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portions of methanol. The methanol solutions were poured into 
40 ml. of water and the aqueous suspension was extracted with 
five 10-ml. portions of pentane. After drying over calcium 
chloride, the solvent was evaporated to give 768 mg. (90%) of 
crude material which was distilled, b .p . 70° (0.Q5 mm.) , X®'.°H 

(of the mixture) 222 and 250 m/i (« 8600 and 3500). Analysis 
by v.p.c. showed that the product was a 3:1 mixture of two 
compounds, one a tetrahydro and the other a hexahydro deriva­
tive, as indicated by mass spectral parent peaks at m/e 189 and 
191, respectively. Samples of the two components were col­
lected from v . p . c , and the major, faster elutnjg component was 
obtained pure; \£'°H 226 and 250 tnn (e 8080 and 5060); x^f" 
2900(vs), 2210(m, sharp), 1650(w), 1620(m), 1420(vs), 
920(m), 865(s) cm. - 1 ; n.m.r. : symmetrical triplet centered at 
4.4Or, J = 7.3 c.p.s. 

Anal. Calcd. for Ci3H19N: C, 82.47; H, 10.12; N, 7.40. 
Found: C, 82.90; H, 9.79; N, 7.01. 

The minor component was contaminated with about 2 5 % of 
the other; A='.°X

H 224 m/i (e 7440), e at 250 m/i of 1340. No 
further work was done with this material. 

Ozonolysis of 2,3-Diethylcyclo6cta-l,3-diene-l-carbonitrile 
(20).—A sample of the pure tetrahydro derivative described 
above (130 mg., 0.69 mmole) was dissolved in 5 ml. of chloro­
form and ozone passed through the solution at —25° to —30° 
for 15 minutes. At the end of this time the solution had become 
bright green in color. The solvent was removed below 30° to 
leave a yellow-green oil to which was added 5 ml. of water and 
1.5 ml. of 3 % hydrogen peroxide (1.3 mmoles). The mixture 
was heated for 30 minutes on the steam-bath, during which 

Introduction 
The results of a kinetic study of the aqueous decom­

position of Caro acid were reported in a previous 
paper.: Both the catalytic and spontaneous paths were 
observed for decomposition, which was shown to be 
homogeneous. The catalytic path was eliminated by 
addition of EDTA and the spontaneous decomposition 
found to be second order with respect to Caro acid con­
centrations. The dependence of rate on pH indicated 
that the rate law is: rate = ^[SO6

-2I[HSOe -]. These 
results were interpreted in terms of a nucleophilic at­
tack by the dinegative anion of Caro acid upon the 
peroxidic oxygen of its mononegative ion. 

The decomposition of H2O2 is known to be catalyzed 
heterogeneously by the surface of the container2 and 
homogeneously by many transition and heavy metal 
ions even at very low concentrations. Despite numer­
ous kinetic studies3'4 it seems certain that the true rate 
of the spontaneous decomposition of H2O2 has never 
been measured. Duke and Haas3 were able to eliminate 

(1) D. L. Ball and J. O. Edwards, J. Am. Chem. Soc, 78, 1125 (1956). 
(2) L. Erdy and I. Inczedy, Acta CMm. Acad. Sci. Hung., 7, 93 (1955). 
(3) F. R. Duke and T. W. Haas, / . Phys. Chem., 65, 304 (1961). 
(4) W. C. Schumb, C. N. Satterfield and R. L. Wentworth, "Hydrogen 

Peroxide," Reinhold Publishing Corp., New York, N. Y., 1955, Ch. 8 and 
references cited therein. 

time most of the oil dissolved. Another 0.5 ml. of 3 % hydrogen 
peroxide was added and the mixture left at room temperature for 
45 min. Aqueous ammonium hydroxide (1 ml. of 10% solution) 
was then added and 20 microliters of this solution was placed on 
a paper chromatogram along with a comparison sample of pro­
pionic acid in ammonia. The developing system was made up 
by adding 1 ml. of coned, ammonium hydroxide to 100 ml. of 
denatured ethanol; the spray reagent was 0.05% bromphenol 
blue in water acidified with citric acid.32 Three spots appeared 
on the chromatogram of the unknown with Rf values of 0.40 
(propionic acid), 0.31 (formic acid) and 0.072. The aqueous 
solution was made strongly basic with sodium hydroxide and 
extracted with three 10-ml. portions of ether. The ether 
solution was dried (Na2SO4) and evaporated to yield 21 mg. of a 
clear oil WJSid 3450, 2950, 2220, 1745, 1710(sh), 1450 and 1370 
cm. - 1 ) which was discarded. The aqueous solution was acidified 
(HCl) and extracted continuously with ether for 22 hours. 
Drying and careful evaporation left a sharp-smelling oil which 
crystallized partially in a refrigerator. Two recrystallizations 
from 0.2 ml. of coned, nitric acid gave a compound,- m.p. 152-
154.4°, pure and mixed with authentic adipic acid. The infra­
red spectrum of the unknown (KBr) was superimposable on that 
of recrystallized adipic acid. 

Acknowledgment.—We are indebted to the National 
Science Foundation (Grant G22547) for financial 
support. 

(32) E. P. Kennedy and H. A. Barker, Anal. Chem., 23, 1033 (1951). 

successfully heterogeneous catalysis, but a reinvestiga­
tion of their system has now revealed that homogeneous 
catalysis must have contributed significantly to the 
rate attributed to spontaneous decomposition alone. 

A recent study6 of the uncatalyzed decomposition 
of variously substituted peroxobenzoic acids in aqueous 
solutions has shown that the reaction is governed by the 
second-order kinetic law with maximum rates at 50% 
dissociation of the peroxoacids; the behavior is thus 
analogous to that reported for Caro acid.1 

This paper presents data on the kinetics of the 
decompositions of peroxoacetic acid, peroxochloro-
acetic acid, peroxomonophosphoric acid, /-butyl hydro­
peroxide and hydrogen peroxide. Mechanistic im­
plications of these studies are discussed. 

Results 
The kinetics were measured by following the rate of 

disappearance of the peroxo compound iodometrically 
in each case. The compounds studied were of the type 

O O 
Ii !! 

ROOH, where R is H, (!-butyl, CH3C-, ClCH2C- or 
(5) J. F. Goodman, P. Robson and E. R. Wilson, Trans. Faraday Soc, 58, 

1846 (1962). 
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The kinetics of the decompositions of peroxoacetic acid, peroxochloroacetic acid, peroxomonophosphoric 
acid, hydrogen peroxide and <-butyl hydroperoxide have been measured in aqueous alkaline media. EDTA 
was added to suppress homogeneous catalysis presumably by trace metal ions. The decompositions of the 
peroxoacids studied were second order with respect to the peroxoacid concentrations. The dependence of 
rate on pH indicated that the rate of decomposition is maximum at 50% dissociation of the peroxoacids. Per­
oxochloroacetic acid undergoes spontaneous decomposition about 100 times as fast as does peroxoacetic acid, 
although the former peroxoacid oxidizes nitrosobenzene only 30 times as rapidly as does the latter peroxoacid 

O 
Il 

The analysis of the products of decomposition of CH 3C0 1 8 -0 1 8 -H showed that 8 3 % of the heavy oxygen isotope 
appeared as 01 8-01 8 . A reinvestigation of the aqueous alkaline decomposition of hydrogen peroxide showed 
that this decomposition is almost immeasurably slow when the base is purified and EDTA added to the reaction 
solution. Under these conditions the rate of decomposition is about one-hundredth that attributed to spon­
taneous decomposition alone in the literature. Mechanistic implications of these data are discussed. 
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PEROXOCHLOROACETIC 
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ACID>2B°C, 

Fig. 1.—The pH dependence of the observed second-order rate 
constant for the decomposition of peroxoacetic acid and peroxo-
chloroacetic acid obtained in the presence of 1O - ' M EDTA; k is 
in liters/mole sec. 

PO3
2"". In the subsequent discussion [ROOH ]T will 

symbolize the stoichiometric concentration of a peroxo 
compound and [ROOH ]o its initial concentration. 

Peroxoacetic Acid and Peroxochloroacetic Acid.— 
Preliminary experiments showed tha t there was serious 
incursion of homogeneous catalysis presumably by 
trace metal ions when no reagent was added to the sys­
tem to complex with these metal ions and render 
them ineffective as catalysts. E D T A was found to be 
effective in this role and by measuring rates with vary­
ing concentrations of E D T A it was found tha t 10 ~3 M 
of this reagent gave opt imum results. In each kinetic 
run 1O - 3 M E D T A was, therefore, present in the sys­
tem. The decompositions, with E D T A added, were 
homogeneous, the rates being identical whether the re­
action was carried out in polyethylene or in glass vessels. 

At a fixed pH, plots of the reciprocal of the stoichio­
metric peroxoacid concentration were linear to over 6 5 % 
reaction, indicating t h a t the uncatalyzed decomposi­
tions were second order with respect to [ROOH] T . 
Deviations toward lower order kinetics became sig­
nificant after about 6 5 % reaction. These deviations 
from linearity in the second-order plots in the case of 
peroxochloroacetic acid may largely be at t r ibutable to 
its rapid hydrolysis to chloroacetic acid and hydrogen 
peroxide.6 

The observed rate law at a given pH may, thus, be 
expressed as in eq. I 

-d[ROOH]T/d* = U1[ROOH]T2 W 
where kQbS is a pseudo second-order rate constant de­
pendent on pH. Rates of decompositions were meas­
ured at varying pH values in the range 5 to 10. Figure 1 
denicts the dependence of kobs on pH. The maximum 
observed rate of decomposition was at pH 8.2 for per-

pH 7.2). The TpK3. values of these two peroxoacids were 
determined by potentiometric t i trations and found to 
be 8.2 and 7.2, respectively. The maximum rate is 
thus observed a t 5 0 % dissociation of the peroxoacid in 
each case. 

When E D T A was present in amounts less than 1O - 3 

M, serious deviations toward lower order kinetics were 
noticed. In its absence the decomposition became 
essentially first order in [ROOH ] T . I t was later found 
tha t Co(II) ions at concentrations as low as 1O -6 M 
were effective in inducing catalytic decomposition which 
proved to be first order in [ROOH ] T . However, the 
Co (II)-catalyzed decomposition leads to the evolution 
of CO2 and oxygen while spontaneous decomposition 
in the presence of EDTA yields only oxygen.6 E D T A 
was found to suppress decomposition greatly by cata­
lytic pathways in solutions containing added transition 
metal ions. Further details of this catalytic decom­
position will be given in a subsequent communication. 

