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weighed. The amount of polymercuration so determined 
was added to that found by the carrier technique. 
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Summary 
1. Both toluene and nitrobenzene were mer-

curated (a) with mercuric acetate, and (b) with 
mercuric perchlorate in perchloric acid solution. 

In most low temperature free radical initiated 
emulsion polymerization recipes the initiating 
free radicals are formed by the reaction between 
cumene hydroperoxide (CHP, C6H6C(CH,)2OOH) . 
and complexed ferrous iron. In order to obtain 
information on the rate of production of these 
free radicals under various conditions a study of 
the decomposition of CHP was undertaken. In a 
previous publication2 it was shown that in the 
vicinity of 100° the decomposition of CHP in a 
styrene solution may be described by two simul­
taneous reactions, a unimolecular fission pre­
sumably at the O—O bond producing two radicals 
per molecule (k = 2.7 X i018e-30-*«V*r sec.-1). 
and a radical induced decomposition having no 
effect on the number of radicals in the sys­
tem (k = 1.00 X 106e-fi.50(V-Rr 1. mole"1 sec.-1). 
The present paper deals with the decomposition 
of CHP in an acidic dilute aqueous solution 
at lower temperatures in the presence of ferrous 
iron and oxygen with particular emphasis on the 
rate constant of the primary radical producing 
reaction and as an intermediate step to the study 
of the decomposition in alkaline medium in the 
presence of complexed iron. The study was 
carried out in the presence of oxygen rather than 
its absence because of the experimental dif­
ficulty of removing completely from very dilute 
solutions the effect of oxygen traces. Very-
little has been reported on this although KoIt-
hoff and Medalia8 obtained an approximate 
value of 27 1. mole - 1 sec. - 1 at 27° for the rate 
constant of the primary radical producing re-

(1) Presented at the Detroit Meeting, Division of Physical and 
Inorganic Chemistry, American Chemical Society, April, 1950. 

(2) J. W. L. Fordham and H. L. Williams, Cat,. J. Research, 2TB, 
943 (1949). 

(3) I. M. Kolthoff and A. I. Medalia, THIS JOUKNAL, 71, 3789 
(1949). 

2. The amounts of ortho and para and of 
meta isomers thus formed were determined in 
each case. The analytical method for the tolyl 
mercuric salts depended upon converting these 
compounds to bromotoluenes, and analyzing these 
by a tracer technique requiring Br82. 

3. I t was found that mercuration with mer­
curic perchlorate in perchloric acid solution gave 
the pronounced orientation effects typical of 
electrophilic substitution; mercuration with un­
ionized mercuric acetate showed much less 
strongly marked orientation effects. 
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action. Baxendale, Evans and Park4 in a study 
of the analogous reaction between hydrogen 
peroxide and ferrous iron found that the rate 
constant of the reaction is given by k = 1.78 
X 10»e-10.10°/8r LmOIe-1SeC.-1. 

Stoichiometric Ratios.—Publications4-5'6 indi­
cate that in dilute aqueous solutions of hydrogen 
peroxide and ferrous iron the ratio of ferrous 
iron oxidized to peroxide consumed in an acidic 
medium is two to one whether the reaction takes 
place in the absence or presence of oxygen. This 
fact supports the mechanism proposed for dilute 
solutions of low ̂ H,4 i.e. 

Fe + + + HO2H — > Fe + + + + OH~ + HO-

Fe + + + HO > Fe + + + + O H " 

However, in the CHP-ferrous iron reaction 
under similar conditions, the ratio is approxi­
mately one to one in the absence of oxygen and 
varies from slightly less than two to more than 
four to one depending upon the initial concen­
tration of CHP and ferrous iron in the presence 
of oxygen.3 The authors have also found the 
ratios are considerably greater than two to one in 
the presence of oxygen. The stoichiometry of 
the reaction in an alkaline medium could not be 
investigated in the presence of oxygen because of 
the rapid oxidation of ferrous iron in the absence 
of hydroperoxide. The results are in Tables I and 
II. 

