.70 1.09 
0.03471 0.50 1.72 
0.06282 1.40 0.262 
0.05962 1.02 0.369 
0.05843 0.900 0.502 
0.05831 0,800 0.861 
0.05882 0.600 1.32 

ki  X 104, 
M sec.-l  

5.38 
5 .27  
5.52 

4.30 
5.13 

4.08 
5.49 
4.74 

5.36 

3 .83  

a 0.300 M U022+ added. 

marized in Table V. Experiments in which oxygen- 
saturated solutions were used deviated from the normal 
second-order kinetics due to the oxidation of uranium- 
(IV) by the large amount of dissolved 02. No such de- 
viations were observed with the normal solutions. It 
appears that dissolved oxygen from air has little signifi- 
cant effect on the rate of the reaction. 

TABLE V 
EFFECT O F  DISSOLVED OXYGEN ON THE IZATE 

[ U ( W I ,  CBIZ, k X lo3,  

0,00929 0.07000 Deaerated 1.08 
0 00933 0.07000 Deaerated 1.12 

1.11 0.00927 0.06307 
1 .17  0.01022 0.06574 

'M ll.1 Conditioiis M-1 see.-' 

Normal 
h'orrnal 

It has been shown that U(1V) can interact with 
U022+ to form the very reactive species U(V). Fur- 
thermore, in perchlorate solutions of U(1V) and U02z+, 
ultraviolet radiation slightly increases the steady-state 
concentration of U(V).8p13 This effect was investi- 
gated in this system by exposing solutions from identical 
reaction mixtures to high intensity infrared, fluorescent, 
and tungsten light; the rates were compared to that of 
a reaction made in the complete absence of light. 
There was no significant difference in the rates of the 
reaction. 

The rate of the oxidation of U(1V) has frequently 
been reported to be affected by low concentrations of 
various ionic  specie^.'^*'^ This effect was studied in 
this system by adding the perchlorate salts of Pb(II), 
Cu(II), Ki(II)> Fe(III), Xn(II) ,  Co(I1) and the sodium 
salts of F- and C1-. It was found that the 0.001 M 
Fe(II1) and the 0.001 M Mn(I1) profoundly increase the 
rate of disappearance of U(1V). For example, a solu- 
tion initially containing 0.0116 M U(IV), 0.0342 M 
Br2, 0.300 ill Br-, 0.70 M HC104 (and made up to an 
ionic strength of 3.00 with NaClOd), and 0.001 M Fe- 
(111) was more than 90% complete in less than 60 sec. 
The other added ions had little or no effect on the rate 
of the reaction. 

(16) F. B. Baker and T. W. Newton, J .  Phys. C h e m ,  66, 1897 (1861). 
(17) A. C. Harkness and J. Halpern, J .  Am. Chem. Soc., 81, 3626 (195!)j. 
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Discussion 
Under the experimental conditions employed, the 

only oxidizing species of importance are Br2 and Br3-. 
Although OBr-, HOBr, BrOs-, and 0 2  can exist, it 
can be shown that  these oxidizing agents are not con- 
sistent with the measured rate law. 

For example, the species OBr- is capable of oxidizing 
U(1V). The concentration of OBr- in solution is de- 
pendent upon the hydrogen ion concentration and the 
bromide concentration. The concentration of OBr- 
in the most favorable circumstances approaches l0-l' M 
in this study. The magnitude of the OBr- concentra- 
tion is enough in itself to discourage any attempt to 
justify i t  as contributing significantly to the oxidation 

The principal U(1V) species existing in the acid re- 
gion 0.7-2.0 M is undoubtedly the quadrivalent ura- 
nium ion, Uaq4+. However, small concentrations of 
hydrolyzed U(1V) species are present. In addition, 
small concentrations of UOz+ are formed when U(1V) 
and U(V1) are present in the same solution. 

Many investigators have postulated mechanisms of 
U(1V) oxidation-reduction reactions in which the 
species U (V) is a reactive intermediate. 16i1' The main 
evidence supporting a U(V) intermediate has been 
based on the catalytic effect of various cations and 
anions on the rate and the catalytic effect of light, 
which are known to increase the steady-state concentra- 
tion of U(V). Since U022+, various cations such as 
Cu2+, Ni2+, and Co2+, and high intensity light did not 
noticeably affect the rate of the reaction, i t  was con- 
cluded that the principal path for the reaction does not 
proceed through a uranium(V) intermediate. 

Therefore, a possible mechanism involves a two-elec- 
tron transfer between U(1V) and Br2. In  addition, 
the formation of the activated complex involves the 
loss of two protons, presumably by the formation of 
the species U(0H)a2+. Thus 

Uaq4+ = U(OH)21f + 2H+ 

of U(1V). 

(2) 

U(OH)z2+ + Brz = 
U(OHd4+ + 2Br- rate-determining (3) 

(4) U(OH)t4+ = U0z2+ + 2H+ 

is consistent with the experimental data. 
Previous investigators18J9 have concluded that dis- 

solved bromine is usually more reactive than the tri- 
bromide ion. However, the lack of dependence of the 
rate on the bromide ion concentration as the relative 
amount of bromine present as tribromide changes from 
-0.2 to -0.8 indicates that dissolved bromine and tri- 
bromide ions react with essentially the same rates. 

The mechanism proposed is not intended to preclude 
other possible mechanisms such as 
Brz + U(OH)22+ = 

Br2- + UOZ+ + 2" rate-determining ( 5 )  
Brz- + UOZ+ = 2Br- + UO12+ (6) 

Brz- + U(OH)zZ+ = UOz+ + 2Br- + 2H+ ( 7 )  

in which the UOZ+ might disproportionate to give 
U0zZ+ and U4+ as shown in eq. 1. In the absence of 
direct evidence for UOz+ as an intermediate and the 
inertia of the rate of the reaction to various regents re- 
ported to influence the concentration of UOz+, the for- 
mer mechanism may be a better choice. 

The catalysis of Fe(II1) can easily be explained in 
terms of the following. 

ZFe(II1) + U(1V) = 2Fe(II)  + U0z2+ rapid (8) 

2Fe(II)  + Brz = Fe(II1) + 2Br- rapid (9) 

This catalyzed reaction is supported by the fact that 
reactions 8 and 9 are qualitative reactions routinely 
used in analytical chemistry at room temperature. No 
simple explanation of this type appears to  be available 
for the Mn(I1) catalysis since the oxidation potential 
for Mn(I1) is probably more negative than -1.5 v. 
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