No a t tempts were made to maintain constant ionic 
strength, but variation in buffer concentration had 
little effect on the rate of decomposition provided appro­
priate amounts of E D T A were present in the system. 

From the rates measured a t three different tem­
peratures, 25.0, 35.0 and 44.8°, an activation energy 
(Ea) of 30 kcal. m o l e - 1 was found for peroxoacetic acid 
decomposition. 

Peroxomonophosphoric Acid.—A study of the de­
composition of peroxomonophosphoric acid showed tha t 
its behavior was analogous to tha t observed for Caro 
acid1 and for peroxocarboxylic acids. Maximum rate 
of decomposition (£0bs = 7.1 X 1O - 4 1. m o l e . - 1 s e c . - 1 

at 35.8° and a t pH ~ 12.5 ± 0.2) was observed in the 
pH region which corresponds to its p i^a l the pK^ 
was estimated spectrophotometrically to be 12.8 ± 
0.2. 

The decomposition had to be studied in polyethylene 
vessels even when E D T A was present and deviations 
from second-order kinetics became serious as the pH 
of the system was shifted away from tha t corresponding 
to pK3!l of the peroxoacid. I t seems tha t the catalytic 
pathway is not entirely suppressed. The above be­
havior becomes understandable if the reasonable as­
sumption is made tha t the catalytic decomposition is 
insensitive to changes in p H and thus it makes a con­
s tant contribution to the total ra te of decomposition 
a t all pH values. In the region of pH near the pK3a, 
where the bimolecular spontaneous process is fastest, 
the catalytic decomposition presumably forms a small 
percentage of the total observed rate. At pH values 
above or below the pKia region, the spontaneous path­
way is adversely affected and therefore the catalytic 
decomposition forms a significant par t of the total rate. 
The second-order plots were linear to over 2 half-lives 
at pH values near the pKia> indicating tha t uncata­
lyzed decomposition is indeed predominant in this 
region. 

Hydrogen Peroxide.—Since the decompositions were 
carried out in unbuffered media and since the pH in­
creases as the peroxide concentration decreases, the re­
sults of the studies on H2O2 decomposition a t 35° are 
presented as plots of [ H 2 0 2 ] T against time. 

The results obtained at various pH values (measured 
a t the start of the kinetic runs) for two initial concen­
trations of hydrogen peroxide show tha t at [H2O2 ]o 
= 0.1 M the rate appears to pass through a maximum 
at pH ~ PKH2O1 , whereas at [H2O2]o = 1 M the r a t e s 

oxoacetic acid (&obs = 2.7 X 10 3 1. mole l sec. l a t simply decrease as the p H increases from 10.7 to IS 
pH 8.2 and a t 25°) and a t pH 7.2 for peroxochloroacetic 
acid (/feobs = 1.0 X 10"1 1. mole" 1 sec."1 a t 15° and a t 

(6) E. Koubek, Ph.D. Thesis, Brown University. 

Figures 2 and 3 show the results obtained a t various 
pH values (measured a t the s tar t of the kinetic runs) 
for two initial concentratons of H2O2. When [H2O2 ]o 



Aug. 5, 1963 SPONTANEOUS DECOMPOSITIONS OF SOME PEROXOACIDS 2265 

Fig. 2.—Effect of pH upon the rate of decomposition of 0.1 M 
H2O2: initial pH of A = 11.39, B = 11.35, C = 10.54 and 11.75, 
D = 11.60, E = 11.19, F = 11.34. EDTA added initially in runs 
A and B and after 40 hr. to run F. 

Fig. 3.—Effect of pH upon the rate of decomposition of 
1.OiVH2O2: initial pH of A = 12.72, B = 11.89, C = 11.54, D = 
10.92, E = 10.71. 

= 0.1 M1 Fig. 2, the rates appear to pass through a 
maximum when pH ~ P-STH2O,, whereas at [H2O2 ]o 
= 1 M (Fig. 3) the rates of decomposition decrease 
as the pH increases from 10.7 to 12.7. 

Figure 4 shows the results, at constant initial pH and 
approximately constant [H2O2Io = 1 Af, of a series of 
decompositions in which the effects of various combi­
nations of NaOH purifications and EDTA additions 
were compared. Several important features are to be 
noted: (1) A comparison of runs B (purified base, no 
EDTA) and D (unpurified base, no EDTA) shows that 
purification of the NaOH solution reduces the rate of 
decomposition considerably. (2) Runs C and D (un­
purified base, EDTA added) show that EDTA sup­
presses the initial rate of decomposition markedly in the 
presence of unpurified base. (3) A comparison of runs 
B, C and D reveals that addition of EDTA or purifica­
tion of the base causes significant lowering of rate, the 
effect of EDTA being relatively shorter lived. (4) 
Comparing the runs A (purified base, EDTA added) 
and C reveals that when EDTA is added and also the 

Fig. 4.—Effect of purification of NaOH on the decomposition 
of H2O2: A, decomposition rate in purified NaOH containing 
10"3 M EDTA; B, decomposition rate in purified NaOH; C, no 
purification but 1O-8 M in EDTA; D, no purification. Initial 
pH of A = 11.47, B = 11.54, C = 11.48, D = 11.51. 
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Fig. 5.—Effect of EDTA upon the rate of decomposition of 1.0 
M H2O2. Both A and B contained EDTA initially. EDTA was 
added again to run A after 10 hr. Initial pH of A = 10.94, B = 
10.92. 

base is purified (A) the apparent induction period, dur­
ing which the decomposition is extremely slow, is much 
longer than when EDTA is present but the base is not 
purified (C). 

Figure 2 also illustrates the effects of introducing 
EDTA into solutions with [H2O2 ]o = 0.1 M. If the 
chelating agent is added at the start of the reaction 
(A and B), the apparent induction period lasts for about 
30 hr. As run F of Fig. 2 indicates, the reaction can be 
virtually stopped at any time during a run by the 
addition of EDTA. Similar behavior was observed 
when the [H202]o = 1 M (see Fig. 5). Presumably the 
slow oxidation of EDTA by H2O2 prevents it from 
suppressing the catalytic decomposition indefinitely. 

Of particular importance is the fact that the initial 
rate calculated from run D of Fig. 4 (purified base, no 
EDTA) is about one-fourth to one-sixth as fast as the 
rate of decomposition reported by Duke and Haas,3 

but when the base is purified and also EDTA added (A 
in Fig. 4) the initial rate is about one-hundredth their 
rate. Since the rate of spontaneous decomposition 
cannot be faster than the slowest observed rate (assum­
ing a bimolecular polar mechanism), it is clear that 
catalytic decomposition formed a major factor of the 
rate which these authors3 attributed to spontaneous 
decomposition alone. 

i-Butyl Hydroperoxide.—Preliminary experiments on 
the base-catalyzed decomposition of (!-butyl hydro­
peroxide showed no appreciable change in either the 
hydroperoxide concentration or in pH over a period of 3 



2266 KOUBEK, HAGGETT, BATTAGLIA, IBNE-RASA, PYUN AND EDWARDS Vol. 85 

weeksat 38.5°. At 55.1° and at pH 12.8 and with added 
EDTA a half-life of about 40 days was observed for 
decomposition. In the absence of EDTA, the half-life 
was reduced slightly. The reaction appeared to be 
first-order in [ROOH ]T . Several kinetic runs with 
varying pH values between 2.1 and 12.2 yielded similar 
results. Since the reaction was too slow to furnish 
useful data, it was not investigated further. 

Discussion 
Summary of Results.—(1) In all the cases studied, 

previously16 and now, the uncatalyzed decompositions 
when observed obey the second-order kinetic law at 
fixed pH; the rates show a maximum in each case at a 
pH at which [ROOH] = [ROO"]. (2) Peroxochloro-
acetic acid undergoes decomposition at a rate which is 
faster, by at least a factor of 100, than the rate of de­
composition of peroxoacetic acid. Toward nitroso-
benzene, however, peroxochloroacetic acid is only 30 
times as effective as its unsubstituted analog.6 (3) 
The decomposition of H2O2 is virtually stopped when 
purified base is used with added EDTA. The question 
whether the extremely slow decomposition during the 
apparent induction period is occurring by a spontaneous 
process, through a catalytic pathway or by both proc­
esses cannot be answered with any amount of cer­
tainty. /-Butyl hydroperoxide is similarly too sluggish 
in its decomposition to give reliable kinetic data. (4) 
The analysis of the products of the decomposition of 

O 
!I 

peroxoacetic acid, containing CH3C018-018-H, showed 
that 83% of the heavy oxygen isotope appeared as 
QlS-O1 8 . 

The kinetic behavior, which appears to be common for 
these decompositions, suggests that the rate-deter­
mining transition state is composed of a molecule of the 
undissociated species ROOH and a molecule of its 
ionized form, ROO - . 1 6 Ball and Edwards,1 who first 
observed this kinetic behavior for the decomposition of 
Caro acid, interpreted their results in terms of a bi-
molecular nucleophilic attack by the anion R O O -

upon the outer peroxidic oxygen of the undissociated 
molecular ROOH; the resulting reactive intermediate 
which would then break down into products in a rapid 
step was pictured as Ia. 

o -
! 

O—S—O 

/ I 
0—0 O 

/ 
H 

Ia 
Since there is strong evidence for the peroxidic 

oxygen acting as an electrophilic site in the oxidation of 
a large number of nucleophiles78 and since anions of the 
type ROO - (where R = H or CH3) are known to possess 
exceptionally high nucleophilic reactivity,9 the mecha­
nism of Edwards and Ball1 appears to be reasonable. It 
ascribes, at least in a qualitative sense, the very low 
rates of decompositions of H2O2 and /-butyl hydro­
peroxide to the high basicity of O H - and /-BuO - which 
causes them to be very poor leaving groups in the tran­
sition states leading to the intermediates of the type Ia. 
The differences between the reactivities of the variously 
substituted peroxobenzoic acids6 and between the two 

(7) J. O. Edwards in "Peroxide Reaction Mechanisms," edited by J. O. 
Edwards, Interscience Publishers, Inc., New York, N. Y., 1962, pp. 67-106. 

(8) K. M. Ibne-Rasa and J. O. Edwards, J. Am. Ckem. Soc, 84, 763 
(1962). 

(9) W. P. Jencks and J. Carriuolo, ibid., 82, 1778 (I960): 

peroxoacetic acids also are understandable on similar 
grounds. 

However, there were certain observations made 
during the present investigations which were hard to 
reconcile with the above mechanism. Thus, for ex­
ample, peroxochloroacetic acid oxidizes nitrosobenzene 
about 30 times as fast as does peroxoacetic acid. This 
difference in their reactivities is almost certainly ascrib-
able to the greater ability of the chloroacetate ion as a 
leaving group relative to the acetate ion. If the mecha­
nism of their spontaneous decompositions is analogous 
to that suggested for the peroxoacid oxidation of nitro­
sobenzene,10 then the expected difference between the 
rates of their decompositions would be a factor of about 
30 (if ClCH2COOO- and CH3COOO - are assumed to 
have comparable nucleophilic reactivity) or less than a 
factor of 30 (if the chlorine atom in ClCH2COOO-

reduces the electron density at the nucleophilic center 
significantly and consequently decreases its nucelo-
philicity). The observed rate of decomposition of 
peroxochloroacetic acid is at least 100 times as fast 
as that of the decomposition of peroxoacetic acid. The 
indication was that the electrophilic site might not be 
the outer peroxidic oxygen atom and that instead 
it might be the carbonyl carbon atom in the 
decomposition of the two peroxoacetic acids studied. 
The substitution of the chlorine atom in a position 
adjacent to the electrophilic center, then, would be 
expected to exert a much greater accelerative influence 
on the decomposition rate,11 than when the outer 
peroxidic oxygen is assumed to be the electrophilic 
site. 

In addition, H O O - is about 200 times as effective a 
nucleophile as O H - toward carbonyl carbon in esters.9 

This exceptionally high nucleophilic reactivity has been 
ascribed to the operation of the "Alpha Effect."12 

It seems reasonable to assume, then, that the peroxo-
acetate ion will exhibit nucleophilic reactivity toward 
the ester carbonyl carbon comparable to that of H O O -

and greater than that of OH - . Also it is reasonable to 
expect that both HOO - and CH3COOO- will maintain 
their superior nucleophilic reactivities (relative to 
OH - ) toward the carbonyl carbon in peroxocarboxylic 
acids. Since the basic hydrolysis of peroxoacetic acid 
and peroxochloroacetic acid were found to be very 
facile reactions, it is hard to explain why during their 
spontaneous decompositions the anions would attack 
the peroxidic oxygen to the complete exclusion of the 
attack on the carbonyl carbon. 

In order to obtain more definitive evidence as to 
whether the peroxidic oxygen or the carbonyl carbon is 
the electrophilic site, the products of the decomposition 

O 
[I 

of peroxoacetic acid containing about 4% CH3CO18-
018-H were analyzed. The nucleophilic attack by 
ROO - upon the outer peroxidic oxygen1 would demand 
that the O18 appear predominantly as 016-018 (almost 
complete scrambling), while the attack upon car­
bonyl carbon (via intermediate Ib) predicts that 

H3C < y < H 

(10) K. M. Ibne-Rasa, C. G. Lauro and J. O. Edwards, ibid., 8», 116S 
(1963). 

(11) E. S. Gould, "Mechanism and Structure in Organic Chemistry," 
Henry Holt and Co., New York, N. Y., 1959, p. 317. 

(12) J. O. Edwards and R. G. Pearson, / . Am. Chem. Soc, 84, 16 (1962). 
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O18 appear as 018-018 (no scrambling). The experi­
ment showed that 83% of the heavy oxygen isotope 
ap'peared as 018-018. The 17% scrambling might 
arise from the attack upon the peroxidic oxygen (via 
intermediate Ia) or at least part of it might be due to 
interference by catalytic decomposition, where scram­
bling can occur. 

The above data thus establish that in the decomposi­
tion of peroxocarboxylic acids the dominant mode of 
reaction is via intermediate Ib, i.e., the electrophilic 
site is carbonyl carbon rather than the peroxidic oxygen. 
If the uncatalyzed decompositions of other peroxoacids 
also occur by a similar mechanism, as suggested by the 
analogous kinetic behavior of the cases studied, the sul­
fur atom in Caro acid and phosphorus atom in peroxo-
monophosphoric acid are implicated as the preferred 
electrophilic sites in their decompositions. 

The postulated attack of an anion of the type ROO" 
upon phosphorus is not novel; in the reaction of H O O -

with isopropoxymethyl phosphoryl fluoride (Sarin) the 
suggested mechanism13'14 involves a nucleophilic attack 
by this ion on the phosphorus atom of Sarin, with a 
reaction rate which is considerably greater than that 
when O H - is the nucleophile. 

The observed extreme reluctance of /-butyl hydro­
peroxide to undergo uncatalyzed decomposition pre­
sumably stems from the fact that the tertiary carbon 
atom is sterically too hindered to allow the approach 
of the incoming nucleophile and from the unavailability 
of a site to accommodate the negative change in the 
expected intermediate. The latter reason also explains 
the almost negligible rate at which H2O2 undergoes 
spontaneous decomposition, if at all. 

A kinetic study of the uncatalyzed decomposition of 
peroxobenzoic acids by Goodman, Robson and Wilson6 

appeared in the literature when the present work was 
near completion. Although these authors postulated 
the nucleophilic attack of the peroxobenzoate ions 
upon the carbonyl carbon of the neutral molecules giv­
ing rise to an intermediate of the type Ib, no definite 
evidence was reported which could discriminate between 
the two probable mechanisms. The evidence presented 
here does provide this discrimination and favors the 
mechanism they have proposed. 

Experimental 
Materials.—Except where otherwise stated, reagent grade 

chemicals were used without purification. 
Laboratory distilled and de-ionized water was used in pre­

paring solutions. De-ionized water was obtained by passing 
distilled water through a Barnstead bantam demineralizer, 
model BD-I , using a Barnstead mixed resin cartridge. 

The disodium salt of ethylenediaminetetraacetic acid dihydrate 
(EDTA) was a G. Frederick Smith commercial product. In the 
CH3CO3H, ClCH2CO3H and H2O2 decompositions, the EDTA 
was recrvstallized according to the method of Blaedel and 
Knight.15 

Potassium peroxodiphosphate, from which peroxomonophos-
phoric acid was obtained, was prepared electrolytically using the 
procedure described by Fichter and Gutzwiller16 as modified by 
Crutchfield." The procedure outlined by Chulski18 for the 
conversion of the potassium salt to the lithium peroxodiphosphate 
tetrahydrate, was then followed. The Li4P2Os^H2O was air-
dried until free flowing. Yields from such preparations, based 
on the original potassium phosphate electrolyzed and converted 
to Li4P2Os-4H20, were approximately 50%. 

The purity of the salt, after recrystallization, was determined 
by iodometric analysis of the active oxygen present. The 
analysis showed the product to be 99.5% Li4P208-4H20. 

(13) L. Larson, Acta Chem. Scand.. 12, 723 (1958). 
(14) J. Epstein, M. M. Demek and D. H. Rosenblatt, / . Org. Chem., 11, 

790 (19S6). 
(15) W. J. Blaedel and H. T. Knight, Anal. Chem., 26, 741 (1954). 
(16) F. Fichter and E. Gutzwiller, HeIv. Chim. Acta, 11, 323 (1928). 
(17) M. M. Crutchfield, Ph.D. Thesis, Brown University, 1960. 
(18) T. Chulski, Ph.D. Thesis, Michigan State University, 1953. 

In alkaline solutions it was necessary to exclude lithium ion 
since lithium phosphate was found to precipitate under the 
conditions employed. This exclusion was accomplished by con­
verting stock solutions of Li4P2O8 to Na4P2O8 using an ion-ex­
change technique described by Crutchfield.17 

Peroxoacetic acid was prepared as follows: 46.0 g. of B and A 
30% H2O2 were slowly added to 70.0 g. of concentrated H2SO4 
immersed in an ice-bath. To this mixture 20.4 g. of acetic an­
hydride was added dropwise with constant stirring. After 
standing overnight, the CH3CO3H formed was distilled under a 
reduced pressure of 25 mm. and at a temperature of 30.5 ± 0.5°. 
The distillate contained approximately 7 5 % peroxoacetic acid; 
smaller amounts of H2O2 ( ~ 3 % ) and CH3CO2H ( ~ 1 5 % ) were 
also present. These two impurities had no significant effect on 
the decomposition under investigation; further purification was, 
therefore, not carried out. 

Shortly before use these samples were diluted to form a stock 
solution. Analyses were carried out according to the procedure 
outlined by Greenspan and MacKellar.19 

Peroxochloroacetic acid was prepared in a similar manner to 
CH3CO3H except that the peroxoacid was extracted with anhy­
drous methylene chloride instead of fractionally distilled. De­
tails of the preparation are: 11.5 g. of B and A 30% H2O2 was 
slowly added to 30.Og. of cold (0°) concentrated H2SO4; 9.5 g. of 
chloroacetic acid was then added with stirring. After standing 
for at least 24 hr., 30 ml. of methylene chloride, redistilled from 
CaH2, was added and the C H 2 C I 2 - C I C H 2 C O S H layer removed. 
The extract was immersed in an ice-bath and the CH2Cl2 evapo­
rated under reduced pressure, precautions being taken to exclude 
moisture. The clear, viscous liquid remaining (density 1.5, 
m.p. < 0°) contained 60% ClCH2CO3H (as shown by iodometric 
analysis) and small amounts (1-5%) of H2O2 (by eerie ion analy­
sis); the remainder was chloroacetic acid; 1 ml. of this liquid 
was then added to 50 ml. of buffer solution. 

<-Butyl hydroperoxide, obtained from K and K Laboratories, 
was purified 2^21 by fractional distillation under a reduced pres­
sure of 20 mm. The distillate boiling at 39-39.5° was collected; 
a modified technique of iodometric analysis22 showed it to be 
97.3% pure. Solutions of 0.1 M Mrntyl hydroperoxide of var­
ious pH values were prepared, EDTA being added to some 
samples. 

Stock solutions of hydrogen peroxide were prepared by dilu­
tion with de-ionized water of BECCO 98% unstabilized H2O2. 
No purification of this material was undertaken. Analyses were 
carried out using both Ce(IV) and I2-Na2S2O3 standard tech­
niques. 

Phosphate, carbonate, and, in the case of H3PO5 decomposition, 
borate buffers were used in the studies on H3PO5, CH3CO3H and 
ClCH2CO3H. The buffer salts were recrystallized (for the 
H3PO5 and labeled CH3CO3H decompositions) from conduc­
tivity water, a small quantity of EDTA ( ~ 1 0 ~ 3 M) being added 
in the first recrystallization. 

The NaOH solution used in the H2O2 decompositions was an 
A.R. Mallinckrodt 50-52% solution diluted to 10 and 5 M 
stock solutions. The base was purified according to the method 
of Duke and Haas3 with one modification: The addition of 
Fe(NOi)s as a co-precipitating agent was omitted. 

Peroxoacetic acid, doubly labeled with O18, was prepared in 
the following manner. Na2O2

18''8 was synthesized as outlined by 
Anbar23; 7 ml. of cold 2 M HClO4 solution in water of natural 
isotopic composition was used to hydrolyze the Na2O2

18,18 to 
H2O2'8'18; 2.9 ml. of this labeled H2O2 solution was then mixed 
with 0.505 ml. of BECCO 98% H2O2 solution; 2.94 ml. of the 
resulting peroxide solution was added slowly with stirring to 2.0 
ml. of cold (0°) concentrated H2SO4; finally, 0.9 ml. of acetic an­
hydride was added dropwise. The procedure for the preparation 
of ClCH2CO3H was then followed, three 15-ml. portions of 
CH2Cl2 being used for the extraction. After evaporation of the 
CH2Cl2, 9 ml. of de-ionized water was added to the small volume 
( ~ 1 ml.) of liquid finally obtained. 

O2
18,18 (98.07 atom % O18) was supplied by Yeda Research and 

Development Co., Israel. 
Prepurified nitrogen was obtained from Air Reduction Co. 
Equipment.—Polyethylene bottles were used as reaction ves­

sels in studying the kinetics of the decompositions of H3PO5, 
<-BuOOH and H2O2; glass vessels were adequate for the CH3CO3H 
and ClCH2CO3H decompositions. The reaction vessels were 
immersed inconstant temperature ice- or water-baths (t ±0 .05°) . 

Spectrophotometric measurements were carried out at 25° 
using a Beckman model DK-I recording spectrophotometer. 

(19) F. P. Greenspan and D, G. MacKellar, Anal. Chem., 20, 1061 
(1948). 

(20) N. A. Miles and S. A. Harris, J. Am. Chem. Soc, 60, 2434 (1938). 
(21) N. A. Miles and D. M. Surgenor, ibid., 68, 205 (1946). 
(22) J. Mitchell, I. M. Kolthoff, E. S. Proskauer and A. Weissberger, 

"Organic Analysis," Vol. 4, lnterscience Publishers, Inc.. New York, N. Y., 
1960, p. 15. 

(23) M. Anbar, / . Am. Chem. Soc, 83, 2031 (1961), 
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pH Measurements were made using Beckman model G pH 
meters. These instruments were standardized before use with 
commercial certified buffer solutions. 

Procedures.—Peroxomonophosphoric acid was prepared for 
each kinetic run by acid hydrolysis of Na.iP208 as follows: To 
20.0 ml. of 0.10 M Na4P2O8 in a test-tube was added 2.00 ml. of 
6.00 M HClO4. The resulting solution was heated for 35 min. in 
an oil-bath at 50°. Under these conditions 60 to 70% of the 
peroxodiphosphate was hydrolyzed to peroxomonophosphoric 
acid. The remainder of the total active oxygen was present 
predominantly as peroxodiphosphoric acid with only a small 
concentration of H2O2 ( < 1 % of the total active oxygen). The 
solution was then cooled rapidly to about 35° and, noting zero 
time, added to a polyethylene reaction vessel which contained a 
known volume of quenching solution. The vessel was immedi­
ately placed in a constant temperature bath at 35.8 ± 0.05°. 
The quenching solution contained a known amount of standard 
sodium hydroxide (to neutralize the acidity of the hydrolysis 
mixture and to fix approximately the pH of the resulting solu­
tion), a known amount (~10~ 4 M) of either EDTA or a,a'-
dipyridyl and, in some instances, a known volume of buffer 
solution. 

Aliquots of the reaction solutions were withdrawn at appro­
priate time intervals and analyzed iodometrically for peroxo­
monophosphoric acid. Because of the considerable concentra­
tion of peroxodiphosphate present, the analyses were carried out 
in acetate buffers at pH 4.6; no interference from the oxidation of 
iodide ion by peroxodiphosphate was noted at this pH . 

The decompositions of CH3CO3H, ClCH2CO3H and H2O2 
were started by adding the required volume of peracid or per­
oxide solution to a buffer or NaOH solution, of the required pH, 
to which EDTA ( ~ 1 0 - 3 M) had been added. As previously, 
aliquots were withdrawn by pipet periodically and analyzed, the 
analyses for CH3CO3H and ClCH2CO3H being carried out in 
phosphate buffers of pH 3.5. 

The prepared /-BuOOH solutions were immersed in a constant 
temperature water-bath and aliquots taken at intervals of 24 hr. 
and analyzed by an iodometric method.22 

The pH of all reaction solutions was measured at the start 
and at the end of a kinetic run. In buffered solutions the pH was 
usually constant to ± 0 . 1 pH unit. 

Samples, for mass spectrometric analysis, of the oxygen 
evolved in the base-catalyzed decomposition of the labeled 
peroxoacetic acid were collected as follows: 5 ml. of labeled 
CH3CO3H solution was added to the side arm of a 100-ml. re­
action vessel. Contained within the same flask was 45 ml. of a 
carbonate buffer solution ( ~ 1 0 ~ 3 M in EDTA) which main­
tained a pH near 8.2, the P-K8 of peroxoacetic acid. The purity 

A variety of small carbocyclic systems possessing 
one or more double bonds exocyclic to the ring have been 
synthesized during the past decade. In the cyclo-
butane series, representative examples having one, two 
and three exomethylene groups have been reported.3 

The present study was initiated in order to determine 
whether tetramethylenecyclobutane which, like cyclo-

(1) For a preliminary communication on this subject, see G. W. Griffin 
and L. I. Peterson, J. Am. Chem. Soc, 84, 3398 (1962). 

(2) Procter and Gamble Predoctoral Fellow, 1962-1963. 
(3) (a) J, K. Williams and W. H. Sharkey, J. Am. Chem. Soc, 81, 4269 

(1959); (b) A. T, Blomquist and J. A. Verdol, ibid., 77, 1806 (1955); (c) 
A. T, Blomquist and Y. C. Meinwald, ibid., 81, 667 (1959); (d) F. F. 
Caserio, Jr., S. H. Parker, R. Piccolini and J. D. Roberts, ibid., 80, 5507 
(1958); (e) M. P. Cava, M. J. Mitchell and R. J. Pohl, Tetrahedron Letters, 
No. 18, 825 (1962); (1) A, T. Blomquist and P. M. Maitlis, Proc. Chem. 
Soc, 332 (1961). 

of this buffer had been previously determined by following the 
spontaneous decomposition of ordinary peroxoacetic acid. 

The reaction flask and its contents were then attached to a 
vacuum line and thoroughly flushed with a stream of prepurified 
nitrogen. After passage of nitrogen gas for at least 1 hr., 
a sample was taken from above the liquids, and the nitrogen 
flow terminated. Mass spectral analysis of the blank sample 
demonstrated the efficiency of this process. Following this the 
reaction vessel was turned into a position enabling the two 
liquids to mix. After a period corresponding to ca. 70% re­
action, a representative sample of gas (now nitrogen and oxygen) 
was taken. 

The remaining 0.4-ml. portion of the hydrogen peroxide used 
initially to prepare the labeled peroxoacetic acid was diluted 
with 9.6 ml. of de-ionized water. One-half of this solution was 
oxidized with an excess of acid eerie ion in the same apparatus 
and according to the same procedure used for the spontaneous 
decomposition. 

A repeat of this experiment was carried out with the remaining 
H2O2 solution. Since it is known2324 that the 0 - 0 bond of H2O2 
is not broken on oxidation by an excess Ce(IV), these experi­
ments gave the relative amounts of H2O2

16'16, H2O2
1618 and 

H2O2
1818. It was assumed that the CH3CO3H was labeled in 

the same relative amounts.26 

A spectrophotometric method26 was used to evaluate the acid 
dissociation constants of H3PO5. Potentiometric titration, 
used to determine the acid dissociation constants of CH3CO3H 
and ClCH2CO3H, could not be used since an equimolar mixture 
of peroxomonophosphoric and phosphoric acids is obtained on 
acid hydrolysis of peroxodiphosphate, according to the equa­
tion 

H4P2O8 + H2O >• H3PO5 + H3PO4 
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(24) C. A. Bunton and D. R. Llewellyn, Research, 5, 142 (1952); A. E. 
Cahill and H. Taube, / . Am. Chem. Soc, 74, 2312 (1952); S. Baer and G. 
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butadiene, possesses four such sp2-hybridized carbon 
atoms in the ring would be capable of even precarious 
independent existence.4 We were encouraged in this 
endeavor by earlier predictions based on simple Hiickel-
MO calculations which indicated that in contrast 
to cyclobutadiene a singlet ground state, as well as a 
substantial derealization energy (1.67 /3), might be 
anticipated for I.5 In order to translate the calculated 

(4) J. D. Roberts, A. Streitwieser, Jr., and C. M. Regan, J. Am. Chem. 
Soc, 74, 4579 (1952). 

(5) While our work was in progress a compound related to I, namely, 
octaphenyltetramethylenecyclobutane, was obtained by photodimerization 
of 1,1,4,4-tetraphenylbutatriene; R, O. Uhler, H. Shechter and G. V. D. 
Tiers, ibid., 84, 3397 (1962). 

A substituted tetramethylenecyclobutane structure was also considered 
for a C20H2S hydrocarbon formed when ascaridole is heated in £-cymene, al­
though no experimental evidence other than molecular weight and carbon-
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Tetramethylenecyclobutane (I), a cross-conjugated hydrocarbon of theoretical interest, has been synthesized 
by two independent routes. Although non-isolable, it is stable in dilute solutions to both acid and base and 
has been characterized by spectral analysis as well as by chemical evidence. By classical standards compound 
I cannot be considered aromatic although it is indefinitely stable in dilute solution at —78° in the absence of 
oxygen. Its marked sensitivity to oxygen and tendency to polymerize may be rationalized in theoretical terms. 
In relation to our work with I, the synthesis of dihydrotetramethylenecyclobutane (XII ) has also been achieved. 