From these results it is evident that at a pH 
from 1 to 4 an increase in the initial ratio of 
ferrous iron to CHP, a decrease in the pH of the 
solution, or a decrease in the initial CHP con-

(4) J. H. Baxendale, M. G. Evans and CV S. Park, Trans. Faraday 
Soc, 42, 1.55 (1946). 

(5) I. M. Kolthoff and A. I. Medalii, THIS JUDKSAI, Tl, .'!777 
(1949). 

(6) I. M. Kolthoff and A. I. Medalia, ibid., 71, 3784 (1949). 
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TABLE I 

REACTION RATIOS OF CHP WITH F e 4 + IN* 0.1 A' H4SO4 

AT 25.10° 
[CHP]o, M XlO* [Fe + ~ J o / t C H P ) . R a Uo 

2.00 4.00 >4.00" 
2.00 6.00 5.80 
2.00 8.00 6.20 
2.00 10.00 6.30 
3.00 4.00 >4.00" 
3.00 6.00 5.75 
3.00 8.00 5.85 
3.00 10.00 5.95 
4.00 LOO >i 00" 
4.00 6.00 5.4." 
4.00 8.00 5.50 

4.00 10.00 5.60 

" Residual CHP present instead of residual F e 4 + . 

TABLE M 

REACTION RATIOS OF CHP WITH Ft-. 

25.10" 
[CHPl, 

IN WATER AT 

M x ios 

2.00 
2.00 
2.00 
2.00 
3.00 
3.00 
3.00 
3.00 
4.00 
4.00 
4.00 
4.00 

[ F e - - U ; 
[CHP], , 

4.00 
6.00 
8.00 

10.00 
4.00 
6.00 
8.00 

10.00 
4.00 
6.00 
8.00 

10.00 

5.0u 
1.30 
4.30 
4.27 
4.68 
4 20 
1.18 
4.16 
4.62 
4.16 
4.10 
4.09 

/>H( Ra t io 

3.88 3 70 
3.71 4.35 
3.70 4.45 
3.08 4.50 
3,76 3.85 
3.60 4.50 
3 .54 4 60 
3.42 4.75 
3.56 3.95 
3.48 4.60 
3.47 4.75 
3.46 3.00 

centration at a constant pH causes an increase 
in the stoichiometric ratio. The increase in the 
ratio with an increase in initial CHP concen­
tration in Table II may be caused by the ac­
companying decrease of pH with the simultaneous 
increase of ferrous iron concentration; this effect 
could possibly outweigh the effect of an increase 
in the initial CHP concentration. As the initial 
concentration of CHP increases, it is quite prob­
able that some of the hydroperoxide decomposi­
tion takes place by radical induced decomposi­
tion at the O—O bond. This decomposition does 
not involve ferrous iron; consequently a lowering 
of the ratio would occur under these conditions. 

Mechanism.—A simple mechanism to lit the 
observed results does not seem to be available. 
The results of Tables I and II suggest a mecha­
nism involving some or all of the reactions of the 
following type in dilute aqueous solutions of low 
PU: 
F e + + + RO2H —**• Fe + + + + OH~ + RO-

where RO = C6H6C(CH3)30 I 
RO >- C6H5COCH- 4- CH5 II 

CHs- 4- O2 >- CH1Ii1 III 

Fc + + + CH3O. 

CH3O5- -J- H + 

Fe 

CH3O- + O2 

F e J-++ + CH 3 Or 

h 
CH3O2H 

4* CH3O2H —+ Fe 
/-*„ 

XH -+-

OH- CH3O-

where XH = CH11O 

HO, 

4- HOr - Fo. + -* HO, 

) 10, 

CH3O-

OH-

X-

Il > HO-H 

h 
HO-H — > F e * - + 

km 

r XH —>- CFl3OH 

HO- + X H >- HOH -r X-

X- T- O. —*- X O -

Fe + + + XO2- —•>- Fe+ + 4 + XO3 

hi 
XO 8 - + H + — * > X 0 2 H 

kit 
Fe*"4* 4- XO2H > Fe.+ '-^ + OH 4 

XO- 4- X H —•*»- XOH + X-
kn 

—*> Fe4*4*' 4- CH3O 

F e " 4- HO >• Fe + ** - 4- OH " 

