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There are few compounds which have ac¢quirsd such impor=
tance within recent years as hydrogen peroxide. Not only has it
found a great variety of uses within the industries, but its de=-
tection as an intermediate produet in the oxidation of many com-
pounds has added to its importance in the field of theoretical
chemistry particularly in connection with the difficult subject of
catalysis. Each year sees the 1iteratur::{:;keéontributions concerning
méng reactions in which hydrogen peroxide plays a part. To indicate
them, even briefly, would be beyond the scope of this thesis. But
it may be said that in spite of the growing importance of hydrogen
peroxide, little is definitely known concerning its reactions. The
researches carried out at }McGill University during the past four
years has led to a revision of the physical constants; in the matter
of the chemical behaviour of hydrogen peroxide opinions still con-
flict and certain conclusions are open to doubt. In this papsr, how-
ever, the discussion is confined mainly to the action of the halogens
and the halogen hydrides.

The reactions of hydrogen peroxide with the halogens and

1
halogen hydrides has long been known. As early as 1858, Schoenbein
1)

Schoenbein, Annalen, 108, 169 (1858).



observed that when bromine is passed into dilute hydrogen peroxide
the poroxide is decomposed with the formation of what appeared to

)

be hydrobromic acid. Several years 1ate; hs described an analo-
gous effect with iodine. No intermediate products were suggested by
Schoenbein, and since hs was unable to detect the presence of iodates
t"e conclusion was drawn that the hydriodic acid is directly oxi-
dised to ioedine by the hydrogen peroxide. In 1880, Sch&neg) observed
the analogous reaction with chlorine and concluded that the cor-
responding halogen hydride was formed directly rithout involving any
intermediate product.

A number of experiments with the halogens and hydrogen

3)

peroxide were described by PFairley in 1874, and the suggestion was
made that the product of the reaction between dilute solutions of
hydrogen peroxide and chlorine water might be hypochlorous acid. By
stopping the addition of the peroxide while the chlorine water was
still in excess, and then czutiously adding ferrous sulphate to re-
move the excess, a bleaching liquid was obtained "having the pro-
perties of hypochlorous acid." In the same paper Pairley describes
the action of hydrogen peroxide upon hypochlorous acid and states
that ¢ secondary reaction takes place, the oxygen bsing given off

Schoenbein, Jour. prakt. Chem., 84, 385 (1861).

2)sendne, Ann, 196, 254 (1880).

z)Fairley, Brit. Ass. Rep., 44, 57 (1874).



equally from the hypochlorous acid snd the hydrogen peroxide.
Similar conelusions had previously been reached by Brodiel), using
however, solutions of barium peroxide and calcium hypochlorite in
acetic acid. In 189S Tanatarz) using hypobromous acid observed a
reaction exactly analogous to that deseribed by Fairley with hypo=-
c¢hlorous acid, oxygen being liberated and, in this case, hydro-
bromic ncid formed.

Tithin recent yzars a number of papers have anppeared
dealing with the well known reaction between hydrogen peroxide and
hydriodic cecid, and the various oxy-acids of iedine have been in
turn suggested as intermediate compounds. But those which have proved
to be the most valuable contributions to the subject are the ones
which have attacked the problem from a new angle, namely, the velocities
of the reactions, especially the velocity of the catalytic decom-
rosition of the peroxide. Bredig and Waltons? for example, have
shown from the rates of decomposition that iodates and periodates
cannot be formed as intermediate compounds. Similarly, Brode4) has
shown that there is a close relation between the rates of decom—
1) Brodie, Phil. Trans., 140, 759 (1850); 152, 837 (1862).

2) Tanatar,Berichte, 32, 1013 (1899).
3) Bredig and Walton, Zeit. Elekt., 114, Vol. 9, (1903);

Zeit. phys. Chem., 47, 185 (1704),

4) Brode, Zeit. phys. Chem., 49, 207 (1504)



position and the concentration of the hypoiodite-ion. Since this
investigation was begun two interesting papers on the decomposition
of hydrogen peroxide by hydrobromic acid have appeared by Bray

and Livingsto%) to which further reference will be made.

No work has hitherto been done on the reaction between
hydrogen peroxide and hydrochloric acid. This has probably been due
to the fact that concentrated solutions of pure hydrogen peroxide
have been very difficult to prepare and the opportunities for ex-
tensive experimentation have been accordingly limited. The methods

devised at MeGill Universityz)

for the preparation of concentrcted
solutions of hydrogen poroxide on a convenient scale have opened

a new fiseld of research and have made it possible to investigate
the reactions with hydrochloric acid analogous to the well known
one with hydriodic acid. The opportunity for studying the reaction
ig all the more favorable in the gase of hydrochloric acid as the
reaction proceeds slower than in the case of the other halogen hy-
drides and the rates of decomposition can be measured with greater
accuracy. This paper therefore continues the investigation into the
reactions between hydrogen peroxide and the hzlogen hydrides from
the standpoint of reaction rates and a2 new theory is advanced to
explain their mechanisnm.

) Bray and Livingston, Jour. Am. Chem. Soc., 45, 1251 (1923); 45, 2048.

. Maass, Jour. Am, Chem. Soc., 42, 2574 (1920);

Yaass and Hatcher, Jour. Am. Chem. Soc., 44, 26WB (1920)



It was dicscovered that when dry hydrogen chloride gas
is pessed into anhydrous hydrogen peroxide chlorine is liberated even
at low temperatures.l) This was unexpected as it was believed that
dilute solutions of hydrochlorie acid did not react upon hydrogen
peroxide, in fact, hydrochloric acid has been recommended as a stabi-
lizer to inhibit the spontaneous decomposition of hydrogen peroxide
when kept in glass bottles. In the paper referred to aboveg) it was
mentioned that it would be interesting to determine the concentrations
at which chlorine would be given off and the concentrations at which
hydrdehloric acid would act as a stabilizer. Moreover it was thought
that this might zive an indication of the oxidising power of hydrogen
percxide solutions of various strengths so that a means nmight be
obtained of standardising these solutions by means of hydroechloric
acid.

Experiments carried out by the author revealsd from the
first the remarkable fact that even at low concentrations hydro-
chloric acid would bring about the decomposition of fairly dilute
solutions of hydrogen peroxide, apparently without the liberation of
chlorine. The investigation was therefore extended to cover a wider
field, its object being not only to determine the "critical" con-
centrations at which chlorine would be given off, but also to inves-
tizate the action of the other halogen hydrides upon hydrogen peroxide

) aass and Hatcher, Joun. An, Chem. Soc., 44, 2476 (1922)

2) Ibid. page 2477.



and to throw some light upon the nechanism of the reactions. One of
the first problems to he attacked, therefore, was the part played by
the various ioms or molecules in the decomposition.

The results of a preliminary inveatigation can be generalised
briefly as follows; with the exception of hydrofluorié acid a halogen
hydride causes the decomposition of hydrogen peroxide under all con=-
ditions. By increasing the concentration of either the hydrogen
peroxide or the halogen hydride a point is reached where the halogen
hydride itself is oxidised. The minimum concentrations at which oxi-
dation takes place increases in the order hydrogen iodide, broimide,
chloride, and fluoride. The question involved is whether the dscom-
position of the hydrogen peroxide is due to the hydrogen-ion, the
halogen-ion, or the halogen hydride molecule. It was hoped that
quantitative measurements including =mons others the rates of the
reactions would throw some light upon this question and possibly
give an inkling as to the mochanism of the reaction both when the

halogen hydride is oxidised and when oxidation does not take place.



11,

Great care was taken in the preparation of the reagents
as the presence of very small traces of foreign impurities was
suffieient to impair seriously the accuracy of the results. All
apparatus for preparing or containing the hydrogen peroxide was
first allowad +*o stand over nicht in chromic acid solution, then
washad in alkali, and finally in distilled water hefore being dried
for use.

The hydrogen peroxide solutions were prepared from
commercial three percent solutions in the manner described by
Maass and Hatcherl). About a hundred liters of commercial solution
were concentrated by boiling in vacuo and distilled. Where solutions
of ninety percent strenzth or over were required the concentrate
was crystallisad.

In the case of hydrochloric acid quantitative measure-
ments could be carried out more accurately than in the case of
the other halogen hydrides on account of its relatively smaller
activity. The experimental methods used and the results obtained
in the reactions between hydrogen peroxide and hydrochloric acid
will therefore be first described.

Various attempts were made to discover a method of
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analysing a mixture of hydrochleric acid, chlorine, and hydrogen
peroxide in aqueous solution. It was found that very small quantities
of free chlerine, .0l mg in 5 cc¢., could be accurately estimated
by the bleaching of a standardised solution of a dye such as
methyl red. But this bleaching wes partially inhibited by the presence
of hydrogen peroxide. An attempt was made to estimate the hydrogen
peroxide in the presence of chlorine and hydrochloric acid hy
adding bariur chloride to the mixture, together with & sufficient
aiantity of sodium hydroxide solution until sligatly alkaline.
The precipatate of barium peroxide was filtered, washed free from
chloride and then analysed. The results obtained by this method
were found to be inaccurate to 0.7%, and the reascn for this
vas traced to tre cpparently great and variable soiuvbility of
arium peroxide. This ney be dus either to the dzcompositicn of
t*z barium peroxide or to a variation in the sizz of the particles
in which it is precipitated. & satisfactory method was however
finally deviced whereby it vag poasible to estimate tho amount of
cniorine liberated and hydrochloric acid renaining, whils at the
same time measuring the rate of decomposition of the peroxide of
hydrogen brought about by the acid. This method makes use of the
apparztus shown in the accompanying diagram, Figure I.

About 10 cc. of hydrogen peroxide was introduced into
the reaction flask A, by means of a pipette and weighed. It was
tlien cooled in a salt and ice freezing mixture and the hydrocien

chloride gas added. This was done by means of a capillary tube



leading from a calibrated bulb filled with dry hydrogen chloride.
The hydrogen chloride gas was prepared from salt and sulphuric
acid and drisd by rassing through sulphuric acid several times
before heing collected over mercury. By raising and lowering &
mercury reservoir it was possible to introduce into the peroxide
dafinite volumes of hydrogen chlorids zas from the calibrated bulb
and the concentrations of ths hydrogan poroxide, hydrochloric acid
aqueous solution could therefore ho accurately calculatad. When
hosever it was recuired %e work 7ith solutions of any particular
concantration it was found to be mors accurata né convenient to
aaG the hydrogen peroxide to a soiution of hydirochloric acid. For
tiis purpose special pipettes wers prepared which would deliver
through capillary tubes known volumes of hydrogen peroxids o«o-—
lution whos2 strengths had been determined. "ho acid uolutions
wore then made up to Adefinite strengths so that when the hydro-
gen peroxide from th? nipette was added to a definite weight of
this acid the required concentrations would result. For example,

it was desired to make up a mixturs having the concentrations,

Hy0p, 80.3%
HC1, 0.9%
Hao. 18 08% .

