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electrical energy when required to the resistance wire around the 
copper block. At equilibrium the temperature of the copper 
block and the temperature in the thermocouple well near the 
sample do not differ by more than the limits of error of the poten- 
tiometer used to measure the emf of the copper-constantan 
thermocouples placed a t  these two points. 

Mercury tetrathiocyanatocobaltate(I1) was used as magnetic 
susceptibility standardI4 and diamagnetic corrections were 
estimated from Pascal's constants.'j X value of 60 X 10-6 cgs 
unit was assumed for the temperature-independent paramagne- 
tism per copper ion. 

Spectral Measurements.-The spectra of butanol solutions 
were obtained using a Cary Model 14 recording spectrophotom- 
eter. Reflectance spectra of solid samples were measured with 
a Beckman DU spectrophotometer equipped with the standard 
reflectance attachment and employing a block of magnesium 
carbonate as standard. 

[CU(R-C~H~CO~)~.CIH~OH]P 
In  ordcr to  suppress the dissociation 

[CU(R-C~HICO~)~"/~C~H~OH]~ + C~HQOH 

the samples were filtered from the mother liquor and placed in a 
sample cell with traces of butanol adhering to  the surface of the 
sample. The cell was then sealed and the reflectance spectrum 
measured. 

(14) B. N. Figgis and R. S. h-yholm, J .  Chem. Soc., 4190 (1958). 
(15) J. Lewis and R. G. Wilkins, "Modern Coordination Chemistry," 

Interscience Publishers, Inc., hTew York, pi. Y . ,  1960, p 403. 

Analyses.-Microanalyscs for carbon and hydrogen were 
performed by Triangle Chemical Laboratories, Inc., Chapel 
Hill, N.  C. Copper analyses were determined by EDTA titra- 
tion following the method de;.eloped by Guerrin, et c ~ l . ' ~  The 
complexes were decomposed in nitric acid and the mixture neutral- 
ized with sodium hydroxide and, after t h e  addition of sodium 
acetate buffer, titrated with standardized EDTA solution using 
Snazox as an indicator. The analytical data are presented in 
Table IV. 

TABLE I\' 
ANALYTICAL DATA ----- .4naIyses----- 

Compound % C  % H  % C U  

c U (  C~HSCOCL)~ ' C~HQOH Found: 56.63 
Calcd: 56.89 

Cu( p-CH3C6H4C02)2 C4HQOH Found : 58.09 
Calcd: 58.84 

CU(~-CH~~C~H~CO~)~,.CIH~OH Found: 54.31 
Calcd: 54.56 

Cu(p-BrC6HaCOs);! C4H90H Found : 40.82 
Calcd: 40.18 

C U ( P - ~ O ~ C ~ H ~ C ~ ~ ) ~ . C ~ H ~ O H  Found: 46.22 
Calcd: 46.01 

5.33 16.77 
5 2 7  16.73 
6.09 15.33 
5 .88  15.58 
5.82 14.48 
5.46 14.45 
3.66 11.82 
3 .35  11.82 
4.36 13.39 
3.83 13.53 

(16) G. Guerrin, 11. \-. Sheldon, and C. N. Reilley, Cheiizisl-Analyst, 49, 
36 (1960). 
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The rate of the reaction of lithium peroxydiphosphate with tris(1,lO-phenanthroline)iron(II) perchlorate has beer1 studied iu 
neutral, aqueous solutions a t  35" and ionic strength 1.00. The observed rate law can be represented by the equation 

- d[Fe(pl1en)3~-] - k h  [Fe(phen)2-] [pZo84-] 

which leads to the conclusion that the rate-determining step, when PLOa4- is in large excess, is the dissociation of the iron(I1) 
complex ion The reactions of Fe(phen)3*+ with Cu2+, Ni2+, EDTA, and P207*- were studied under similar conditions aud 
were found to have similar rate-determining steps The observed rate constant, k&s& for all these reactions approached 
4 X loe4 sec-l a t  concentrations for which first-order behavior was found. 

dt k-l[phen] + k2[P208"] 

Introduction 
A study of the reaction of peroxydiphosphate with 

tris(1,lO-phenanthroline)iron(II) complex ion (here- 
after Fe(phen)3z+) in aqueous, neutral solutions was 
undertaken to begin the investigation of the oxidation 
reactions of this peroxide. While reactions involving 
Fe(phen)32+ as a reducing agent have been studied,2-6 

(1) (a) Public Health Service Fellow, 1965-1966; on leave from Immacu- 
late Hear t  College, Los Angeles, Calif. 90027. (b) On leave from the  
University of Newcastle upon Tyne, England. 

( 2 )  T. S. Lee, I. M. Kolthoff, and  D. L. Leussing, J .  A m .  Chem. Soc., 70, 
2348 (1948); ibid., T O ,  3596 (1948). 

(3) G. Dulz and N .  Sutin,  Inoi,g. Chem., 2, 917 (1963). 
(4) J. H.  Rspenson and R. I,. King, J .  A m .  C h ~ m .  . % . ,  85,  3328 (1063). 
( 5 )  (a) P. George and D. H.  Irvine, J .  Che7n. Soc., 587 (1054);  (b) P. 

(6) C. Gordon, private communication, 1Y66. 
George, G. I. H. Hanania, and U. H. Irvine, ib id . ,  2548 (1959). 

very little work has been done on the peroxydiphos- 
phate ions as oxidizing  agent^.^-^ The reaction 
n-ith Fe(phen)?+ should be of interest as a basis for 
the comparison of the peroxydiphosphate reaction 
with the peroxydisulfate reaction which was studied 
by Irvine.'O 

Experimental Section 
Materials.-Potassium peroxydiphosphate was synthesized 

by anodic oxidation of alkaline phosphate solution and converted 
to the lithium salt for purification according to the method of 
Chulski.7,S Other peroxydiphosphate salts were obtained by 

(7) T. Chulski, Doctoral Thesis, hfichigan Sta te  TTniversity, 1953. 
(8) C. H. Chong, Doctoral Thesis, Michigan Sta te  University, lHS8 
(9) A. lndelli and  P. L. Bonora, J .  Anr. Chew%. Soc.,  88, 924 (1966). 
(10) 1). H. Irvine, J .  Chum. Soc., 2977 ( l Y 5 Y ) .  
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the ion-exchange method of Crutchfield.11r12 Since some kinetic 
measurements using potassium peroxydiphosphate indicated 
that the cation did not affect the rate of the reaction significantly, 
the more readily purified lithium salt was used throughout these 
measurements. All other reagents were analytical grade labora- 
tory chemicals. Most of the experimental work was done with 
the perchlorate salt of F e ( ~ h e n ) ~ ~ +  which was purchased from 
City Chemical Corp., New York, N. Y. However, identical 
results were obtained with the sulfate compound which was 
prepared in solution by adding ferrous ammonium sulfate to 
1,lO-phenanthroline monohydrate in a 1 :3  molar ratio. 

Methods and Measurements.-The kinetic experiments were 
carried out a t  35" in a thermostated water bath. The reaction 
was followed by removing and chilling samples t o  0' to retard the 
reaction, immediately bringing them to room temperature, and 
measuring the concentration of F e ( ~ h e n ) ~ ~ +  colorimetrically a t  
500 mfi in 1-cm cells in a Beckman Model B spectrophotometer. 
Some check runs made under prepurified nitrogen with solutions 
which were deaerated before mixing showed no effect of atmos- 
pheric oxygen on the reaction rates; thus, all subsequent meas- 
urements were made in simple, glass-stoppered flasks. Spectra 
were obtained on a Bausch and Lomb Spectronic 505 recording 
spectrophotometer in the range 25&650 mp using 1-cm silica 
cells, and pH measurements were made on a Beckman Model G 
pH meter. 

The peroxydiphosphate preparations were analyzed gravi- 
metrically for total phosphate and volumetrically for active 
oxygen content, owing to the peroxide bond. The latter was 
done by adding a weighed lithium peroxydiphosphate sample to a 
measured excess of ferrous ammonium sulfate, which was 1 N 
in H2S04, and back titrating with a standard ceric solution. 
A t  room temperature this reaction is rapid enough for analytical 
purposes and the equivalency of ferrous ion to peroxydiphosphate 
is 2 to 1. Ferroin can be used for the indicator, if added just 
before the final titration, since a t  room temperature the reaction 
of peroxydiphosphate with F e ( ~ h e n ) ~ ~ +  is very slow, while the 
reaction of cerium(1V) sulfate with Fe(~hen)3~+ is very rapid.2 
Both analyses yield the same results, based on the stoichiometry, 
Li4PzOs.4H20, for the tetrahydrate. 

All of the kinetic experiments were carried out in solutions in 
which the ionic strength was adjusted to 1 .OO f 0.05 with sodium 
sulfate. Sodium sulfate was chosen because of the limited sol- 
ubility of the Fe(phen)a(ClO4)2 in high concentrations of added 
perchlorate salts. The reaction is slower in solutions of higher 
ionic strength, although this negative effect is relatively small, 
as shown in Table I. A preliminary observation indicated that 
nitrate salts produce a somewhat larger negative ionic strength 
effect. 

TABLE I 
EFFECT OF Na2SOa ON THE RATE OF THE REACTION OF 

Li4P20sa WITH Fe(phen)3(ClOa): AT 35' 
104k,bar1, 

[NanSOal, M I C  sec-1 

0.040 0.17 4 .3  
0.133 0.45 4 .0  
0.333 1.05 3 .8  
0.865 2.65 3 .2  

a [LirP2Os]a = 5 X 10-8 M .  * [Fe(phen)3z+]o = 10W4 M .  
sec-' a t  I = 0, by ' I = total ionic strength. k = 4.65 X 

extrapolation. 

Results 

M and excess concentrations of peroxydiphosphate, 
ranging from 20- to 200-fold greater than that of the 

Using initial concentrations of F e ( ~ h e n ) ~ ~ f  of 

(11) M. M. Crntchfield and J. 0. Edwards, J .  A m .  Chem. SOL, 82, 3533 
(1960). 

(12) M. Id. Crutchfield in "Peroxide Reaction Mechanisms," J. 0. Ed- 
wards, Ed.,  Interscience Publishers, Inc., New York, N. Y . ,  1962, p 46 f f .  
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ferrous complex, the reaction is first order in Fe- 
(phen)S2+ and zero order in the peroxydiphosphate 
total ionic species. At concentrations below 2 X 
loF3 M peroxydiphosphate, curvatures in the pseudo- 
first-order plots of the data appear, and the initial 
first-order rate constants show dependence upon the 
initial concentrations of the peroxydiphosphate. This 
is shown in Figure 1, in which line E represents the 
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Figure 1 .-Effect of peroxydiphosphate concentration on the 
rate of thereaction with Fe(phen)32+at t = 35.0" a n d 1  = 1.00 zt 
0.05. [Fe(phen)a2f]o = M ;  [P2084-]~: A, low4  M ;  B, 2 X 

M ;  C, 5 X loe4 M ;  D, 10-3 M ;  E, all concentrations 
greater than 2 X 10-3 M. 

reaction for all concentrations of peroxydiphosphate 
greater than 2 X M .  The first-order rate con- 
stants reported in Table I1 are for 75y0 of the reaction 
for the high concentrations of peroxydiphosphate and 
for the initial %yo of the reaction for the low concen- 
trations, marked b,  since deviation from first-order 
behavior occurred thereafter. Varying the initial 
concentration of F e ( ~ h e n ) ~ ~ f  from 4 X loF6 to 1.5 X 

M in the presence of excess peroxidiphosphate, 
5 X M ,  established the first-order dependence of 
the reaction on Fe(phen)s2+; the variation produced 
no change in the observed first-order rate constant, 
which was 3.8 X sec-l. The reaction appeared 
insensitive to variation of pH from 6 to 9, the range in 
which these measurements were made. Atmospheric 
oxygen did not affect the reaction. Reproducible 
results were obtained without excluding air and with- 
out doubly distilling the water used. However, a 
slight photoeffect was observed which necessitated 
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TABLE I1 

TRIS(~,~~-PHENAXTHROLIXE)IROS(~~) IN SEUTRAL SOLUTIOXS~ 
REACTIOX O F  PEROXYDIPHOSPHATE AND SOME SUBSTANCES TVITH 

1O4kobsd. 
Substance Concn, .1P s a - '  

Li4P208 1 . 0  x 10-2 3 .8  
6 . 0  x 10-3 3 . 8  
5.0 x 10-3 3 .8  
2 . 4  x 10-3 3 .8  
2 . 0  x 10-3 3 . 7  
1.0 x 10-3 3.Bb 
5 . 0  x 10-4 3 . 3  
3 . 0  x 10-4 3.3" 
2 . 0  x 10-4 2 . g b  

cuso4 2 . 0  x 10-3 4 . 0  
1 . o  x 1 ~ 3  4 . 0  
5 . 0  x 10-4 4 . 0  

Xis04 1 . 0  x 10-2 3 . 9  
5 , o  x 10-3 3 . 9  

XadP207 5 . 0  x 10-2 3 . 8  
2 . 5  x 10-2 3 . 8  
1 . 0  x 10-2 3 .8h  
5 . 0  x 10-3 2 ,  8b 
2 . 5  x 1 0 - 3  2.4b 

EDTA 5 0 x 10-3 2.3b 
2 . 5  x 10-3 2 . l h  

1 = 35'; I = 1.00; pH ratige 6-8; [Fe(phen)a2+]o = 
b Initial first-order constants, based on first 25-35?; 10-4 M .  

of reaction. 

precautions in making concentration measurements a t  
500 mp and also required that the samples be measured 
within 3-5 min after quenching. 

The unusual observation of zero order for an oxidant, 
as the reaction in higher concentrations of peroxy- 
diphosphate appeared, led to some rate measurements 
of the reductant with other substances under the same 
conditions of temperature and concentration ranges. 
These results are included in Table 11. Copper(I1) 
sulfate, nickel(I1) sulfate, sodium pyrophosphate, 
and the disodium salt of EDTA produced the same 
kind of rate process and almost the same rate constant 
as observed with peroxydiphosphate ion. For ex- 
ample, above a certain concentration, when used in 
excess, the reactions appear independent of their con- 
centration and dependent on the [ F e ( ~ h e n ) ~ * + ]  alone. 

Copper(I1) sulfate was also added to the reaction of 
peroxydiphosphate with Fe(phen)a'+ to look for a 
possible catalytic effect. However, the amounts re- 
quired to produce a significant effect did not indicate 
catalysis but rather a parallel or a competing reaction. 
The results, included in Table 111, show that the 
copper(I1) salt did cause a slight increase in the rate 
of the reaction. The addition of excess 1,lO-phenan- 
throline, on the other hand, decreased the rate of the 
reaction, as shown both in Table I11 and in Figure 2 .  
Also shown in Figure 2 is the fact that the presence of 
excess ligand increases the absorbance of the initial 
solutions slightly. Repetitive spectral scans taken 
during the course of the reaction of peroxydiphosphate 
with Fe (~hen)3~+  showed the disappearance of the 
strong absorption band with peak a t  510 mp, character- 
istic of the ferrous complex, and the appearance of two 
absorption bands a t  345 and 360 mp and an isosbestic 

TABLE I11 
EFFECT OF COPPER( 11) SULFATE AND EXCESS 
~ , ~ ~ - P H E X A S T H R O L I V E  O S  THE REACTION OF 

PEROXYDIPHOSPHATE WITH Fe(phen)32f Q 

Concn of 
additive, 

Additive 104~10 

Sone . . .  
cuso4 5 
None . . .  
phen 4 
phen 8 

Concn of 
pnoa4 -, 
10 8 M o  

2 
2 
5 
5 
5 

a [ F e ( p h e ~ ~ ) ~ ~ - ] ~  = lo-* M ;  t = 35"; I = 1.00. 

104kobs,~,  

3.75 
4.45 
3 . 8  
2.75 
1.8 

sec -1 

0.4- 

0.3- 

T I M E  I N  M I N U T E S  
I I I I I I I 

IO 20 30 40 50 60 70 
Figure 2.-The effect of excess 1,lO-phenanthroline on the rate 

of the reaction of peroxydiphosphate with Fe(phen)32+ at t = 35" 
and I = 1.00 i 0.05. [ P Z O ~ ] ~  = 5 X N; [Fe(phen)a2+] = 

X; [phenIO: 4 , 8  X M; B, 4 X iM; C, no excess 
phenanthrolinc was added. 

0. I 

point near 375 mp. No band appeared a t  600 mp, 
where Fe(phen)a3+ should absorb in the longer wave- 
lengths of the visible spe~ t rum. '~  This is consistent 
with the visual observations that the solutions after 8 
or more half-lives were pale yellow and that no blue 
appeared a t  any time during the course of the reaction. 
It has been reported14 that the blue Fe(phen)s3+ is not 
formed by the direct mixing of a ferric salt with 1 , l O -  
phenanthroline, but only by the oxidation of the cor- 
responding ferrous complex, F e ( ~ h e n ) ~ ~ + ,  usually by 
a very acidic cerium(1V) solution. Direct mixing of 
ferric ion and 1,lO-phenanthroline solutions in a 1:3 
(13) J. E. Dickens, F. Basolo, and H. hl. Neumann, J .  Am. Chem. Soc., 

(14) W. W. Brandt, F. P. Dwyer, and E. C. Gyarfas, Chem. Reu., 64, 959 
79, 1286 (1957). 

(1954). 
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molar ratio produces a yellow solution with an ab- 
sorption band around 360 mp, which has been shown15 
to be similar to the product of the decomposition of the 
blue form upon standing. We have compared the 
spectrum of this form with that of the product of the 
oxidation of F e ( ~ h e n ) ~ ~ +  by peroxydiphosphate and 
find that they are similar but not identical, since the 
latter shows two discrete peaks a t  345 and 360 rnk. 
This may indicate some ligand oxidation in the post- 
rate-determining steps following those in the proposed 
mechanism. The observations, however, support the 
initial steps postulated for the present reaction, since 
these steps do not lead to Fe(pher1)3~+ in the products. 

Discussion 
It was our intention to investigate the oxidation of 

the complex cation: Fe(~hen)3~+ --t Fe(phen)a3+, in 
neutral aqueous solution. We found, instead, that 
the ferric complex is not a product of the reaction and 
that, in fact, the reaction proceeds by dissociation of 
the ferrous complex. It is possible that the oxidation 
potential of the peroxydiphosphate is not sufficient to 
allow the oxidation to proceed as expected. Of 
relevance to this point is the fact that  Fe(phen)a3+ 
is unstable toward reduction by hydroxide ion in neu- 
tral solution.l6 The instability of F e ( ~ h e n ) ~ ~ +  under 
these conditions is important for it indicates that even 
if the oxidant is sufficiently powerful (as is peroxy- 
disulfate) to accomplish the desired oxidation, a step 
of the type 

Fe (phen)~~+  + OH- --+ Fe(phen)a2+ + OH. 
will inevitably lead to side reactions such as oxidation of 
the phenanthroline ligands. It would be of interest 
to measure the oxidation potential for peroxydiphos- 
phate on a system with less complication. 

The rate behaviors for the reactions of peroxydiphos- 
phate and of a number of other species with F e ( ~ h e n ) ~ ~ +  
are similar. Thus, it  appears reasonable to assume 
that the rate step is identical for all reactions and that 
the oxidation of this complex ion is dependent upon its 
first dissociation step, which is known to be slow.2 A 
mechanism which is consistent with the data reported 
here is 

ki 

k -1 
Fe(phen)3*+ e Fe(phen)Z2+ + phen (1) 

Fe(phen)22+ + P20s4- --f products (2) 

By considering F e ( ~ h e n ) ~ ~ +  an intermediate which 
comes to a steady-state balance, the following relation- 
ship is derived 

kz 

This rate law explains the apparent first-order behavior 
observed for high concentrations of P20s4- and low 
concentrations of free phenanthroline. Under these 
conditions, eq 3 approaches the simple form, -d[Fe- 

(15) A. E. Harvey and D. L. Manning, J .  Am. Chem. SOC., 74,4744 (1952). 
(16) G. Lawler and N. Sutin, unpublished observations; N. Sutin, pri- 

vate communication. 

(~hen)3~++1/dt = kl [Fe(phen)a2+], and kobsd should 
approach k1. At  low concentrations of the peroxide, 
on the other hand, eq 3 indicates a dependence on 
PzOs4- with the kind of variation observed. The de- 
crease in the rate of the reaction produced by the addi- 
tion of excess 1,lO-phenanthroline, shown in Figure 2, 
is also predicted by this equation. Using the data from 
Table I11 (kobsd = 3.8 X sec-l when no phenan- 
throline is added and kobsd = 1.8 X loe4 sec-' when 
[phen] = 8 X M )  
plus an estimate of 2 X lo6  M-1 sec-1 for Ll from 
ref 17, i t  is calculated that kz 'v 3 X lo5 M-l sec-' 
under the conditions of our experiments. At  high 
concentrations of peroxydiphosphate, the rate should 
be and is independent of pH. The value of k2 should, 
on the other hand, be a function of pH because of the 
secondary phosphate ionizations which occur in this 
range. Our data a t  low peroxydiphosphate concentra- 
tions were not sufficiently detailed to show this. 

To explain the results with copper(I1) sulfate, shown 
in Table 11, a t  least the first step in the formation of 
the copper(I1) phenanthroline complexes must be 
considered 

M and [P20~4-]o = 5 X 

ka 

k -I 
Cu2+ + phen e Cu(phen)2+ (4) 

Then a mechanism for this reaction would consist of 
eq 1 and 4. If the reverse step of eq 4 is assumed to 
be initially unimportant to the rate and if the 1,10- 
phenanthroline concentration is assumed to reach a 
steady state, then a somewhat similar rate law results 

which approximates the experimentally observed rate 
law in which the reaction appeared first order in Fe- 
( ~ h e n ) 3 ~ +  and zero order in copper(I1) concentration. 
By using the rate constants for k-1 and k4 from Holyer, 
et a1.,17 i t  can be shown that for the concentration ranges 
studied here, k4[Cu2+] is more than lo3  times larger 
than k_~[Fe(phen)~'+]; thus, kobsd should equal kl .  

A similar mechanism applies to nickel(I1) sulfate, in 
which eq 1 would be followed by 

ks 

k-e 
NiZ+ + phen Ni(phen)2+ (6) 

This kind of displacement reaction, which effects the 
dissociation of one metal complex by another metal ion 
(which reacts more rapidly and forms a more stable 
complex with the ligand), has been used to study the 
mono complexes of a number of metals1? From these 
two present cases, i t  is seen that the method is applicable 
to the study of the rates of dissociation of some higher 
complexes and is especially feasible for the study of 
the dissociation of Fe(phen)a2+. 

The other two substances shown in Table 11, al- 
though similar in rate behavior, showed greater devia- 
tion from first-order behavior a t  lower concentrations. 
However, an explanation of their reaction with Fe- 

(17) R. H. Holyer, C. D. Hubbard, S. F. A.  Kettle, and R. G. Wilkins, 
Inoug. Chem., 4, 929 (1965). 
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 hen)^^+ must invoke the other product of the disso- 
ciation, the Fe(phen)z2+ ion. Thus, for sodium pyro- 
phosphate, the formation of an inner-sphere ion pair 
could compete with the k-1 step 

k7 

k-7 
Fe(phen)22+ + P20i4- Fe(plien)2(P20i)2- (i) 

A mechanism for the reaction would then consist of 
eq 1 followed by eq 7 and would yield a similar rate 
law expression to that derived for the peroxydiphos- 
phate reaction. Such a mechanism predicts that ex- 
cess phenanthroline would also reduce the rate of the 
pyrophosphate reaction, and, indeed, it was found to 
have an even greater effect than in the peroxydiphos- 
phate case. A 4 X M excess of phenanthroline, 
for example, completely repressed the reaction in a 
5 X low3 M Na4Pz07 solution, while in a tenfold more 
concentrated solution (5 X M Na4P207) the 
same concentration of phenanthroline reduced the rate, 
changing the reaction half-life from 30 to 55 min. 
Using these data in a similar estimation to  that above, 
i t  becomes evident that k7 is much smaller than kf. 
This is also supported by the higher concentrations 
of pyrophosphate necessary to achieve the same first- 
order behavior observed for all concentrations of per- 
oxydiphosphate above 2 X M. 

The rate process of the peroxydiphosphate reaction 
similar to that of the pyrophosphate suggests that it, 
too, forms an ion pair (acts as a ligand) in the second 
step, eq 2 ,  and that this step is then followed by other 
steps in which the oxidation occurs. 

The rate process for the reaction of Fe(phen)32f 
with the sodium salt of EDTA is slower and deviates 
after the first 35y0 of the reaction from the first-order 
behavior found in the other reactions. While EDTA 
anion is an effective complexing agent as a hexadentate 
ligand, i t  may not compete effectively with phenan- 
throline in this rate case since four of the coordination 
sites are still blocked in Fe(phen)zz+. 

The dependence of the peroxydiphosphate oxidation 
of Fe(phen)32+ on the first dissociation step of the 
latter is interesting in that other of the Fe(phen)32f 
reactions shorn this same dependence. For example, 
the reaction with acidsI8 and bases1g,20 and the racemiza- 

(18) F. Basolo, J. C. Hayes, and H. IvI. Xeumann, J .  A m .  C h m .  Soc., 76, 

(19) D. W. Margerum, i b i d . ,  79, 2728 (1957). 
(20) J. Burges and R. H. Prince, .I. Chern. Soc., 4697 (1965). 

3807 (1954). 

tion processes18 may be cited. The dissociation of Fe- 
(phen)32+ in 1 M HC1 was measured by Basolo, et u Z . , ~ *  
who found kl to be 3.7 X sec-' at 34.6'. Thus, 
HT acts remarkably as Cu2+ and XiZ+ in competing 
for the free phenanthroline produced in the first dis- 
sociation step. 

I t  was expected that more pronounced rate effects 
due to outer-sphere ion pairing of F e ( ~ h e n ) ~ ~ +  with 
both P2074- and PzOs4- would be observed, since both 
these anions are known to form strong ion-pair com- 
plexes 1 1 p 1 z ~ 2 1  The data, as shown in Tables I and 11, 
show only slight evidences for such complexes. How- 
ever, the mechanism is such that small effects can be 
rationalized for the first, rate-determining step. For the 
second step, complexing is undoubtedly important, 
especially in the pyrophosphate reaction for which no 
other driving force for breakdown of Fe(phen)32+ 
seems plausible. 

One interest in this study was the possible comparison 
of the reaction of PzOs4- and Sz082- with F e ( ~ h e n ) ~ ~ + .  
Irvinelo reported that the peroxydisulfate reaction 
with Fe(phen)32+ was a second-order reaction but that 
there were deviations after about 25-3070 of the 
reaction. Since the peroxydiphosphate reaction was 
not second order, some measurements were made on 
the persulfate reaction under the same conditions of 
the other measurements in this study. These ex- 
periments confirmed the fact that  the two reactions 
are different; also, the dependence on F e ( ~ h e n ) ~ ~ +  
when peroxydisulfate is present in 50-fold excess is not 
simple pseudo first order. Thus, the rate process is 
not adequately described by a second-order equation, 
nor is the rate process controlled by the first dissocia- 
tion step of the Fe(phen)3*+ entirely since i t  can be 
either faster or slower than the rate predicted by kl 

alone. More work is needed to clarify the mechanism 
of the peroxydisulfate reaction mechanism and to 
evaluate the electrode potential for peroxydiphosphate 
before a meaningful comparison can be made. 
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