HO-

XO-

F e + + 4- CH8O-

Fe + + -f- XO- Fe + - xo-

IV 

V 

VI 

VII 

VIII 

IX 

X 

XI 

X l I 

XIII 

XIV 

XV 

XVI 

XVII 

XVIIl 

XIX 

XX 

The primary radical-producing reaction above 
is suggested by the high stoichiometric ratio. 
This is greater than that obtained when hydroxyl 
radicals are formed under similar conditions 
during the hydrogen peroxide and ferrous iron 
reaction. The second equation is supported by 
the work of Kharasch7 who reported that the 
primary radical tended to split off a methyl 
radical rather than a phenyl radical. The 
affinity of radicals for molecular oxygen and 
a-hydrogen atoms is well known.8 Also the 
presence of formaldehyde has been detected in 
the decomposition products of CHP which has 
been treated with ferrous iron in an acidic 
medium.9 Otherwise the equations are purely 
hypothetical and offer a possible explanation of 
the stoichiometric ratios observed. By this 
mechanism the rate of disappearance of the ferrous 
iron is given bv 

- d [ F e + +]/ tU = [Fe''+1(SAfP] 4- SAT[Aj) where 
P *= hydroperoxide 
A = radical (P, 

Applying the steady-state condition for all 
the radicals and substituting eq. 2 in eq. 1 

[Fe ++]2£[A] = [Fe + + ]S£[P] (2) 

- d [ F e ++]/d« = 2[Fe++]2MP] (3) 

•'7) M . S, K h a r a s c h , Chem. Eng. Sews, 27, 1927 (1!HU'. 
-8) C. H. Frank, Chem. Revs., 46, 135 (1950). 
:1.)) Hercules Powder Company, p r i v a t e communica t ion 
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At present there does not appear to be any 
easy method of testing the validity of eq. 3, 
but if the assumption is made that during the 
initial stages the only significant reaction between 
ferrous iron and hydroperoxides is the one in­
volving CHP, eq. 3 may be simplified to 

-d[Fe++] /d< = 2A1[Fe++1[RO2H] (4) 

Tf it is assumed further that ki, kz and h\ are very 
much larger than k\, then eq. 4 may be written as 
-d[Fe++] /d< = *i[Fe++](2<I - b + [Fe ++]) where 

a = [RO2H]0 (5) 

When 2a 
1/[Fe++] = kit + 1/b 

When 2a ^ b 

In ( l + § ^ ) = (2o - b)ht + In 2a/b 

(6) 

(7) 

Eq. 6 and 7 may be used to evaluate k\. 
Rate Studies.—The greater portion of the ex­

perimental work was concerned with a measure­
ment of the* rate constant ki at various tem­
peratures for later use in polymerization work. 
The value of this constant is so large that meas­
urements had to be made in a very dilute solu­
tion (1O-5 M). From the results in Tables I 
and II it seemed desirable to use low initial 
concentrations of CHP, low initial ratios of ferrous 
iron to CHP and no addition of acid in order to 
keep the deviation from the simplified expression 
to a minimum. 

The disappearance of ferrous iron was measured 
by analyzing samples for residual ferrous iron at 
various times. The results of experiments carried 
out at three different temperatures are given in 
Figs. 1, 2, 3 and 4. The quantity / has been 
introduced merely to separate the curves. 

The results in Figs. 1, 2, 3 and 4 obey eq. 6 
and 7 during the initial stages of the reaction but 

4 6 8 10 12 
t, sec. X 10-». 

Fig. 1.—Disappearance of Fe++ at 0.00° when 2o = 6; 
values of (J) a t right side; lower curve, circles, a = 2.00 X 
10~6 M, CHP solution added to Fe++ solution; crosses, 
same when Fe++ solution added to CHP solution; middle 
curve same for 3.00 X 10~6 M solution; upper curve a. => 
4.00 X 10"» Af. 
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t, sec. X 10-3 . 