The hydrogen peroxide solution on hand was anaivsed and found to

be 96.10%. The pipette would deliver 9.637 grams of this calculated



on the density of hydrogen peroxid%? 1t was calculated that when
this is added to 1.902 grams of 5.46% hydrochloric acid the re-
quired concentrations would be reached. An acid solution of 5.46%
strength was therefore ¢arefully prepared and the proper anount
weighed into the reaction flesk. It was then cooled in salt and
ice and the hydrogen peroxide added by means of the pipeite. As

a further check on the accuracy of this method the mixture could
then be weighed and corrections made if necessary.

Having mixed the hydrozen peroxide and hydrocchloric
acid in the required proportions the reaction flask was sealed
while still in the freezing mixture. The sulphurie acid bulbs B,
and the potessium iodide tubes C, which had been previously sealed
tozosther were in turn sealed to the delivery tubz of the reaction
flask. The whols systiem was thsn placed in a thsrmostat and was
attzched by msans cf a short rubber tube to the gas burette and
contalners as chown in the diagram. The rubber tube was wired to
ths two giass tubes which were brought together until they touched.
All other connections were glass sealed throughout to prevent
any possibility of the =scape of zases.

The experiments were carried out at 25°C. The thermo=-
gtat was eslectricelly controlled and was accurate to .01°C.

After the apparatus had been sealed together and the

reaction had begun as indicated by the escape of bubbles of

1)
Maass and Hatcher, J.A.C.S., 44, 2559 (1922)



oxygen in the reaction mixture, the stop cock leading to the large
reservoir, D, was closed and the stop watch was started. At the
same moment the stop cock leading to the burette was opened allowing
the oxygen to be collected there over water. The time from zero,
i. e., the time when the apparatus was first placed in the thermo-
stat, and the time when the reading was first begun were noted.
After a suitable volume, generally about 25 cc., had been col-
lected the two-way stop cock was again closed. The time required
to collect the definite volume of the oxygen under known con-
ditions of temperature and pressure was read off the stop watch.
The oxygen was then allowed to collect in the large reservoir, D,
for a time during which the burette was again filled with water

by raising the levelling tube, E. In doing so the oxygen in the
burette was forced into D where it was added to that which had
alrecady been collected. Another reading was then made as before,
the time required to collect about 25 ce. being an indication of
the rate at which the hydrogen pzsroxide was decomposing in the
reaction flask. The operation was repeated at suitable intervals
for about ten hours, or until no further reaction took place.

In this manner the course of the reaction was followed. The ap-
paratus was then cut apart and the products weighed and analysed.
The oxygen collected in the large reservoir was measured and its
equivalent in terms of hydrogen neroxide calculated. The hydro-
chloriec acid oxidised was caught as chlorine in the potassium

iodids tubes and estimated by means of a standardised solution



of s~dium thiosulphate. The residue in the reaction flask was

analysed for hydrogen peroxide by means of a standardised

solution of potassium permanganate, the hydrochloric acid by means

of standard alkali. Table I is a cample of the check obtained

on the final products and initial constituents of the reaction.
Table I.

Initial and Final Products of the Reaction.

HC1 recovered in resaction flask; 1.6030 g.
L

" ag Cl, in KI tube; .0425 g,
" " Total; 1.6455 ¢,
Initial "IC1 before reaction; 1.6490 g.

H,0, recovered in reaction flask; .4013 g.

2u2 " as 0, in bulb D; 4,1290 g.
" " Total; 4.5303 g.
Initial Hg0, before reaction; 4,5250 g.

Hgo recovered in reaction flask; 9.0500 g.
]

" " H,S0, bulbs; .0855 g.

formed from HCl oxidised; 0105 g.

. » Hp0, decomp'd; 1.8511 ¢,

" " Total; 9.1355 g.
Initial Hao before reaction 7.3340 g,
Formed from HC1 and H,05; 1.8616 g.

Total; 9.,1956 g.



The rate of decomposition of the hydrogen peroxide could
be calculated from the rate at which the oxygen was being given
off. The volume collected in the burette was corrected to standard
conditions of temperature and pressure and its equivalent in
terms of hydrogen peroxide calculated. When divided by the reading
on the stop watch, the number of grams decomposing per minute was
obtained. These values are given in the last column of Table II.
Since the rate was changing while the reading was being made the
average rate during the interval was obtained by taking the time
from zero half way between the beginning and the end of the
reading.

Only the data of one experiment are given in Table 1I.
The two parts of the experiment, A and A', were carried out several
days apart and with different samples of hydrogen peroxide. As will
be seen from the table, the concentrations of peroxide and acid
were made the same in the two parts of the experiment, the purpose
being to determine with what degree of accuracy the devised method

would enable results to be duplicated.



Zero Time; 1,38 p.m.

Time of
Reading.

pPen.
1,39
1,46
1,52
1,58
2,06
2,12
2,19
2,26
2,34
2,52
3,11
3,57
4, 48
5, 48
8,02
10,1

3, 32
3, 38
%, 45
3, 50
3,56
4,01
4,07
4,16
4,27
4,50
5,18
6,08
7,10
8,14
9,09
10,14
11,22

Temp.

°C
19.6
19.4
19.2
19.0
19.0
18.2
19.3
19.4
19.6
19.4
19.0
19.6
15.6
19.8
1.4
19.4

20.2
20,0
19.8
16.8
19.8
16.8
2C.C
20.0
20.0
20.2
20,0
20,0
20.0
20.2
20.0
20.4
19.8

Table II.

4y
TL e

A’

Zero Time; 3,27 p.m.

Vol. 0y Stop
Collected. Watch.
Cc- Min.
35.0 5.02
27.6 %.82
20.2 2.95
20.2 3.03
20.2 3.23
20.2 3.38
20.2 3.50
20.1 3.70
20.1 3.83
20.1 4.25
20.0 4.7%
20.1 5.82
20.2 7.18
20.1 8.83
20.6 13.72
20.1 17.78

20.4 2,69
2045 2.83
20.5 3.02
20.5 3.13
20.4 3.23
20.5 3.29
20,5 3.50
2C.5 3.62
2C.5 3.56
20.6 4.48
20.5 5.03
20.5 6.32
205 8.05
20.4 9.87
20.5 11.50
20.8 13.53
25.0 25.00

Baroneter; 764.3 m.m,

Time

fr. zero.

Min.
2.50
8.96
14.72
20.51
28.60
34.19
41.75
48 .85
56 .47
75.17
04,37
140,91
162.57
253.42
389.86
510.90

Barometer; 754.0 m.m.

6.3
12.4
18.5
24.6
3046
35,6
41,7
50.8
62.0
85.2

113.56
164.1
227.0
292.0
347 .8
413.8
485.5

Hzoz decomp'g
per Minute.

Grm.
.0248
.0196
.018C
.C186
0175
0167
.0161
01562
.0146
0132
.0118
.C006
,0078
.0063
2042
.0032

.0262
.C199
.0190
.0179
0174
0171
.C161
.0155
0142
.0126
L1112
.0089
0070
.0057
.0049
.0041
0033
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The data of the precedding table are represented gra-
phically in Pigure II, the time heing plotted as abcissatand the
amount of hydrogen peroxide decomposing per minute as ordinates.
The unshaded and shaded points of Curve A in Figure II corrsspond
to the experiments A and A' respectively. It will be seen that they
botl fall on the same curve A, and therefore indicate the acguracy
with which the results may be duplicated with different samples
of pure hydrosen peroxide even when the concentrations are above
the critical, i.e., when chlorine is given off. A few other curves
for which the data corresponding to Curve A are given in the appendix
are also represented in Figure II. The initial conditions for these

are as follows;

Curve B;  H,0,, 33.0% HC1, 9.0%.
" C; " 33.0% " 8.0%
» D " 19.8% HBr, 1.48%
S " 46.3% HC1, 5.17%.

It will be seen from Figure II that in the very beginning
of each reaction there is an increase in the rate at which the
oxygen escapes, and after a maximum has been reached the expected
diminution in rate occurs. An inhibition period of this kind was
obgerved in every case where the acid concentration was low. It was
at first thought that the curve should be drawn direct to the axis,
but when this is done the area under the curve corresponds to a
greater volume of oxygen than is actually given off. It was found

experimentally that the volume of oxygen escaping during this



inhibition period could only be correctly represented by the area
under the curve itself. It will be seen that the lower the con-
centration of the acid the longer is the period of inhibition.
It is therefore not due to the length of time required for the
reaction mixture to warm up from the temperature of the freezing
mixture to that of the thermostat. It may he that the csreater
amount of heat liberated by the reaction in the case of the higher
concentrations assists the reaction mixture in reaching the tem-
perature of the thermostat so that the inhibition period is thereby
shortened. In many cases however, the inhibition period was longer
than the time required to warm such a mixture to the temperature
of the thermostat even when no reaction was taking place. Now, it
is known that gases may remain in solution wuntil internal rressures *
of several atnospheres have been developed. It is possible therefors,
that the inhibition psriod observed is not due %o the fact that
no reaction is tuking place, but that the reaction is not evidenced
by the escape of oxygen, on unstable equilibrium occuring whereby
the oxygzen remains dissolved and the solution is supersaturated
with the gas.

The curves in Figure II were plotted on a large scale
and divided into sections of fifty minutes each for five hundresd
nminutes. The areas under the curve were then computed, and from the
dimensions of the graph thess areas were calculated in terms of
hydrogen peroxide that had decomposed in the interval. Knowing the

weight of peroxide initially present in the reaction flask and the



weight that had decomposed, the percentage remaining in the flask

could be celeulated from the formulas

100(P-x)
Wt.HCY + Wt.aéo + 0.53(P-x)

= Percent. chg'

where P 1is the initial weight of peroxide, x is the weight of per-
oxide that has decomposaed, and 0.53(P-x) is the weight of the water
resulting from the decomposition of (P-x) prams of peroxide. This
formula assumes that the loss in weight due to the oxidation of small
quantities of hydrochloric acid and to the water carried over by
the oxygen is negligible. That the latter is negligible‘was proven
by weighing the sulphuric acid in B, Figure I, before and after the
reaction. Analysis of the mixture invariably gave results in close
agreement vith those calculated.

From the table of percentages sc obtained the molecular

concentrztion of the peroxide was calculated from the formula:

o00pd  _
100 x 34~

where !! is the molecular concentration, d is the density, and p is

the percentage. This formula assumes that for low concentrations of
hydrochloric acid the change in the density of the hydrogen peroxide
due to the presence of the acid is negligible. Where the concentration
of the acid was high comparsd to that of the peroxide a correction

was made accordingly for the density of the acid. The data obtainec

from curve A, Pigure II are given in Table III,



Table III.

Data Daorived From Table 1I.

Time Area Hy0q Percent lfol. Cone. Log(a-x)
from below deconmp*d H,0, (a=-x)
28r'0. curve.

2
Min. Cm . Grm. y4
o) 0 o 33,00 10.85 1.0355
10 51,08 .2552 31,81 10.40 1.0170
20 90.45 .4522 30 .87 10.04 1.0017
30 126.40 6320 30 .00 9.72 .8877
40 160.10 .80085 29,17 9.42 L0741
50 191.72 . 5586 28,40 6.16 L0616
70 240,47  1.2473 26.96 8.62 0352
100 325,02  1.6241 25,06 7.97 9015
150 427,17 2.1409 22,40 7.06 .8488
200 511.65 2,5582 20.16 5.%2 8007
250 581.85 .0092 18.27 5.70 7559
300 642,00 3.2100 16.60 5.18 7143
350 684,70  3,477°C 15,18 4,66 .6654
400 726,10 5.6955 1%.85 4,24 .6274
500 812.45 .0622 11.74 3,50 .5441

(Twenty exporiments of the type just described were carried
out using different concentrations of hydrogen peroxide and hydro-
chloric acid. The data for these experiments corresponding to Tables
II and III, together with the anount of hydrochloric acid oxidised
in each case are to be found in the appendixb

Now if the decomposition of the hydrogen peroxide is a
monomolecular reaction, then log TE§§7 = kt, where a ic the initial
concentration, (a-x) the concentration after cn zmount x has de-
composed, t is the time since the beginning of the reaction, and

k ig the value of the velocity constant. In these calculations k is
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evaluated on the besis of common logarithms.

Then log(a-x) is plotted againut the time the value of Kk
may “e obtained from the glope of the curve. In Fisure III several
such curves have been drawn. The curve marked 1C7 HC1l is nlotted
from the data of Tabdble III and corresponds to the experiment A and A',
already described. The curve marked ©7 and 87 HCl were obtained in
a girnilar manner from the Curves B, and C, in Pirure II respeetively.
The acid concentrations are indiceted on the curves, the initial
concentration of the peroxide »eing 33.0% in each case.

It will “e seen from Fipure III that where the concentration
of the acid is low a straight line is obtained from the very first
and that the reaction is therefore a monomoleculcr one. No chlorine
was given off in these reactions where & straight line was obtuined.
But where the acid concentration was higher a straight lines was not
obtained until the reaction had -roceeded for some time when it also
bscame monomolscular. In the latter experiments chlorine was given
off as seen in the analysis of the 2xperiment A and A'. The reriod
durins which the oxidation of the “ydrochloric acid tekes place
may be seen from the change in the slope of the curve. All the re-
actions are threrefore nonomolecular after the concentration of the
peroxide has fallen to the point where no chlorine is siven off, i.e.,
below the critical concentration. Above the critical a monomoleculcr
reaction doess not take place until by the oxidation of the hydro-
chloric acid and the decomposition of the hydrogen peroxide the

concentration falls to the critical tomeentration or below it. The de-



composition then procesds as a monomolecular reaction, the value
for k remaining the same until the reaction has gone to completion.
Bray and Livingston (loe. cit.) mention in their in-
vestigation of the cctalysis of hydroromic zcid that the velocity
a(Hg0g)

constant k in the rate equation — = g(ﬂzoa) only remainsd

constant after the steady state corresponding to their outline of the

mechanism of the catalysis was reached. They do not quote any of

their variations in the value of k showing an increase before two
hours. It will be observed that the curve (5%HC1) shows no variation
in k. Only those curves above t"e critical concentration show a
variation, and here only during the time chlorine is given off, during
which the value of k decreases. If Bray and Livingston's explanation

of the mechanism is the correct one, then the steady state is

approached much more rapidly in the cace of hydrochloric than in the

case of hydrobromic acid. This nuestion of the steady state will be

taken up later.

From the curves of Figure III it may also be seen that the
rate of decomposition and the value for the velocity constant k,
depends only upon the concentration of the acid and not upon that
of the hydrogen peroxide, »roviding the concentrations lis hclow
the critical value. A number of values for k corresponding to dif-
ferent strengths of acid are given in Padble IV. In this table k
was evaluated only after the curves similar to those in Figure III,
had beeome straight lines and the reaction truly monomolecular.

The concentrations of hydrochloric acid are ealculated in cram



~0lecules per litre on the basis of a completed reaction, that is
after all peroxide had decomposed. A calculation has shown that the
average change in volume and hence in concentration during the re-
action is small. This is due to the fact that each gram of per=
oxide decompocing gives 0.53 g. of water, and the density of the
paroxide solution ic greater than that of an esquivelent weight of
water. There oxidation of the hydrochloric acid took place the
amount recovered as chlorine was subtracted from the initial weight

in determining the final concentration when the reaction htd gone

to completion.
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Table IV.
Value of the Velocity Constant k for Different

Concentrations of Hydrochloric Acid.

4
Conc. HC1. K x10 Cone. HC1 (Undissod*d)
Hol./1litre. Mol./litre.

4,48 15.12
4,15 14.00
3.42 8.0 1.62
3.22 8.12 1.47
3.15 8.20 1.39
3.04 6.68 1.34
2.72 5.34 1.11
2.21 3.65 .78
2.02 3.50 .07
1.87 3.08 .59
1.456 2.33 « 38
1.16 1.65 27
1.09 1.70 24

.979 1.70 .20

866 1.47 .16

.633 1.00 .10

.509 .88 073

310 .65 036

The deta of the first two columns of the preceeding table
are represented graphically in Pigure IV. The last column will be

referred to later.
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The concentrations at whiech less than one milligram of
chlorine was given off were selected as having the critical value.
These concentrations were determined by trial and error. If too
much hydrochloric acid had been added to the hydrogen peroxide so-
lution considerable chlorine would be gziven off as was indicated by
the liberation of iodine in the potassium iodide tubes. As an extrene
exanple of this type one ® experiment may be mentioned in which
8.C98 grams of 84.0% peroxide solution were mixed with 2.515 grams
of 37.C% hydrochloric acid in the reaction flask. The rate of re~
action was too fast to be determined by the method described but it
wac found that an amount of chlorine corresponding to 37.2 per cent
of the initial hydrochloric acid content had been swept out by the
oxygen and was recovered in the potassium iodide tubes. On the other
hand, if the concentrations were below the critical no hydrochloric
acid would be oxidised and the potagsium iodide tubes remained clear,

Velocity curves, such as were shown in Figure II1I, were of
great assistance in determining these critical concentrations as
they indicated where the critical point would 1lie, namely, at the
point where the curve becomes a straight line.

The critical concentrations are given in Table V, and
are renresented graphically in Figure V. The significance of the
eritical concentrations in relation to the mechanism of the reactions
between the halogen hydrides and hydrogen ~eroxide will be brought

out in the discussion which follows.



Table V.

Critieal Concentrations of HC1 and Hzog.

Hgoz » HCl L ]
80.2 0.9
74.1 1.8
60.1 3.0

46,3 5.2

33,0 8.0

4,9 14.8

In order tc be able to infer from the expsrimental re-
sults the mechanicm of the reaction between hydrochloric acid and
hydrogen peroxide it is first necessary to recapitulate certain ob=
servations which have been made. Below what was called the critical
concentration the velocity of the reaction was found to be a nono-
moleculor one for any definite concentration of hydrochloric acid.
Analysis showed that the hydrochloric acid content rsm ined unchanged
during the whole course of the reaction. Hence, if the hydrochloric
acid takes a definite part tn the reaction a subsequent rsaction
nmust take placo in which the hydrochloric acid is reformed. Th:z firct
point to be decided therefore was whether the primary cause of the
reaction between the hydrogen peroxide and hydrochloric acid was
due to the hydrogen chlorides molecules or to the ions into which
it dissociates. To decide this question a series of experiments were

carried out which will now be deseribed.
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Although hydrogen neroxide when prepared pure by the
method described was quite stable at low temperatures even when
highly concentrated, signs of decomposition were observed at room
temperatures. This was »~rohably due to its action on the glass of
the containing vessels, to the prezence of light, and to the un-
avoidable admixture of minute traces of impurities which found their
way intc the solution during the course of the experiments. A blank
sxperiment was therefore first carried out in which the "natural" rate
of decomnosition of the zample of hydrozen neroxide on hand was de-
termined at 25°C and in & c¢lean giass flask similcr tc those in which
other experi-ents ~f this type were carried out. The flazk containing
a 52.87 solution of hydrozcen peroxide was placed in the thermostat
and semples were removed for analysis from time to time by ~eang of
a pipette. The percentages obtained from ths analysis were nlotted
against the time when ths samhle was removed and a smooth curve
drawn through the points. A series of values at definite times was
then read from the smooth curve, these values in percentiges were
then calculated in terms of the molecular concentrations and the
k-curve drawn as described in the previous experiments. The velocity
constant k, could then he evaluated from the slope of the curve,

The analysis of samples was continued for a number of days. Table VI

gives the values obtained for the first five thousand minutes.



Table VI.

Natural Decomposition at 25°,

Tirme. Percent. iol. Conc.
Min, HpOse (a=x)
0 52,8 18,76
100 52.6 18.64
§00 51.7 18.28
1000 50.8 17.92
2000 49.4 17.36
2800 48,7 17.04
3000 48.3 16.88
3500 47,7 16.64
4000 47 .5 16.56
5000 46,0 16.35

Fron the slope of the curve or from the formula,
logfigi) = kt, it is found that the velocity constant k for the
natural decomposition is .000C2, practically negligible in com-
arison with the high values for k which are obtained when decom-
position takes place in the presence of even very low concentrations
of hvdrochloric acid.

Two ex-orimants were then carried out in a similar
manner in which the effect of the hydrogen-ion content were com-
nared in tha case of hydrochloric and nitric acid. In the two
sxperiments the hydrogen peroxide concentrations and the hydrogen-
ion concentrations were the same. The data of the two ex-~eriments
are given in Tables VII, and VIII. It will be seen from a comparison
of these two tables that whefeas the reaction was vigorous in the
,qasé of hydrbchloric acid, in the case of nitric acid practically

no decomposition took place over & long interval, and in fact, the

3/



valocity constant 5, ‘ras found to be lower than that of the natural
decomposition, in other rords the nitric acid acted as a stabilizer
and inhibited the spontaneous decomposition of the peroxide. The
reaction between hydrochloric acid and hydrogen peroxide is there-

fore not due to the presence of hydrogen-ion.

Table VII.

Decomposition Caused by 1.463 Normal Nitric Acid.

Tine. azoa Corec.
Mol./liter.
Min. A (a=-x)
0 44.75 15.42
50 44,75 15.42
100 44,70 15.40
200 44.68 15.40
300 44 .60 15.38
400 44,50 15.34
500 44 .20 15.22
600 43,958 15,12
700 43.80 15.06
X = .000015

Table VIII.

Decomposition Caused by 1.463 Hydrocloric Acid.

Time. H202 Conc.
Min., 7 Mol./liter,
C 44,75 15.42
80 42,90 14.70
100 41,45 14.10
200 39.88 13.58
300 %6 . 45 12.17
400 34,40 11.40
50C 32.75 10.76
600 31.25 10.18
700 29,90 9.70

.00029

I
H



A solution of potassium chloride and hydrogen peroxide
was prepared similar to the nitric acid solution discussed. Here
agzain the decomposition observed was neglirible as may be seen from
Table IX where the data of this experiment are tabulated.
Table IX.

Decomposition Caused by 35.50% Potassium Chloride.

Time. Percent Conc.
Min, H O Mol./liter,
22
o) 47.1 16.40
200 46 .7 16.23
400 46.1 16.00
800 45,1 15.60
1200 44,2 15.22
16800 43.2 14.82
2000 42 .3 14.46
2400 41,4 14.08

k = .000028
It will »e noticed from the value for k in Table IX that
the rate of decomposition in nsutral potassiu~ chloride solution is
slightly greater than the natural rate ¢f decomrosition. The sig-
nificance of this fact is broughtvout in the discussion of the
effect of hydrogen chloride moleculss on the ratz of decomposition
of hydrogen “eroxid=z.

A sclution of hydrochloric acid and hvdrocen nzroxide
gontaining the same concentration of chlerine-ion as that of the
potassium chloride experiment described was made up, and the rate
of reaction determined. The value for k was found to be .200170,
over 3ix times that of the neutral potassium chloride solution.

The deta for this experiment are to be found in the appendix.



It was evident that the hydroren-ions or the chlorine—ions
as such were not the cause of the decomposition of the hydrogen per-
oxide in its reactions with hydrochloric acid. The experimental re-
sults —ointed to the possibility of the undissociated hydrogen
chloride molecules playirg a part in the reaction. This was bhrought
out further by a final experiment of the tyne just described.
Potassium chloride was added to the nitric acid kydrogen percxide
solution (Table VII), in sufficient quantity to just double the
concentration of chlorine-ion in Table IX. Samples were then re-
noved for analysis at suitable intervals. Table X shows the results
obtained.

Table X.

Decomposition Caused by Nitric Acid and Potassium Chloride.

Tirme. Percent. Conc.
11in, HyOy - Mol./liter.
" 40.85 13.58
60 39.9 13.31
100 39.4 1%.1
200 38.5 12.7
300 %7 .2 12.3
400 36.1 11.9
500 35.2 11.5
1000 30.8 0.9
k = ,00013

By compzrison with Table VII, it is seen that the rate
of decomposition immediately increased on the addition of the po=-
tagsiurm chloride to the nitric acid soluticn, the value for the
velocity constant k, increasing from .CCCCL5 to .CO013C. Further

evidsnce is therefore given that the hydrogen chloride molecules
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formed in the equilibrium KC1 + HNOs:'_“‘ ENO, + HCl, play a part in
the reaction. To investicate this possibility the variation of the
velocity constant of the hvdrogen peroxide decomposition with the
hydrochloric acid concentration was examined.

The curve, Pigure IV, shows the relation between the
velocity constant and concentration of hydrochloric acid, the latter
being the sum of the concentrations of the undissociated molecules
and ions. An attempt has been made in Figure VI to depict the re-
lation between the velocity ccnstant and the undissociated molecules
alone. The values for undissociated hydrogen chloride concentrations
in moles per liter are given in the last column of Table IV. The
calculation of the latter was based on the ionization calculated
from conductivity data?) Lewfgo has drawn attention to the error
involved in such a caleulation due to the change of ionic¢ mobility
with concentration, stating that a possible dehydration of the ions
would increase their mobility. Cthers have suggested a decrease in
ionie mobility with concentration due to increased viscosity.

Hence, it is not possible to estimate accurately the error involved
in the calculation of the amount of dissociatién from molecular
conductivities, but it may be pointed out that the ionizations
calculated in this way may be fairly correct relative to_one
another at the lower concentrations.

Kohlrausch, (Landolt, B8rnstein, Roth. "Tabellen".)

2')Lew:i.ss, Journal Am. Chem. Soe. 34, 1631 (19012)



It will bz observed, Figure IV, that at the lower con-
centration the curve is clearly & straight line. Within the experi-
mental error involved in the determination of the velocity constant,
and that invelved in the calculation of the dissociation at higher
concentrations all the points may well fall upon a straight line.

If this is so, then it follows that the velocity of the reaction is
proportional to the product of the concentrations of the undissociated
hydrogen chloride molecules and the hydrogen peroxide. The following
speculation is put forward as a tentative explanation. The hydrogen
chloride molecule combines with the hydrogen peroxide to form a
complex similar to a hydrate or oxonium compound;

Hzoa + HCO1 2 HpOg HCL  cevvvvvnvnonnn (1)
This is followsd by the reactions,

HOC1 + Hzoz —p Hzo + 02 + HC1 ...... (3)

HOC1 + HC1 013 + Hzo N )
Reactions (3) and (4) are well known ones; reaction (2) is
analagous to the action of ethylene oxide and hydrogen chloridej)

In reaction (1) the velocity is proportional to the
product of the concentrations of undissociated hydrogen chloride and
hydrogen peroxide. In the subsaquent reactions the hydrogen chloride
is reforsied. Hence, the velocity constant of the rate of decompoasition

o em S s em s Gm e e® mm Gm @B e W e cm e m G AR e GR GF GE T W A e G we v R ww e e

Maass and Boomer, Jour. Am, Chem. Soc., 44, 1724 (1922)



of the peroxide remains unchanred after a certain amount of hydrogen
chloride has been added, all of which is in agreement with the ex-
perimental results.

Equation (1) is probably an equilibrium. The concentration
of the complex Hgoz.HCI is then proportional to the product of
the concentrations of Hgoa and HCl. Either of the steps in reaction
(2) may be regarded as the rate determining step, the reaction rates
of (1) and (2) being relatively great. It will be noticed that the
equilibrium in reaction (4) will not appreciably affect the re-
sultant reactions of the first three, viz.,

2H202 = 2H20 + 02

&
and therefore reaction (4) will not affect the steady state) it

a(u,o0.)
é;;;. = k. To repeat, the velocity

thic 1is meant to refer to
constants k are only slightly influenced by this last reaction
below the critical concentrations. It is possible, for instance,
that this last equilibrium is established only slowly. Reaction (4)
does however explain the formation of chlorine.

The rate at which hypochlorous acid is formed depends upon
the concentration of thas hydrogen chloride or hydrogen peroxide
so that with a constant concentration of either one, by increasing
the concentration of the other the rate of production of hypo-
chlorous acid becomes such that the equilibrium in reaction (4) is
shifte’d to the right to an extent that appreciable amounts
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Vide, page 20



of chlorins are formed. Prom the critical curve, Figure V, it is
seen that an increase in concentration of hydrochloric acid has
apparently a greater effect in the production of chlorine than an
increase in the concentration of peroxide. This is not quite in
agreement with what “as just been said, but chlorine is less soluble
in hydrogen peroxide than in wateg) and may therefore be more easily
swept out by the liberated oxygen out of the more concentrated per-
oxide solutions.

Further evidence in favor of thes views set forth above
was given by experirments in which nitric acid was added to an
ajueous socolution of nydrogen chloride and hydrogen peroxide. The
initial concentrations wers H,0,, 36.48%, HC1, 4.21%, HNO,, 4.96%.
Table XI gzives the results obtained by analysis.

Table XI.

Decomposition Caused by 4.21% HCl and 4.96% Hﬂos.

Time. Percent. Conc.
Min. H505 Mol/liter.
20 26.48 12,18
20 36.20 12.08
33 35.56 11.82
84 34.43 11.40
150 33.27 10.96
280 30.70 8.96
455 28,13 .05

4
kx1C™ = 2,76
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1) Mapass and Heteher, J.A.C.S., 44, 2472 (1922)



It has been shown that nitric acid does not affect the
rate of decomposition of hydrogen peroxide when added alone, ex-
cept to reduce slightly the natural rate of decomposition. The
velocity constant corresponding to a hydrochloric acid concentration
of 2.41%, (1.15 Mols. per liter) when added alone is seen from
Figure IV to be 1.65. But the velocity constant of deeomposition
of the above mentioned mixture of the two acids was considerably
greater than that which would correspond to the hydrochloric acid
content. Thic was to be expected a2g the addition of hydrogen-ion
will affect th; dissociation of the hydrochloric acid giving rise
to a larger number of undissociated hvdrogen chloride molecules,

80 that if the rate of decomposition depends upon the concentration
of the latter, this rate will be increased.

A few words may be said with regard to the breaking up
of the supposed molecular conmplex. Assuming that similar complexes
are formed between hydrogen peroxide and other acids, then from the
enersy changes involved it can be readily shown that a complex with
hrdrogen fluoride would not break up, whereas one formed between
hydrosen peroxide and hydrozsn bromide would break up far nore
readily than the one with hydrogen chloride.

An experire-t was carried out in which an aqueous so=-

lution was made containing 56.0% HQO , and 13.0% HP. This was kept

2
in a paraffin lined flask and placed in the thermostat. Sarples

removed for cnalysis from tine to time gave results shown in

Table XI1I.



Table XII.

Dacomposition Caused by 13.C7 Hydrofluoric Acid.

Timg. H O.. Concentration.
Hours. Per%egtage. Mol./liter.
C 48 .63 17.02
20 43,53 16.98
64 48 .42 16.92
kx10% = 008

It iz geen at once that the stability of the hydrogen
neroxide solution is much increased by the presence of hydrofluoric
acid. The value of k is a tentative one, the decomposgition rate
being so slow that although the analysis was continued for several
days, k could nct be measured with any great degree of accuracy,
elthough ¢ similar =olution of peroxide with hydrochloric insfsad

of hydrofluoric acid would have reacted with almost explosive violence.

4l
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Ex~eriments were carried out with hydrobromic acid, the
experimental methods used being the sames as those deseribed with
hrydrochloric acid. Due té the nuch greater velocity of reaction the
exnarimental results c¢ould not bz determined with the sane degree
of accuracy since only small quantities of hydrobromic acid could
»e added. At m=2dium concentrations hromine was liberated so vigorously
that no 2xperiments could be carried out at high concentrations.

The liberated oxycen sweeps out the bromine thus =2ltering the com-
rosition of the reaction mixture with regard to the hydrobromie acid
content. In Table XIII is civen s sample of the data obtained in

a menner similer to that d2seribed in the case of hydrochlorie

acid, and analagous to Tablag II and III., The data of Table XIII

are represented graphically in Figure 1I, Curve D. The data for a
nunher of other experiments using different concentrations of hydro-

gen peroxids and hrdrobromic acid are to be found in the appendix.



Table XIII.

Decomposition Caused by 1.48% Hydrobromie Acid.
Initial Concentreation, 19.82% Hydrogen Peroxide.

Temp. Yolume O Stop

collecte%. watch.
°C Ce. Min.

20.4 25.1 14.73
2n .4 25.9 10.47
2C.4 25,1 10.08
20.4 25,1 10.12
2C.6 25.0 10.60
20.8 25.0 10.86
20.8 25,0 11..66
19.6 25.8 13.56
19.0 25.6 18.32
20.0 25.1 20.C6

Barometer; 756.0 m.m.

me. H,0
Time decgmg'd. nggggnt.
Min, Grn. 4

0 19.82

50 .2915 18.67
100 .6040 17.44
150 .8822 16.%2
200 1.1347 15.31
250 1.3675 14,75
N0 1.5800 13.48
250 1.7745 12.68
400 1.9580 11.91
450 2.1210 1C¢.96
500 2.2757 10.55

Time
from zero.

L]
ot

[N

~N OV b =]
DROO T -

n

(228 L IS 2 A

101.3
156.7
332.6
A03.C

5.42
5.07
4,72
4,40
4,12
.84
3.61
3.32
3,20

H 02 decomp'g
per minute.

Grm.
0047
0068
.0068
0067
0065
0063
0059
00563
0039
0034

7224
« 6757
7340
+7050
8739
.6435
6147
5843
.5575
.5211
.5051

HBr oxidised; .008% g., i.e., 2.4%.

k ><104; 6.0

Concentration HBr at the end of the reaction .2014 liol,/liter.
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The values for k corresponding to different concentrations
of hydrobromic acid ars given in Table XIV. This table is analogous
to Table IV where hydrochloric acid was employed, and is re-

pregented graphically on the same figure, Figure IV.

Table XIV.
Velue of “he Velocity Constent, k, for Different

Concentrations of lydrobromic Acid.

Conc'n iBr. K }(104
(Moles/liter)
256 6.74
.2C1 GL.CC
139 3.20
125 1.,5C
<117 2.16

The critical concentrations could not be determined in
the sarme way as was done with hgdrochloric acid, because in every
case traces of bromine found their way into the potassiun iodide
solution. The attempt was made to obtain a curve analogous to the
critical concentration curve of hydrochloric acid by measuring the
minimum concentration of hydrobromic¢ acid which, for a given
concentration of hydrogen peroxide, would produce an appreciable
coloration due to liberated bromine within an hour. The experiments
were carried out under the sans conditions of tempserature as in
the case of hydrochloric acid. At concentrations of two percent of

hydrogen peroxide and lower, the color change is not nearly so



definite as at the higher concentrations, the time factor being
considerably longer than one hour. Table XV gives the vilues obtnined.
This tahle does not give the critical concentrations as arbitrarily
defined in the case of hydrochloric acid, but, as was pointed out
above, analogous values. The analogy is emphasised in Figure V where
these values are depicted alcng with the critical concentrations

of hydroghleric acid. The abcissa of the HBr curve are IZ%? of those

of the HCl curve.

Tabla XV.

Concentrations of cha and HBr Analogous to Critical Concentrations.

H,0,. HBr.
kS 4
6044 .17
48.3 0.35
33.3 C.52
18.0 0.75
12.5 .90
8.2 1.00
2.0 1.10
0.5 1.15

The method of nsasurins tho rate of decomposition for
amall concentrations of hyvdrobromic acid hy means of the evolved
ras does not cive results that are as consistent oo those obtained
where hydrochloric acid was used. The few veluss obtained by the
author are however in good agreement with those obteined by another
method by Bray and Livingsion, taking into acecount that the velocity
constants here given have to be multiplied by 2.3 to be compared

with theirs which were calculat>d on the basis of natural lorarithms.



The curve for hydrobromic acid, Pigure IV, shows how
greatly the velocity constant is affectazd by a slight variation in
the concentration of the hydrobromic acid as compared to the change
caused by a corresponding variation in the concentration of hydro-
chloric acid. Although the same apparatus was used as in the case
of the latter acid and the concentrations made up in the same way,
the degree of accuracy was not gufficient for the large chamges
caused by small amounts of bydrobromic acid. The errors involved are
cornected wit" the establishrment of the hydrobromic acid concen-
tretion and not with the constant k, which was determined accurately.
This was shown by the fact that the points giving the relation between
time and weight of hydrogen peroxide decomposed fell upon a strcight
1ins, One fact was established, namely, that the velocity constant
did not 2lter appreciably after the first thirty minutes, that is,

k was comstant long before the "steady state” as measured by Bray

and Livingston by the rise in bromine concentration had been reached.
Tha dehydrolysis in th2 bromine hydrelysis equilibrium

ray teke some time to be establisheg? As was pointed out in the

case of hydrochloric acid, reaction (4) may not affect the velocity

constant E£§§%32 appreciably except at very low concentrations of

of hydrogen peroxide. Taking the values obtained by Bray and
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That tirme moy be required itc reach hrdrolysis equilibrium has been
found in some cases, e.g., Arrhenius, Zeit. phys. Chem., 13, 407 (1900
and, Shaeffer and Jones, Am. Chem. Jour., 49, 240 (1913).
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Livingston) for the rate of decomposition of hydrogen peroxide

in the presence of hydrobromic acid, and calculating the concentration
of hydrogen bromide molzcules from conductivity datg? the curve

shevn in Pigure VII is obtained. It méy be seen that a straight

ling reprezcats the relation between concentration and the rate of
decomposition.

It has alreadr been pointed out that if the rate of decom-
rositicn iz dependent on the concentration of the undissociated acid
roleculas, then ithe rate should be increased by the addition of a
substance which will tend to decreace the dissociation of the halogen
hydride. The astion of the hydrogen~isn his already been described
in the caze of hvdrochloric acid. A number of similar experiments
wora carriz2d cut rith hydrobronic acid of which a few examples will
nos be ziven. I{ hes jist veen pointed out that an increase in the
concentraticn of hydrobromic ccid when a fixed concentration of
hydrocen peroxide ig used, produces a definite color due to the
fornation of bromine. Thus, a 5% solution of hydrogen peroxids be-
came definitely colored when the concentration of the hydrobromic
acid was increased from C.95% to 1.107. A 6% peroxide solution con-
taining C.66% HBr was colcrless. Solutions were raode up having the
lattzr concerntration of hydrobromic acid and at the :ame time havinz
varying am-unts of hydrochlcric acid, sulphuric acid, and potassium

®ray and Livingston, J.A.C.S., Table II. page 2051, 45, (1923)

2 Natwald, (“Tabellen", Landolt, BSrnstein, Roth.)



tromide respactively, Table XVI shows the minimum concentrations
of these cuh:ctonces which were found-%e=jus€?cause bromine coloration
to appear.
Table XVI,
"Critical” Concentrations of Hydrobr-mic Acid with HCl, KBr, etc.

1,05, 5.0%; HBr, C.66F; HC1, 0.91%.

2
" 5.07 " 0.66% H2304, 1.82%
" 5,07, " ©,66% KBr, 1.95%.
* 23.84, " 0.46% HC1, O©.18%.

(It vill be noticed hv comrarison with the values for hydro-
chloric acid that ©.01%HC1 and C.18% HCl are far below the critical
concentrations for this acid sco that ne appreciable decomposition
is caused by the concentrations of hydrochloric acid iisted in
Table XV1).

Bromine colceration, sccording to the mechanism put forward
¢bove, means that the rate of formation of hypobromous acid has
just been reached which will cause anvreciable amounts of bromine
to frrm. A solution containing 2.66% HBr and ©.91% HC1 has a com=
bined content of .33 granlmolecules of acid. Taking the degree of
ionization of the hydrobromic ond hydrochleoric ccids to be the same
this corresponds to a concentration having an ionization of 88.1%,
so that the concentration of the undissociated hydrogen bronide
nolecules has been chenged from .0C56 tp .21C7 molz2s per liter. The

critical consentration nf hydrowromic acid i: 1.05% when the con-



centration of the peroxide is 5.0%, (See Table XV), which cor-
responds to 711 moles por liter of undissociated hydrogen bromide
molecul:zs. The addition of the hydrochloric acid has therefore in-
creoaszad the concentration of the hydrogen bromide molecules to the
critical valus. As geen {rom Table XVI, 1.82% sulphuric =scid has
the same affect as 7.917 hydrochloric acid. These percentages of
ecid correspend to 2.37 and £.25 moles per liter respectively.on the
basis of complete dissociation. The difference in value between the
sulphiric ¢nd hydrochloric acid is in agreement with the idea set
forth, for it is well kncvn that sulphuric acid is disscziated to

a much srrller extent than hydrochloric, and therefore the true
hydrogen ion concentration, and concequently the increese in the
undicsociated hydrogen bromide molecules is less in the presence of
the sulphuric than in the presence of an equimolecular cuantity of
hydrochloric acid. Hence, the smaller effect of the sulphuric acid
on th: rate of decompositic-n is accounted for.

Finally th: addition of the bromine-ion sheuld cause an
increase in the undissociated molecules, and this is plainly shown
w7 the fact that the addition of potassium bronide gave the critical
coloration of bromine to the hydrogen bromidelw%kmen peroxide
mixture, whereas & nuch higher concentration of potassium bromide
alone gave no =ffect ~rhatever.

Bafore concluding this section it may be worth while de-

gscribing one more experincat in which chlorine was passed into a



</

43.0% solution of hydrocen peroxide. The mixture was pleced in the
thermostat and samples removed from time to time were analysed for
acid and peroxide content. Within an hour the chlorine had dis-~
appeared and the acid value remained constant thereafter. Table XVII
gives the values found.

Table AVII,

Decompocition Caused by Chlorine.

Tire. Percent. Mol, Conc.
Min. Hzoa. Mol./1iter,
100 4% .7 14,90
10¢ 42 .6 14,77
200 41.5 14,26
300 40.4 13.77
500 38.4 12.75
700 36,7 12.15

1000 34,3 11.2%

2000 28.3 ¢.05

4

k x10° = 1.30
Acid Concentration after one hour corrasponded to 3.65% HCI.
Acid Concentration at the end of the resction corresponded

to 1.28 moles per liter of hydrochloric acid.

The rate of decomposition of the hydrogen peroxide cor-
responded to the rate for a hydrochlorie aciq golution havinc the
acid value found. This is in agreement with roactions (1) to (4)
outlined in the preceeding which are based on the assumption that
hjpochlorous acid is the intermediate compound. Since the hydrolysis

constant of bromine 1s so very nuch lower than that of chlorine,



it Iollows that the critical concentrations of hydrobromic ceid,
that is, the concentrations at which bromine is visibly libsrated,
are very much lower than the critical concentrations for hrdro-
chloric acid.

Bray and Livingston mazke use of the activity coefficiant

for hydrobromic acid in the rslationship;

- = X (Hy0,)(H )(Br ) Y
a2 (H0)(H)(BET) Y2
where X i: a constant, and YHBr iz the activity coefficient of

hydrobromic acid. Thsy did not test this equation at ionic strengths
higher than C.25 because of lack ~f activity data. In the case of
hydrochloric acid where tha activity data have been accurately de-
termined & similer relationship dees not hold at any concentration
as measured by the author.

A final word may be sei” with regard to the use of
conductivity data for the calculation of the undissociated molecules.
The author realizes that an uncertainty exists as to the soundness
of this method ir giving absolute values, but considers thet it
may he the best means available at present for measuring the
undissociated halogen hydride concentrations. The term, “undissociated
halogen hydride concentration" is considersd by some investigators
as unjustifiable. The term may bz replaced by that of "ions within

the sphere ~f their rutual attraction” as has been suggested by
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1) lewis and Rendall, "THERMODINAMICS", McGfiaw-Hill Book Co.,

page, 335, Edition 1923,



others, If this is done, then tha formation of the complex
Hs0p.HC1 may ho looked upon as depending on the concentration of
the hydrogen peroxide molecules and the concentration of those

pairs of hyirogen and chlorine ions which are "within the sphere

of their mutual attraction.”



Iv.

It has been shown that with tha pxception of hydrofluoric
acid, which acts as a stabilizer, halogen hydrides cause the de=
composition of hydrogen psroxide under all conditions. Below ceriain
critical concentrations the reaction is monemolscular and no halogen
is set fres. Adbovs cortain critical concentrations of either the
hydrogen peroxide or the halogen hydride, the latter is itself
oxidized. These critical concentrations increase in the order,
hydrogen iodide, “romide, chloride, fluoride.

The velocity of reaction over a wide range of concenw
trations has been studied for the cace of hydrochlorie acid, and it
hay been shown that thoe velocity coefficient is preportional to
(1 = &) times the acid concontration, where o is the dissociation
caiculated fronm eiectrical conduetivities. It has also bsen shown
that neither hydfegennion nor chlorine—~ion cause the decomposition
of hydrogen peroxide. Hence it has been suggested that the mechanism
of the reaction is au follows:

B0 + HC1 (undissociated) T=' Hg0p.HCY

HOC1 + 10, —— M0 + Oy + FOL

BOC1 + HCI &=+ Cl, + H0



Similar experiments were carried out with hydrobromic
acid, analogous results were obtained and the same ex)lanation was
advanced. The rates of reaction were found to be considerably greater
than in the case of hydrochloric ccid, and the critical concen-
trations were found fo be lovwer duz to the greater rate of rsaction

and to the fact that bromins is hydrolysed to a smaller extent than

ctlorine. The reactions were found to bs of the same gsoneral character

as those with hydrochloric acid.
The decomposition of the hydrogen peroxide by the halogens
is due to the hydrolysis of the latter, forming oxy-a¢ids which de~

eompose the h drogen paroxide and yisld the halogen hydride.



SECTION 1I.

PHYSICAL PROPERTIES OF PURE HYDROGEN PEROXIDE.



It was pointed out in the first section of this thesis
that most of the physical constants of hydrogen peroxide have under-
gone 2 revision within the last few years; t'e determination of the
physical properties has been hampered by the difficulty of obtaining
pure hydrogen neroxide in sufficient quantities. In the case of
certain physical constants the investigations have been attended
with peculiar difficulties owing to the unstable nature of hydrogen
peroxide itself. This is rparticularly so in the determination of
such properties as vapor »ressures, conduetivities, ete., which in-
volve the use of mercury manometers and metalliec electrodes since the
hydrogen neroxide is immediately decomposed when brought in contact
with a metal. The data have therefore been meazve and unreliable.
For example, only two vapor pressures for hydrogen peroxide have

hitherto been detsrmined; one by Wolffensteinl)

at sixty five degrees,
and another by BrAni®) at eighty five degrezes. In both cases the
accuracy of the values published has been open to question. The
vepor density, on the other hand, has never been detsrnined.

The determnination of the vapor pressures and the vapor density
is of conciderable importance. By means of the vapor density the
problam as to the molecular agzregation of gaseous hydrogen per-

) ¥olffenstein, Ber. deut. chem. Ges., 27, 3307, (1894).

2) Brﬁhl, Ber. deut. chem. Ges., 28, 2847 (1865),



oxide may be settled which in turn moy throw light upon its con-
stitutional formula. Furthermore, from an accurate knowledge of the
vapor pressures over a large temperature range valuable information
may be derived, such zs the boiling point, the latent heat of
gvaporation, the critical temperature, and the value of Trouton's
Constant. Even from the nea-~ve data of Wolffenstein and Brahl, Lewis
and Randall have made important thermodynamic deductions. This section
therefore deals with the dsterminstion of the vapor pressures and

t-e vapor density.

The difficulties to be overcome in the determinetion of
the vapor pressure of hydrogen peroxide were those which have already
bean mentioned, namely, that hydrogen »c-roxide could not be brought
in contact with mercury owinc to the fact that mercury brings about
its immediate decomposition. A mercury manometer could therefore not
be used directly. Nor was it practicable to use a sulphuric acid
manoneter owing to the solubility of hydrogen peroxide in sulphuric
acid =nd subsequent decomposition. Furthermore, on acecount of the
lor vapor pressure of hydrogen peroxide at room tenperatures, con-
densation would occur in all parts of the apparatus not artificially
heated. An apparatus which avoids these difficulties was devised.
Tis apparatus makes use of an oxygen screen between the peroxide
and a mercury nanometer, the oxygen being supplied by the hvdrogen

peroxide vapor itself.



Vacuum

e

Pigure VIII,




A diagram of the apparatus used is shown in Pigure VIII.
The flask, A, of =bout 150 ¢¢ capacity was sealed by means of a side
tube to a tube, B, containing granular manganese dioxide. This in
turn was sealed to two drying tubeé, C, and D, containing calcium
chloride and phosphorus pentoxide respectively. From these a tube
led to the manometer and a T-tube to a large sulphuric acid vacuum
pump,l) both tubes bheing provided with taps E, and F, as shown in the
diagram. The flask, A, was fitted with an extra side tube for in-
troducinz the psroxide , and with a magnetic stirrer, MM, as shown.
The long nsck of the flask which was necessary to permit of the
atirring rod was covered with a layer of asbestos as was also the
tube containins the manganese dioxide. Aroﬁnd the asbestos was wound
nichron: wire leading from the nsck of the flask snd around the
mangancse dioxide tube as shown; both could then be heated by an
electric current through the wire. The wire was surrounded with an
another layer of asbestos, both layers of asbestos being allowed to
dip into the water of the thermostat so as to prevent cracking of the
flask due to the sudden change of temperature between the hot wire
and the comparatively cool water of the thermostat. The neck of the
flask and the side arm of the manganese dioxide tube were wired as

deseribed to within & quarter of zn inch of the surface of the water.

The side arms of the fl: sk were well undedwater so that conden-
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sation in any part of the flask was n»revented when a current was
sent through the wire.

A preliminary experiment in which a receiving flask and con=-
denser were substituted for the drying tubes showed that when a
current was passed through the nichrome wire and:hydrogen neroxide
distilled in the flask under vacuum, no trace of the hydrogen per-
oxide passed throuch the manganese dioxide tube into the receiving
flask. The manometer was carefully calibrated, the limit of error
being C.1 mm.,, and the system was tested for defects. It was found
that the vacuum pump maint:ined = constant pressure of C.2 mm. when
the a-paratus was dry.

About twenty grams of pure hydrogzn p-roxide analyvsing
00,08 % H,0,, were introduced into the flask, A, through the side
tube by means of & carillary pipette extendin-s to the neck of the
flask. After sealing the tube the thermostat was filled with ice
water =nd the system exhtusted. A current of two to three amperes
was sent through the nichrome wire until the manometer showed that
no further temperature change was tcking place.

It was found that when the tap, F, leading to the vacuunm
pump was closed pressure enuilibrium throughout the system was
established within a2 few seconds, the peroxide being vigorously
stirred and the stirrer so arranged that it would break right through
the surface of the linuid peroxide with each stroke. The vapor

pressure could then be read directly from the manometer. At higher



tomperatures a corrsction was necessary which will be discussed
later.

Between each reading at the different temneratures the
system was exhausted, the hydrogen peroxide boiling vigorously.
¥hen the tap, F, was closed the vapor pressure of the peroxide in
the flask forced some of the peroxide vapor into the hot manganese
dioxide tube where it was decomposed into oxygen and water. The
oxyren was dried by the calcium chloride and phosphorus pentoxide,
and thus only dry oxygen was permitted to come in contaet with the
narcury of the rmanometer.

The temporature changes in the thermostat vere made as
quickly cs possible, the time element being a factor of conciderable
importance for ensuring accuracy by preventing any undue decompo-
gition of the peroxide. A large vacuum tank of thirty liters capacity
previously evacuated to C.5mmm pressure was attached in series be-
tween the a»paratus and the vacuum pump. The system could thus be
quickly evacuated between each reading. The peroxide was stirred
constantly by means of the magnetic stirrer throughout the run. The
thermostat was kept conctant at any temperature to within C.1°.

A slicht decom—ouition of the peroxide 'raz observed at
temperatures above 50°, and a c£light but steady increase in pressure
ocecurred after equilibrium had been reached due to the evolutiom of
oxygen within the peroxide. In order to obtain t e equilibrium
pressure at the higher temperatures a series of readings was nmade

at definite intervals, depending uron the rate at which the gas was
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being evolved. These readings, ~n being plotted rgainst the time,
gave a straight line after equilibrium pressure had been reached.
By extrapolating the line to zsro time, that is, the time when the
tap, F, was closed and the stop watch started, the equilibrium
pressure was obtained. In Table XVIII is given a typical ceries of
readings so obtained. Further data of this nature are to be found in
Appendix B. The data of Table XVIII together with those of ssveral
other series at different temperatures are shown graphically in
Figur> IX,

Table XVIII.

Manometer Readings at 80.,0°C.

Interval. Manometer. (Right Arm)
Sec. mm.

C ¢C.0

15 102.0

20 104.0

45 105.0

60 105.8

ac 107.0

120 108.C

150 1098.0

After the veper preszure had been.deterhined to as high
a temperature as was consid:sred safe, the flask was cooled and
detarninations were acain made at lower temperatures as a check upon
those previously determined before the higher temperatures had been
reached. The change in vapor pressure due to the decomposition of the
peroxide was found to be negligivle. The neroxide was then cooled

in ice, the apparatus was cut apart and the peroxide analysed. It
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was found that the drop in concentration was 0.4 percent.

The vapor pressures of hydrogen peroxide as obtained from
twr samples of peroxide by the method described above are given in
Table XIX, and are represented granhically in Figure X. It will be
seen that the two sets of valuecs are in close agreement, and that
although the determinations were mad> with different samples of per-
oxide the values obtainzd fall upon the same curve.

Table XIX,

Vapor Pressures of Hydrogen Peroxide.

First Sample. Second Sample.
Temperature. Vapor Pressure. Temperature. Vapor Pressure.
°C mm. °C mm.
4.5 0.55
15.0 1.1
24.2 1.9 2%.6 1.8
29.2 2.6
35.2 4.4 35.8 4.1
40.8 6.2
45.7 7.8 45.4 8.6
51.5 11.8
56.8 15.8 56.7 15.0
62.6 21.4 62.4 21.4
7.2 31.1 7C.C 31.1
75.2 40.1
80.0 49.7
89.1 72.6

In Table XX, Column I, are given a number of values of
vapor pressures of hydrogen peroxide taken from the vapor pressure
curve, Pigure X, at temperatures from ten to ninety degress. In the
second column are civen the logarithms of these vapor pressures. In

the third column are given the temperatures corresponding to the






vapor pressures, and in the fourth column the reciprocals of these
tenperatures on the rbsolute scale. In Figure XI the logarithms
of the vapor pressures are plotted against the reciprocals of the

absolute temperatures.

Table XX.
p 1
. Log10 P. Tomp. —En

0.9 0045 10° ,003532
1.1 Q414 15 003471
1.5 1761 20 003412
2.7 .3010 25 003355
2.8 . 4472 30 003299
4,1 .6128 35 L03246
5.8 ,7634 40 003194
8.2 .9138 45 003144
10.8 1.0334 50 203085
14,3 1,1553 586 003048
18.5 1.2672 60 .003002
24.1 1.3820 05 0020568
31.2 1.4942 70 .002915
40,0 1.6021 75 002873
48 .7 1.6875 80 002832
61.5 1.7889 85 002792
75.3 1.8768 90 002754

It is seen that the relationship is represented by a
‘straight line. The equation for this curve is found to be;
log P = :-2-%99- + 0,046
where P is the vapor pressure and T the absolute temperature.
The boiling.point of hydrogen peroxide calculated from

the above equation is found to be 147.2°C



The equation in terms of natural logarithms is,

- 5987

InpP = +  20.82

Since this corresponds to the theoretical,

InP = -The. — + K,

R T
L, the molecular latent heat of evaporation is found to be 11850 cal.,

and Trouton's Constant, is found to be 28,21, where Tb is the

L
Ty !
boiling point on the absolute temperature scale.
A knowledgze of the vapor pressures of a substance makes

it possidble to determine itc vapor density by what is known as the
dynamic method for determining vapor pressures. This method consists
of passing a knovn volume of an inert gas through the liquid at
constant temperature, the rate of passage of the gas being so re-
pulated as to rake certain that it is saturated with the vapor.

The inert gas is in turn passed through an absorber which reroves
the vapor, and the amount iz estimated by the usual methods of
analysis. Fron the volume, temperature, and assumed density, the
vapor pressure of the liquid can be calculated. Conversely, wﬁen
the vapor pressure is known the vapor density can be deter~ined.

A known volume of nitrogen was passed through hydhorun-
peroxide kept in a thermostat at 50°. The nitrogen was then passed
through a wash bottle containing ether kept cold at a temperature
of -78°, and then through a second wash bottle containing water.

The vapor pressure of hydrogen peroxide at 50° is 1.1 centimeters.

Using this value and the resultc obtained from an analysis of the



hydrogen peroxide absorbed by the ether, the values for the density
of hydrogen peroxide vapor were always found to be less than that
corresponding to the formula, Hy05. This was due té the decompo-
sition of the hydrogen peroxide vapor which it was found impracticable
to prevent. Moreover, at that low vapor pressure it was found very
difficult to ensure that the nitrogen passed through was completely
saturated. The vapor density experiments are therefore by no means
conclusive in chowing thet in the vapor state the molecule cor-
responds to Haoz and not to a multiple of this formula. The work on
viror density is being continued and with & modified epparatus more
concluzive results may bhe ohtained.

An attempt was made to determine the venor density by the
Victor liever method since the boiling roint ¢f hydrogen peroxide is
now known. A long cylinder of pyrex glass was filled with 01l and
heated slecirically to = constant temperature at 200°, and the Victor
Meyer apparatus inassrtnd. It was thought that the sudden vaporisation
of the hydrogen peroxide would take place hefore decompesition had
cecurred. It was found that 0248 ¢ram3 of peroxide gave & volume
of 26.4 cc. at 23° and 744 m.m. pressure within half & minute. This
gives a molecular weizht of 23, corresponding to H,0 + é Oy
that is, the hydrogeon peroxide had decomposed imriediately so that

this moethod cannot be used.



CONCLUSION.

It was pointed out by liaass and Hatcherl) that certain
physical properties of liquid hydrogen peroxide are very similar to
those of water. Thus, total surface energy, Ramsay and Shield's
Constant, show that the association is very much the same for these
tvo substances in the liquid state. The value crlculated above for
Trouton's Constant ic in very close agreement with thig. The value
for water, 26.2, is exceptionally high, 21 being the value for all
unassociated substances. This similarity betwecsn hydrogen peroxide
and water mrkes it possible teo calculete the bhoiling point, molecular
latent h=2at of evaporation, with a much higher degree of accuraey than
has been done chove. Thua, when the boiling point of water is cal-
culated from the vapor pressurs curve taken over the same range from
0° to 8C°, the bhoiling point is found to be £8.6°, that is, 1.4° too
low. It would seem liksly, therefore, that the boiling point of
hydrogen pzroxide as calculated cbove is &clso too low.

On account of the similarity betwsen hvdrogen paroxide
and water it is.permissible to apply the ncthod of Ramsay and Youngg)

in determinincs the boiling point:

Maass and Hatcher, Jour. Am. Chem. Soc., 42, 2548, (162C).

2) Romsay and Young, Phil Trans., 21, 37 (1886)
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where T; and T; are the temperatures of the water and hydrogen per-
oxide respectively at the same pressure. Substituting the temperatures
at 50 and 760 m.m. pressure, that is T; = 311.4, T; = 373.1,
Tz = 353.8, then Té iz erual to the boiling point of hydrogen per-
oxide which is found to be 150.2°C,. This temperature for the boiling
point is probably correct to within a few tenths of one degree and
mey nor be used for the calculation of Trouton's Constant and for
the latent heat of evaporation.

The molecular latent heat of evaporation, L, of hydrogen

peroxide is given by the expression;
. Ryt
s s R

Substituting the values, T' = 423.3, T = 353.3, p'= 760, p = 50,

R = 1.98, the molecular latent heat of svaporation iz found to be

11527 calories. The latent heat for one gram is therefore 338.7 caloriea
Thege new valuss give 27.2 for Trouton's Conatant, a value in much
closer agreement with that for wator, which is in confqrmity 7ith the

expectations.

’

Again, by taking advantaze of ihe similerity hetween hy-
drogen peroxide and water it i3 peasible to ectimete the critical
temperaturs of hydrogen peroxide from the boilirnz point of water,
namely, .58 on the "corresponding temperature” scale. This gives

the critical temperature of hydrogen peroxide as 45C°C,



The information obtained in this investigation together
with the data determined by Maass and Hatcher now eaables one to
determine the slope of the univariant systems passing through the
triple point. This is of interegt in cormpering hydrogen with water.
The clones of the vapor-solid and vapor-liquid curves are given

by the esquation:

dp. - _L.P,
aT R T~

where L stands for the molacular latent heats of csublimation and
gvanoration respectively, » and T being th2 pressure and teme

perature at the triple point. The slope of the solid=liquid system

is given by

dp  _ 1
4T T(vy -~ vg) 24.19

where 1 is tho latent heat of fusion, v, and v, are the volume of
one gram liquid and solid respectively.

Table XXI shows the values calculated in this waj, the
symbols V, L, and S, standing for the vapor, liquid, and solid

phases respectively.

Table XXI.

Fa P. v-P. L"'V. S—'V. L—S.
H,0, ~1.7° C.305 +,024 +.029 +152
H,0 c.C 4,58 +.3C0 +.345 -131
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The accompanying diacram, PFigure XII, shows the triple
points in whieh the liquid-vapor and solid-vapor systems are drawn
on a differant scalé from the liquid-solid zystems. The vapor pressure
of water at its triple point is fifteen times as great as that of
the hydrogen pesroxide, and the variation of the vapor pressures
with the temperature of both solid and liquid phases is about
twelve times as great.

The solid-liquid zsrstems slope in opnosite directions.
Hydrogen percxide differs markedly in this respzct from water, and
undergoes, like the vasgt rejority of substences, a decrease in
volume on solidification. The value obtained for Mrouton's Constant,
quite in agreement with the other physiecal constants which are
affected by nolecular association in the liquid state, showed that
hydrogen peroxide and watef in the 1iquid condition are asscociated
to the same extent. Yot the density curve of liquid hydrogen per-
oxide shows no inflexion correspondingz to that of water. Since the
tha sssociation shows that triple hydrogen peroxide molecules
corresponding to trihydrol exist, these miust have a smaller volunme
than the unassociated peroxide molecules with rhich they cre in
equilibrium. It would be of great interest to cubjeet hydrogen
peroxide crystals to X-ray analysis since the information obtained
from such experiments taken in conjunction with ithe facts pointed

out above would throw light upon the anomalous bshaviour of water.



The wvapor ~ressure curve of hydrogen peroxide has been
determined vith considerable desree of wccuracy. The latent heat
of evaporation, the boiling point, Trouton's Constant, and the
critical terperature of hy#roger peroxide have been derived. The
physical properties of hydrogzen peroxide and water have been compared

and the importance of this comparison “as been indicated.



APPENDIX A.

Experiment 1.

Initial Concentrations; Hy04, 80.2%;
Temp. Volume Stop Time
of oxygen watch. from

collected. Zero.

°C Ce. Min. Min.
22.5 25.C 39.56 22.8
21 8 25.2 36,50 64.2
21.2 24,.¢ 39.37 144.7
21.8 25.¢ 43,50 187.7
31.4 24.¢ 44.22 255.0
18.4 24,% 49,08 350.0
19.4 25.0 57.15 535.0

Barometer; 746.8 m.m.

Time Hy0q HoOo
fron decomposed. percent.
%Zero.
Min. Grm. Percent.
50 .C700 79.68
100 .1615 79.36
150 .2480 78.89
200 . 3295 78.36
300 .4810 77 .56
400 6165 76.79
500 .7415 76.08

HCl1l oxidised; .0008 g.

k x10% .68

Hy0,

concentration

(a=x)

Mols/liter.
31.28
31.14
30.90
30.60
30.20
29.82
39‘.24

HC1l, 0.90%.

H,0
d%cgmposing
per minute.

Grm.

0017
0018
0018
.0018
0013
.0012

Log(a=x).

1.4953
1.4934
1.4900
1,.4857
1,4800
1.4745
1.4660



Experiment 2.

Initial Concentrations; Hy00, 80.3%; HC1, 1.17%.

Temp. Volume Og Stop Time Ho0g dec'g

collected. watch. from zero per minute.
°C Ce. Min. Min. Grm.
20.0 24.7 22,70 13.3 «0030
20.0 25.0 21.42 36 .7 0032
20.0 25.0 22.66 59.3 0030
20,0 25.0 25,47 121.8 .0027
20.0 25.0 29.58 220,.8 .0023
20.2 25.0 32.92 302,85 .0021
20.0 25.0 35.50 367 .7 .0019

Barometer; 759.5 M.m,

Time HqOg Ho0gp He02 Log(a=x).
decomp'd. percent. gonc'n.
Min. Grm. jA Mols/1.
50 .1414 79.55 31.20 1.49042
100 2605 78.74 20.74 1,4877
150 .4255 78.00 30.40 1.4829
200 55056 77.28 30.06 1.4780
250 .6640 76.62 28,72 1.4731
300 1710 76.01 29,41 1.4c84
350 8710 75.45 29.14 1.4045
400 .9695 74.92 28,90 1.4609%
450 1.0650 74.30 28.56 1.4557

500 1.1870 73.74 28.28 1.4514

HC1l oxidised; .0021 g.

k x 10% .88



Experiment 3.

Initial Concentrations; H,0,; 74.13%; HC1, 1l.5%.

2 a2y
Temp. Volume Oy Stop Time Ho0g decomp'g
collected. watech., from zero. per minute.

°C Ce. Min. Min. Grm.
2C.4 25.0 25.80 15.8 0027
20.8 25.0 22.15 41.1 0031
21.6 25.0 22,22 65.1 0031
21,0 25.0 25,93 127.C 0027
21.6 25.0 27.50 163,7 00256
21.2 25.3 30.00 236.0 0023
21.0 25.1 3232 2908.0 0021
22.0 25.0 38,00 504, .0018

Barometer; 766.5 m.m,

Time. Hy04 Hy0g Haog Log(a=x).
deconmp'd. percent. eonc'n.
Min. Grm. y4 Mols/1.

50 .1290, 73.47 28.14 1.44983
100 2775 72.68 27.80 1.4440
200 .5380 71.27 27.10 1.4330
300 7665 70.06 26.52 1.4235
400 .9585 69.00 26.00 1.4150
500 1.1140 68.14 25.58 1.4079

HC1 oxidised; .0006 g.

k x10% 1.0



Experiment 4.

Initial Concentrations; Hy0,, 73.96%; HCl, 2.03%.

Temp. Volume O Stop Time H,0, decomp’g
collecteg. watch. from zero. per minute.

°C Cc. Min. Min. Grms.

19.5 42.5 20.53 16,7 0087

19.5 42,5 22.50 47.7 0052

19.8 87.0 56,10 99,5 0043

16.8 49.0 33.92 164.5 0040

19.8 43,0 34,51 239.2 0035

20.0 50.0 47.12 349.5 .0029

20.0 42,5 45,28 442.6 0026

20.0 42 .5 50,86 540.4 .0023

Barometer; 763.3 m.m.

Time. Hy0q HaOg Hgog Log(a=x).
decomp'd. percent. cone'n.
Min. Grm. A Mols/1.
30 .1166 73.3 28.08 1,4484
40 2271 72.7 27 .60 1.440¢
60 .3314 72.2 27 .54 1.4399
100 53252 71.0 27 .00 1.4314
200 . 9436 68.6 25.80 1.4116
300 1.2852 66.6 24,84 1.3952
400 1.5776 64.8 24,02 1.3804
500 1.8352 63.2 23,28 1.3670
700 2.3708 59.7 21,55 1.3334
1000 2.7808 56,5 20,25 1.3064

HC1l oxidised; 0026 g.

k x10% 1.4



Experiment 5.

Initial Cencentrations; H,0,, 76.64%;  HCl, 3.41%.

Tenmp. Volume Og Stop Time H20g decomp'g
collected. watch. from zero. per minute.
°C Cc. Min. Min. Grms.
21.0 42.5 £.66 4.4 .0208
21.0 42,5 6.86 12.4 0171
21.0 42.5 7.85 21.0 .0160
21.0 42,5 8.75 31.4 .0134
21.0 42,5 9.55 41.7 .0123
21.0 42,5 10.%0 53.1 0114
31.0 42.5 11.28 67.6 0104
21.0 42,5 13,00 88.0 .0080
21.0 42,5 16.60 146.8 .0071
21.0 44.0 22.00 222.5 .0058
21.0 42.5 26.16 301.6 .0045
21.0 42,5 35,50 454.0 0033
Barometer; 764.5 m.nm.
Time. a0, Hy0g Hp0q Log(a-x).
decomp'd. percent. eonc'n.
Min. Grm. A Mols/1.
10 .2028 74.81 28,55 1.4556
30 .5108 72.61 27 .60 1.4409
50 .7595 71.32 26.95 1.4305
120 1.4180 67.25 25,05 1.3988
180 1.6400 66.07 24,45 1.3882
200 1.9580 63.82 23,50 1.3710
250 2.2300 61.91 22,55 1.3531
300 2.4650 60.39 21.75 1.3374
350 2.6680 58,91 21.28 1.3273
400 2.8470 87.69 20,75 1.3170
450 3.0090 55.24 19,76 1.2958
600 3.4490 53.27 18.94 1.2774

HC1l oxidised; .0401 g.

k x104; 2.33



Temp.

°c
20.6C
20.0
20.4
20,2
20.0
19.5
20,0

Time.

}in.
50
100
200
300
400
500

Experiment 6.

Yolume

Initial Concentrations;

Hy0g, 60.10%;

Oa Stop Time
collected. watch. from zero.
Ce. Min. Min.
25.1 19.20 11.6
25.1 16.68 30.3
25.1 17.16 48,6
25.0 18.50 92.3
26.0 21.5¢ 161,7
27.0 27.37 317.6
26.0 30.25 458.1
Barometer; 75C.0 m.m.
Hq0p Hgog HgOg
decomp'd. percent. conc'n.
Grm. yA Mols/1.
. 16890 59.13 21.48
3540 58,09 21.00
.6880 56.13 20.16
. 9780 54,43 19.43
1.2350 52 .85 18.78
1.4725 51.39 18.16
HC1 oxidised; .0003 g.

Kk x 10%

1.65

2,98%.

H203 deconp'g
per minute.

Grm.
.0036
Q041
0040
L0037
0033
00237
0023

Log(a-x).

1.3320
1.2222
1.3045
1.2888
1.2737
1.2891



Experiment 7.

Initial Concentrations; Hg0p,  33.0%; HC1, 5.02%.
Termp. Volume O Stop Time Hy0, decomp'g

collecte%. watch, from zero. per minute.
*C Ce. Min. Min. Grm.
21.0 20.5 27 .50 17.7 0021
21.4 20.5 22.5C 44,2 0028
21.2 20.7 24,00 68.0 .0024
21.2 20.8 24.08 4.1 0083
20,0 20.3 26.08 176 .5 .0022
20.4 20.9 26.00 207.0 .0022
21.0 20.4 26.88 261.5 0021
21.0 20.5 28.50 337 .8 .0020

Barometer; 774.0 m.m.

Time. Hy0g H,0, Hy0p Log(a=x).
decomp'd. percent. conc.
Min, Grm. 3 Mols/1.

5% .1170 32.40 10.62 1.0261
100 2235 31.90 10.44 1.0187
200 . 4457 30.82 10.02 1.0008
300 . 6530 29.83 9.66 0.9850
400 .8495% 28.86 9.31 0.9689
500 1.0300 27.90 8.00 0.,0542

In this experiment no hydrochlorie¢ acid was oxidised.

k X 10% 1.70



Experiment 8.

Initial Concentrations; H,0,, 46.36%; HC1l, 5.17%.

2 2!
Temp. Volume 02 Stop Time Hao2 decomp'sg
collected. watch, from zero. per minute.

e Cc. Ain. Min. Grm.
Q3.4 25.0 16.82 8.4 0040
22.4 24.9 14,75 28.0 0046
22.2 25.0 15,33 42,0 0047
22.2 25.0 15.66 58,8 0044
22,0 24.¢ 16.82 87.4 .0040
21.6 28.C 20.32 181.1 0034
21.0 25.0 23.10 263.0 .0030
19.5 25.1 27.40 373.7 .0025

Barometer; 755.0 m.m.
Time Hy0q H,0, Hao8 Log(aex).
deconmp'd. percent., conce.

Min. Grm. A Mols/1.
80 2008 44,89 15,51 1.1906
100 4105 43,37 14.88 1.1727
150 .5945 42.02 14,32 1.1559
200 L7630 40,76 13.82 1.1408
250 5170 39.56 13,36 1.1258
200 1.0608 38.45 12.94 1.1120
380 1.1960 37.38 12.51 1.0972
400 1.3226 36,38 12,16 1.0849

HCl oxidised; .CC03 g.

x X104 3.1



Experiment 9.

Initial Concentrations; HgOp, 49.17#; HC1l, 6.10%.

Temp Yolume O Stop Time Ho0, decomp'g

collected. watch., from zero. per minute.
°C Ce. Min. Min. . Grm.
20.5 42.5 18.25 9.62 .0063
20.5 42,5 18.93 34.95 .0061
20.5 42.5 20.32 57 .67 00566
20.8 42 .2 23.42 108,21 .0049
20.5 42,5 34.08 278,94 0034
20,5 42.56 39,32 363,16 .0029
20,5 42.5 42.92 420.96 0087

Barometer; 744.0 n.m.

Time. HaO 0. H,0 Log(a=x).
decgmg'd. pggcgnt. cgng.
Min. Grm. o Mols/1.
40 2469 44.26 15.24 1.1829
20 .4696 42 .4 14,50 1.1614
120 6606 40.1 13.56 1.132
2C0 1.01680 38.2 12.84 1.1086
280 1.3048 35.8 11.92 1.0760
400 1.6680 32.7 10,74 1.0311
600 2.1480 28.46 9.18 0.9628

HC1 Oxj.dised; 0008 e

kK x 107 3.65



Experiment 10.

Initial Concentrations; Hy0p, 33.0%; HCL, 8.0%.

Temp. Volume O, Stop Time HyOp decomp'g

collected. watch, from zero. per minute.
°C Ce. Min. Min. Grm.
20.2 20.5 6.11 6.0 0091
20.0 21.8 6.23 156.6 .0095
20.0 20.0 6.17 30.1 .0091
20.0 20.5 6.23 41.1 .0089
20.5 2C.5 7.62 109.8 0073
21.C 20.4 8.27 144.1 .0069
21.5 20.5 .20 185.6 .0060
21.5 23.4 11,50 2387 .00565
21.85 21.9 11.13 247.5 .0053
21.0 20.7 11.83 220.9 .0047
20.5 20.6 13.26 372.6 0042

Barometer; 749.1 m.nm.

Tims. H,O H_ O H,0 Log(a=x).
decgm%’d. pergegt. cgn%.
Min. Grm. y4 Mols/1.
10 907 32.51 10.66 1.0278
20 . 1855 32.10 10.50 1.0212
30 2786 31.64 10.32 1.,0136
30 .5445 30,37 0.86 0.9939
30 s7110 29,56 9.55% 0.9800
100 .3683 28.80 8.30 0.9685
130, 1.0887 27.73 8.90 0.9494
160 1.2921 26.66 8.48 ©.9289
200 1.5263 25.46 8.10 0.9085
280 1.8013 24.05 7.60 0.8808

HCl oxidised; .0009 g.



Temp.

Timo.

14in.
10
20
&C

160
2C0
250
300

450
800

Experinsent 11.

4

kX 10

6.68

Initial Concentrations; