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Warming Curves for the Condensed Product of Dissociated Water Vapor and for 
Hydrogen Peroxide Glass 

BY JOHN A. GHORMLEY 
RECEIVED FEBRUARY 27, 1956 

Water vapor dissociated in an electric discharge and condensed at —196° forms a glassy product which yields O2 gas and 
H2O2 solution when warmed. Warming curves for the discharge product are significantly different from those exhibited 
by H2O8 solution after it has been frozen rapidly to form a glass. The discharge product partially crystallizes between — 110 
and - 7 5 ° , and the resulting crystalline phase begins to melt at about - 7 0 ° . When warmed to - 6 0 ° the liquid bubbles 
violently, evolving Oj, and the temperature suddenly rises as much as 120°. The resulting H2O1 solution when cooled 
rapidly to —196° forms a glass which crystallizes starting at about —110° with an abrupt rise in temperature to —56°, a 
eutectic for the H2O2-H2O system. This difference in thermal behavior is interpreted as further evidence for the existence at 
low temperaturesK>f an unidentified species such as H2O-O, H2Ot or H2O4. The O2 evolution reaction is exothermal by about 
44 kcal./mole. 

Introduction 
The product obtained when water vapor is dis­

sociated by an electric discharge and then con­
densed at low temperature and the similar product 
obtained by the reaction of atomic hydrogen with 
molecular oxygen has been studied by a number of 
investigators.1-6 

The product condensed at —196° is a yellow 
transparent solid. On warming, the paramagnetic 
resonance and the yellow color disappear at about 
—135°.! Previous investigators observed that at 
about —115 to —110° a small amount of oxygen is 
evolved and the material appears to crystallize to a 
white solid. Further oxygen is evolved at high 
temperatures. In order to account for the oxygen 
evolution Geib and Harteck2 have proposed the 
isomer of hydrogen peroxide, H2O-O, as a product 
in the reaction between H and O2 at a cold surface. 
Smith has suggested that the active product may be 
H2O^,7 or complexes such as H202- O2.

8 Giguere and 
Harvey,5'7 on the other hand, observed that the in­
frared absorption spectrum of the glassy product 
was identical with that obtained from mixtures of 
H2O2 and H2O and concluded that anything else 
must be present in very low concentration or must 
be infrared inactive. Both H2O-O and H2O4 would 
be expected to have characteristic infrared ab­
sorption. B awn and Hogg9 observed only a small 
heat change accompanying O2 evolution and attrib­
uted it to a phase change in the H2O2-H2O mix­
ture. McKinley and Garvin6 found that more 
eerie ion was reduced when eerie sulfate solution 
was added to the cold discharge product than when 
the oxidant was added to the final product at room 
temperature. 

In the paramagnetic resonance studies1 the prod­
uct of dissociated water vapor was condensed on 
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the outside of a capillary tube of about 1 mm. di­
ameter such that the over-all diameter of the prod­
uct on the tube was only about 2 mm. When this 
tube was removed from liquid nitrogen and held in 
air at room temperature, the yellow color disap­
peared in a short time, then the material bubbled 
slightly and became sufficiently fluid to flow to the 
tip of the capillary. A few seconds later the drop 
of liquid bubbled violently for less than a second 
after which no further change was observed. The 
resulting solution contained about 50% H2O2. This 
behavior indicated that the product which nor­
mally crystallized at about — 110° did not crystallize 
when warmed rapidly, and suggested a study of its 
thermal behavior. Moreover, since H2O2 solution 
was the final product, a comparison of the thermal 
behavior of the discharge product with that of 
H2O2 solution seemed desirable. 

Experimental 
Water vapor was passed at a rate of 7.7 mg. /min. through 

a Wood's type electric discharge tube 11 mm. inside diame­
ter and 1 meter in length. A 60 cycle a.c. potential of 2300 
v. gave a current of 67 ma. under the conditions of the ex­
periments (pressure not measured). Product was collected 
on a liquid nitrogen-cooled thin-walled capillary cold finger 
2.5 mm. diameter located about 5 cm. from the discharge 
tube. After collection of sufficient product (usually 30 
minutes collection time), the tube surrounding the capillary 
was cooled with liquid nitrogen and air was admitted to the 
system. The capillary with its larger connecting tube was 
then transferred to a vessel of liquid nitrogen wherein a 3 to 
5 cm. length of the capillary was broken away from the 
larger tube and was transferred to an unsilvered Dewar 
vessel having a thin-walled inner tube 5 mm. diameter. A 
thermocouple junction (No. 40 copper, No. 30 constantan) 
was inserted into the capillary tube and connected with a 
10 mv. recorder for temperature measurements. Curves 
reproduced in the figures were traced directly from recorder 
charts and therefore have non-linear temperature scales. 
Warming curves were started by pouring the liquid nitrogen 
out of the Dewar vessel and were terminated by pouring 
liquid nitrogen in again. 

Hydrogen peroxide in the final product was determined 
by means of its oxidation of iodide ion.10 

Results and Discussion 
Figure 1 shows a typical series of warming curves 

for a single preparation of the discharge product. 
The characteristic yellow color of the glassy deposit 
disappeared simultaneously with the increased 
rate of temperature rise between —160 and —130°. 
A comparison of curve 1 with the warming curve 
obtained under the same conditions with no sample 

(10) A. O. Allen, C. J. Hochanadel, J. A. Ghormley and T. W. Davis, 
/ . Phys. Chem., 56, 575 (1952). 
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indicates that the apparent heat capacity of the 
sample was zero between —160 and —130°. I t may 
be assumed that heat was evolved as a result of re­
action between the free radicals which have been 
shown to disappear in this temperature range.1 If 
the heat capacity is assumed to be the same as that 
of ice in this temperature range then the evolved 
heat is 8 cal./g. The paramagnetic resonance meas­
urements1 indicated a ratio of 1 unpaired electron 
present initially to roughly 150 molecules H2Oj in 
the final product. The estimate of 8 cal./g. for 
the evolved heat is equivalent to 3 e.v. per un­
paired electron. One e.v. per unpaired electron 
would be expected from the reaction between OH 
radicals to form H2O2 or from the reaction between 
HO2 free radicals to form H2O2 and O2. However, 
the 8 cal./g. heat evolved can only be considered as 
an estimate of the upper limit, since amorphous ice 
obtained when water vapor is condensed on a sur­
face at —196° evolves about 11 cal./g. when 
warmed the first time to —125°.n Ordinary water 
vapor or a mixture of water and hydrogen peroxide 
vapor yields an opaque white solid when condensed 
at —196°, but dissociated water vapor condensed 
under the same conditions yields a transparent solid. 
This difference suggests the possibility that disso­
ciated water vapor condenses initially to give a 
liquid or solid in which the molecules have sufficient 
mobility to exclude voids from the condensate, 
while water or hydrogen peroxide molecules remain 
immobile at —196° after condensation. 

Curve 1 of Fig. 1 was terminated at —120° by 
pouring liquid nitrogen into the Dewar vessel and 
curve 2 was started about 30 seconds later after the 
liquid nitrogen had been poured out again. The 
warming rate changed only very slowly up to about 
—129° where it decreased by a factor of about 2. 
This reproducible decrease in warming rate is at­
tributed to a glass transition. 

At about —110° the material began to foam 
gently and became white and opaque, presumably 
as a result of small gas bubbles in the viscous liquid. 
The increase in warming rate when foaming began 
could be due to a small amount of heat evolved 
from a chemical reaction, or to heat of crystalliza­
tion. Although crystallization at about —110° 
has been observed under a variety of conditions by 
previous investigators, it was not possible in this 
experiment to determine by visual inspection 
whether crystallization was occurring in the foam. 
The warming rate decreased markedly above — 65° 
(Fig. 1, curve 2) indicating absorption of heat by 
the sample. At — 60° the sample began to bubble 
violently and the temperature rose from —58 to 
+63° in less than 4 seconds (faster than could be 
followed by the recorder). 

The resulting hydrogen peroxide solution, after 
it had cooled to room temperature, was transferred 
from the outside of the capillary tube on which the 
product had been collected to the inside in order to 
duplicate more nearly the original vertical distri­
bution of sample in the Dewar vessel (and also to 
avoid breaking the vessel when the sample was 
cooled). When liquid nitrogen was poured into 

(11) J. A. Ghormley, J. Chem. Phys., 21 , 599 (1956); see also H. J. 
de Nordwall and L. A. K. Staveley, Trans. Faraday Soc, 52, 1081 
(1956). 
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Fig. 1.—Successively recorded warming curves for one 
preparation of condensed product of dissociated water vapor 
and for the final H2O2-H2O mixture. Outer tube of Dewar 
vessel at 25°. 

the Dewar vessel the solution froze to a clear glass. 
Glasses prepared from D2O2 have been observed 
previously by Giguere and Secco,12 but no thermal 
analysis was made. 

Curve 3 (Fig. 1) shows the warming behavior of 
the hydrogen peroxide glass. The glass transition 
appears at —132°, about 3° lower than the tem­
perature of the glass transition in the original glassy 
deposit. Starting at —110°, the sample changed 
from a clear viscous liquid to opaque white in ap­
pearance and the temperature rose abruptly to 
— 56°, a eutectic temperature13 for the H2O2-H2O 
system. The sample was cooled immediately and 
allowed to warm again. Curve 4 shows a small de­
crease in slope at the glass transition temperature 
and a rapid rise from —100 to —85° attributable to 
heat of crystallization, indicating that crystalliza­
tion was incomplete when curve 4 was started. 
Curve 5, the warming curve for the crystalline 
solid, shows no significant change between —196° 
and the eutectic temperature. The solid was al­
lowed to melt completely before the sample was 
cooled again. Curve 6 shows the same phenomena 
as curve 3 and is identical with curve 5 beyond the 
intersection of the two curves. The fact that less 
time was required for melting the crystalline phase 
in curve 6 than in curve 5 indicates that crystalliza­
tion was not complete when the eutectic tempera­
ture was reached in curve 6. The last of the crys­
talline solid disappeared near the eutectic tempera­
ture indicating a composition close to that of the 
eutectic, 61.2 wt. % H2O2. Actual analysis showed 
55 wt. % H2O2. 

The series of warming curves in Fig. 2 are similar 
to those in Fig. 1 except that for some of the curves 
slower warming rates were obtained by immersing 
the Dewar vessel in a bath at —78°. Curve 1 of 
Fig. 2 shows the same behavior as curve 1 of Fig. 1. 
Curve 2 shows a decrease in warming rate from 9° / 

(12) P. A. Giguere and E. A. Secco, Can. J. Chem., 82, 550 (1954). 
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Fig. 2.—Warming curves for another sample of condensed 
product of dissociated water vapor and for the resulting 
H2O2-H2O mixture with outer tube of Dewar vessel at indi­
cated temperature during the measurements. 

min. just below —133° to 4°/min. above -129° , in­
dicating a glass transition at about —131°, a tem­
perature about 2 degrees lower than that observed 
with faster warming. At about —110° the warm­
ing rate began to increase and the temperature rose 
from —95 to —75° in one minute; however, unlike 
curve 2 of Fig. 1, the temperature did not rise above 
— 70 due to the lower temperature of the outer De-
war wall. Curve 3 shows the glass transition at 
—131° and shows little change in rate from —128 to 
— 90°. The outer wall of the Dewar vessel was 
allowed to warm to room temperature before curve 
4 was started, in order that the exothermal reaction 
could go to completion. 

In every case, after the discharge product 
reached room temperature, the thermal behavior of 
the resulting solution was the same as that of solu­
tion prepared by dilution of 80% H2O2. Compari­
son of curves 2 and 4 (Fig. 2) for the initial prod­
uct with the corresponding curves, 5 and 7, respec­
tively, for the final hydrogen peroxide solution re­
veals some significant differences. The rapid rise 
in curve 5 due to crystallization leaves the sample 
very close to the eutectic temperature —56°. 
In curve 2, on the other hand, the rapid rise starts 
at a higher temperature and takes the sample only 
to —70°, considerably below the H2O2-H2O eutec­
tic. Curve 4 still shows the glass transition (ob­
servable in the original recording but lost in the 
tracing reproduced in Fig. 2) indicating incomplete 
crystallization. Curve 4 shows a marked decrease 
in slope beginning at about —85°, while curve 7 
continues to the H2O-H2O eutectic, —56°, with 
little change in slope. This decrease in slope of 
curve 4 indicates heat absorption by some proc­
ess within the sample, and the most probable proc­
ess of this type is the melting of a crystalline phase. 

Warming curves for other concentrations of H2O2 
ranging from 30 to 80% showed the same rapid 
temperature rise accompanying crystallization. 
When a glass was warmed the rapid rise always 
started between —115 and —110° and terminated 
at the appropriate eutectic temperature, —52 or 
— 56°. When partially crystallized material was 
warmed the completion of crystallization was in­
dicated by an abrupt change in warming rate to 
that observed when the completely crystallized 

material was cooled and allowed to warm again (as 
in curve 4 of Fig. 1). When H2O2 solutions in the 
Dewar vessel were cooled slowly by immersing the 
vessel in liquid nitrogen the observed cooling curves 
indicated a much slower rate of crystallization at 
any specific temperature, even at temperatures as 
low as 10° below the eutectic. I t seems reasonable 
that the number of crystal nuclei formed when a 
liquid is cooled slowly should be less than the num­
ber formed when the same liquid is cooled quickly 
to a glass and allowed to warm. In a series of 16 
warming curves for H2O2 concentrations from 30 to 
80% of the glass transition temperature appeared 
to be constant, - 1 3 3 ± 1°. The 30 and 80% 
solutions were usually observed to be partially 
crystalline after the 2 mm. diameter thin-walled 
tube containing the solution was cooled rapidly with 
liquid nitrogen. A 97% H2O2 solution became 
opaque white as if completely crystallized when 
cooled; however, warming curves showed a rapid 
temperature rise from about —107 to —97° indi­
cating additional crystallization. 

The evolution of oxygen and heat from the dis­
charge product when it is warmed above —60° 
might be attributable to the decomposition of H2O2 
in a chain reaction initiated by a small amount of 
some unstable species. However, the warming be­
havior of the product below —60° is distinctly dif­
ferent from that of a mixture of H2O2 and H2O and 
indicates the presence of an appreciable concentra­
tion of at least one other component. The disap­
pearance of paramagnetic resonance absorption at 
—135° implies that only species having an even 
number of electrons exist in the system at higher 
temperatures. Thus to explain the observed warm­
ing behavior it seems reasonable to postulate the 
existence below —60° of a molecular combination 
of hydrogen and oxygen which is not stable above 
- 6 0 ° . 

The exact composition of the dissociated water 
vapor when it reaches the cold surface is not known. 
Foner and Hudson7 have observed H, O, OH, HO2, 
O3, H2, O2, H2O2 and H2O in partially dissociated 
H2O2 vapor and each of these may be present to 
some extent in the dissociated water vapor. How­
ever, the species which are important in the reac­
tion which leads to the condensed product on a 
liquid nitrogen cooled surface may be assumed to be 
H, OH and O2. Water vapor reaching the surface 
would merely condense without further reaction. 
High activation energies probably inhibit reactions 
of"H2 with OH or HO2 at -196° , and this may ac­
count for the fact that H2 is the chief product be­
yond the cold trap (98% H2 in one measurement). 
Other possible species may be assumed to be present 
in negligibly low concentrations. Since H2O2 is not 
present in significant concentrations in the gas6 it 
must be formed in the final product either during or 
following condensation. 

The large quantity of product deposited near the 
tip of the capillary (nearest the discharge tube) in­
dicates that the reactants are removed rapidly 
from the flowing gas. The only reactant which 
would be expected to have a low enough vapor 
pressure to condense normally on the cold surface 
is OH; however, both H and O2 may be adsorbed 
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on the cold surface. Geib14 has proposed a mech­
anism for peroxide formation in which H atoms ad­
sorbed on the cold surface react with O2 molecules 
from the gas to form HO2 free radicals which subse­
quently react with H atoms to give H2O2. Since 
OH is known to be present in significant concentra­
tions,15 the formation of condensed product from 
dissociated water vapor cannot be this simple; 
however, the mechanisms may involve reaction of 
adsorbed species with molecules from the gas. 
Smith8 has proposed that the free radical com­
plexes HO-O2 and HO2-O2 might be fairly stable. 
Formation of these species provides a possible 
mechanism for retention of O2, and their subsequent 
reaction with H atoms could result in the formation 
of H2O3 and H2O4. These same molecular species 
might also be expected as products in the low tem­
perature reaction of HO2 with OH or HO2. 

The amount of heat evolved can be estimated 
from the data shown in Fig. 1. Using the heat ca­
pacity 0.7o'i cal./g. given by Giguere and Moris-
sette16 for 60.1% H2O2 in the range O to 27° and 
applying a 28% correction for the heat capacity of 
the Dewar tube and thermocouple, one finds that 
the temperature rise from —58 to +63° represents 
a heat evolution of 118 cal./g. From the ratio of 
evolved oxygen to final H2O2 (1:5.8) obtained from 
the data of Jones and Winkler,3 the calculated heat 
evolved is 44 kcal. per mole of evolved oxygen. Only 
a small fraction of the gas appeared to be evolved 

(14) K. H. Geib, / . Chem. Phys., 4, 391 (1936). 
(15) T M. Sanders, A. L. Schawlow, G. C. Dousmanis and C. H. 

Townes, ibid., 22, 245 (1945). 
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(1955). 

Introduction 
This work was undertaken in an effort to es­

tablish some basis for predicting what compounds 
of tripositive arsenic exist in aqueous hydro­
chloric acid solutions. Preliminary work in this 
Laboratory2 and that of Irvine and co-workers3 

have shown that tripositive arsenic can be extracted 
from hydrochloric acid solutions by a number of 
organic solvents. Of these, /3,/3'-dichlorodiethyl 

(1) Department of Chemistry, University of Missouri, Columbia, 
Missouri. 

(2) Unpublished experiments by R. Deverill. 
(3) J. W. Irvine, Jr., R. A. Sharp, P. Kafalas and G. O. Brink, 

Paper presented at the 123d National Meeting of the American Chemi­
cal Society, Los Angeles, March 15 to 19, 1953. 

below —60°. Within wide limits of possible error, 
this agrees with the amount of heat expected from 
the decomposition of H2O2 (48 kcal. per mole of 
evolved oxygen), and it also agrees with the amount 
to be expected from the decomposition of H2O3 or 
H2O4 if the reactions H2O3 -»- OH + HO2 and H2O4 
-*• 2HO2 are assumed to be only slightly endother-
mal. The decomposition of H2O-O to form O2 
would yield only slightly less than the heat of dis­
sociation of O2, 116 kcal./mole, if the heat ab­
sorbed in the reaction H2O-O -*• H2O + O is small. 
Thus the observed heat associated with O2 forma­
tion seems to favor intermediates such as H2O3 or 
H2O4. 

Neither Robertson17 nor Foner and Hudson7 

were able to detect HO4 or H2O4 mass spectromet-
rically in a gas at room temperature containing 
HO2 and O2; however, this does not preclude the 
formation and existence of these species at lower 
temperatures. Below —60°, H2O3 and H2O4 would 
have low vapor pressures, perhaps too low to permit 
their detection in a mass spectrometer. 

I t should be pointed out that the conclusions 
from the data presented here do not support re­
cent claims18'19 for the existence of H2O4 at tempera­
tures considerably above —60°. 

Acknowledgments.—The author is grateful to 
Ralph Livingston and Henry Zeldes for many help­
ful discussions. 

(17) A. J. B. Robertson, Chem. and Ind., 1485 (1954). 
(18) P. M. Stadnik, Doklady Akad. Nauk S.S.S.R., 87, 445 (1952). 
(19) K E. Kruglyakova and N. M. Emanuel, ibid., 83, 593 (1952). 

OAK RIDGE, TENNESSEE 

ether appeared to be most suited for the desired 
study, since it is easily purified, easily handled and 
dissolves only small amounts of hydrochloric acid 
and water while dissolving relatively large quan­
tities of arsenic. Correlation of the results of this 
work with conductivity,4 solubility5'6 and electro­
motive force data7 permits the prediction of the 
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Distribution of Tripositive Arsenic between Hydrochloric Acid Solutions and 
i3,(3'-Dichlorodiethyl Ether 

BY G. MYRON ARCAND1 
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The distribution of tripositive arsenic between aqueous hydrochloric acid solutions and /3,£'-dichlorodiethyl ether has been 
investigated. The hydrolysis products from the ether phases have been analyzed and the ratios of chloride to arsenic 
established at various aqueous hydrochloric acid concentrations. These ratios vary with the hydrochloric acid concentra­
tion which indicates that more than one chloride species of arsenic is present in both phases. Analysis of the distribution 
data and of solubility data taken from the literature has permitted the calculation of formation constants for the proposed 
species. 