Fig. 2.—Disappearance of Fe++ at 0.00° when 2a ^ b; 
values of (J) at right side; curves from top to bottom: 
a = 2.00 and b = 4.99, a = 2.00 and b = 6.00, a = 4.00 
and b = 4.01, a = 3.00 and b = 4.01, and a = 3.00 and b = 
4.99, each X l O - 5 M. 

2 3 4 5 6 
/, sec. X 10~s. 

Fig. 3.—Disappearance of F e + + at 12.50 (lower) and 25.10c 

(upper) when 2a = b; a = 2.00 X 1O - 8 M. 

0 1 2 3 4 5 6 
/, sec. X 10"3. 

Fig. 4.—Disappearance of Fe++ a t 12.50 (lower) and 
25.0° (upper each pair) when 2a 5̂  b; upper pair: a = 
4.00 and b = 4.01, middle pair a = 3.00 and 6 = 4.01, 
and lower pair a = 3.00 and b = 4.99. each X 1 0 - 5 M. 

in most cases during the later stages the plots are 
not linear but curved particularly under the 
conditions in which the reaction ratio is large. 
This curvature is in agreement with the increased 
disappearance of ferrous iron as the reaction 
proceeds because of the formation of other 
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hydroperoxides capable of reacting with ferrous 
iron. In Fig. 1 it is also evident that the order 
of addition of hydroperoxide and ferrous iron 
has no effect on a given set of results at this dilu­
tion. 

Ra t e constants calculated from the initial slopes 
of the curves are tabulated in Table TTI 

TABLE HI 

PRIMARY RATE CONSTANTS FOR THE C H P - F C " f REACTION 

AT VARIOUS TEMPERATURES 
T e m p , , 

"C . 

0.00 
0.00 
0.00 
0.00 
0.00 
0.00 
0.00 
0.00 

12.50 
12.50 
12.50 
12.50 
25.10 
25.10 
25.10 
25,10 

(CHPl , , . 
.Vf X 111-

2.00 
2.00 
2.00 
3.00 
3.00 
3.00 
4.00 
4,00 
2.00 
3,00 
3 On 
4.00 
2.00 
3.00 
3.00 
4,00 

.W X IQi 

4.01 
4.99 
6.00 
4.01 
4.99 
Ii. 00 
4.01 
8.00 
4,01 
4.01 
4 09 
4.01 
4.01 
4.01 
4.99 
4 .0 ! 

ki !. moU, 

5, 10 
4.85 
5.10 
4.65 
5.05 
1.80 
4.70 
5.30 

12.3 
12 4 
12.1 
.11.0 
27.8 
27.0 
28.4 
26.3 

The values of ki in Table I I I indicate tha t there 
may be a slight increase in the value as the condi­
tions become more favorable for a larger ratio 
of ferrous iron oxidized to C H P consumed. This 
may in turn indicate t ha t the initial slope is 
composed of more than the kt value and con­
sequently these results may be slightly high. 
This point is being investigated b}r a study of the 
reaction in the absence of oxygen and in the 
presence of acrylonitrile. However, from the 
values of h a t corresponding initial concentra­
tions of ferrous iron and C H P at each of the three 
temperatures the value of k\ in the temperature 
range from 0 to 25° was found to be given bv 
h = 3.9 X 1 0 9 e - " -Hm/RT\. mole ~ l sec . - ' . 

Discuss ion. - -The presence of ferrous iron 
along with C H P has provided an al ternative 
reaction for producing fret radicals. The fre­
quency factor for the pr imary radical-producing 
reaction has been lowered from 2.7 X 1012 in 
the absence of ferrous iron to 3.9 X 109 in its 
presence. Simultaneously the activation energy 
has been lowered from 30.4 to 11.1 kcal. per mole 
with the net effect tha t in the temperature range 
from 0 to 25° there is a much faster ra te of produc­
tion of radicals in the presence of ferrous iron. 
The substitution of the CeHBC(CHs)2 group for 
one H-atom of hydrogen peroxide has increased 
both the frequency factor and the activation 
energy of the reaction onlv slightlv (1.78 X 
109 to 3.9 X 109 and 10.1 to 11.1 kca l per mole). 
Nevertheless in this temperature range when 
CHP reacts with ferrous iron the rate constant 

is less than one-half the constant when hydrogen 
peroxide reacts with ferrous iron. 

Regarding the complexity of the mechanism, 
no simple mechanism which would account for the 
high ratio of ferrous iron oxidized to CHP con­
sumed was apparent. However, it should be 
noted that traces of impurities would cause an 
increase in the stoichiometric ratio. This effect 
could be quite pronounced because of the low con­
centrations of reactants since these, impurities 
could provide chain carriers similar to the X-
radical. An increase in ethanol concentration 
does result in an increase in this ratio.3 Under 
these conditions the mechanism can be simplified 
by omitting reactions VII to X , X I I and X I X 
and still account for the high stoichiometric 
ratio b u t i t would still be the same general type 
of mechanism and lead to the same two simplified 
algebraic equations (eq. 6 and 7). Other mech­
anisms could be devised bu t a t the time this one 
seemed to provide an adequate method of meas­
uring the rate constant of the primary radical 
producing reaction in which most interest was 
centered. 

Experimental 
The source and purity of each of the materials was as 

follows: 1. Ferrous sulfate heptahydrate. British Drug 
Houses certified chemical. 2. CHP. Hercules Powder 
Company commercial grade purified to a purity of 99% as 
described previously.2 3. Water. Distilled water re­
distilled from an alkaline permanganate solution to remove 
residual traces of .organic material as recommended by 
Kolthoff and Medalia" and then saturated with air. 4. 
Sulfuric acid. Xichols Chemical Company reagent grade. 

The method of analysis for CHP was the iodometric 
method outlined previously2; that for ferrous iron was a 
slight modification of the one proposed by Jackson10 using 
a buffered 2,2'-bipyridyl solution. The residual ferrous 
iron was measured instead of the ferric iron formed be­
cause the addition of the ferrous complexing agent stops 
the reaction between the ferrous iron and the hydroperox­
ide for all practical purposes while the analysis is being 
carried out. Ferrous ammonium sulfate hexahydrate 
was used as the standard in determining the relationship 
between the reading of Klett-Summerson colorimeter and 
the concentration of ferrous iron. Its purity was checked 
by oxidation of the ferrous iron with nitric acid and titra­
tion of the iodine liberated by the ferric iron with the same 
thiosulfate as used to titrate the iodine liberated in the 
CHP analysis in order to ensure that any error in the 
purity of the primary standard for both analyses would be 
the same. The CHP was assayed as the 99% material and 
the ferrous iron concentration was determined on an ali­
quot of the aqueous solution. 

The stoichiometry experiments were carried out in 100-
nil. beakers immersed in a water-bath thermostated at 
25.10°. An aqueous solution of CHP was added with 
vigorous mechanical agitation to an aqueous solution of 
ferrous sulfate in order to avoid a relatively large concen­
tration of the hydroperoxide compared to that of the fer­
rous iron and resulting radical induced decomposition of 
the hydroperoxide during the addition. When the sul­
furic acid was used, it was added as an aqueous solution 
to the ferrous iron solution before the CHP solution was 
added. At the end of the reaction two checks of the re­
sidual ferrous iron were made at least two hours apart in 
order to ensure that the reaction was virtually complete. 
In experiments in which the initial ratio of ferrous iron 
to CHP was low, a known excess of ferrous iron was added 

(10) S. H. Jackson, Ind. Eng. Ckem,, Anal, Bd., 10, 302 (1938). 
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to an aliquot at the end of the reaction and a subsequent 
analysis was carried out in order to ascertain whether all 
the hydroperoxide was destroyed or not. 

The experiments on rate studies were carried out in 125-
ml. glass-stoppered erlenmeyer flasks immersed in thermo-
stated baths. The same order of addition was followed as 
outlined in the previous paragraph except where noted. 
During the addition vigorous mechanical stirring was 
maintained. At various times an aliquot was transferred 
by a pipet as rapidly as possible to the colorimeter tube 
containing the buffered bipyridyl solution and the residual 
ferrous iron concentration was determined. 

Acknowledgments.—We thank Polymer Cor­
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results. The assistance of G. C. Billett and W. 
L. McPhee is gratefully acknowledged. 

Summary 
In dilute aqueous solutions of low pH the 

stoichiometric ratio of ferrous iron oxidized to 
CHP consumed in the presence of oxygen is much 

Introduction 
The purpose of this investigation was the exper­

imental determination of the freezing points of the 
alkaline earth and magnesium perchlorates in or­
der to evaluate the activity coefficients of these 
solutes over a wide range of solute concentrations 
at temperatures near 0°. For the most part, the 
freezing point data in chemical literature were 
accumulated before the development of precision 
devices for temperature measurement. Conse­
quently, it is usually not possible to calculate ac­
tivity coefficients from the data available. An 
even more serious objection than this lack of ac­
curacy is the lack of sufficient range in concentra­
tion to allow a reliable extrapolation to zero ionic 
strength, involved in the evaluation. 

Experimental 
The freezing point vessels and stirrers were 

similar to the apparatus developed and described 
by Scatchard, Jones and Prentiss.3 The appara­
tus actually employed in this Laboratory has been 
reported previously by Jones, Spuhler and FeIs-
ing.4 

(1) For detailed paper and material supplementary to this article 
order Document 2835 from American Documentation Institute, 
1719 N Street, N. W., Washington 6, D. C , remitting $0.50 for micro­
film (images 1 inch high on standard 35 mm. motion picture film) 
or $0.50 for photocopies ( 8 X 8 inches) readable without optical aid. 

(2) Formerly Research Scientist, Defense Research Laboratory of 
the University of Texas and 1949-1950 holder of the Humble Oil and 
Refining Company Fellowship in Chemistry at the University of 
Texas. 

(8) Scatchard, Jonea and Prentiss, THIS JOURNAL, M, 2676 (1932). 
(4) Jonea, Spuhler and Pelting, ibid., «4, 86S (1942). 

greater than two to one and is increased by an 
increase in the initial ratio of ferrous iron to CHP 
or by a decrease in the pR of the solution. To 
account for these facts a possible type of mech­
anism has been postulated in which it is assumed 
that the primary reaction results in the formation 
of C6H5C(CHa)2O radicals which split off methyl 
radicals to form acetophenone. More hydro­
peroxides are formed by reactions involving radi­
cals, oxygen, ferrous iron, hydrogen ions and the 
product, formaldehyde. These hydroperoxides 
react with the ferrous iron to produce more radi­
cals. During the initial stages of the reaction 
the mechanism can be simplified considerably 
and used to determine the rate constant of the 
primary reaction which is given by ki = 3.9 X 
l09e-u,w/RT i m o i e - i s e c . - i . 
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The Thermocouple.—The thermocouple cali­
bration was made by inserting a platinum re­
sistance thermometer in one vessel and measur­
ing the freezing point depressions of solutions of 
sodium nitrate over a temperature range of 0 to 
— 3 °. For the twelve-junction unit used, the rela­
tion between the temperature difference 0 and the 
electromotive force E in volts has been found to be 

6 = 1.4476E + 0.03606.E2 - 0.01055£3 

For depressions greater than about 2.5°, the plati­
num resistance thermometer, recently calibrated 
by the National Bureau of Standards, was used 
directly. 

Purification and Analysis of Salts.—Reagent 
grade of barium, calcium, strontium and mag­
nesium perchlorates from the G. Frederick 
Smith Chemical Company were used. Analysis 
by evaporation to dryness in a crucible, with a 
slight excess of dilute sulfuric, showed a purity 
of at least 99.9% in all cases. AU necessary pre­
cautions were taken to prevent spattering. Fur­
ther recrystallization did not improve the purity 
of these salts sufficiently to warrant the effort. 
The solutions in thermal equilibrium with the ice 
in the freezing point runs were analyzed by the 
same procedure. 

The Data and Their Treatment.—The present 
investigation involved about fifty freezing point 
determinations each for barium, calcium, stron­
tium and magnesium perchlorates. The data may 
be expressed by a listing of j-values, defined by 

- 1 - (9/5.574Jkf) 
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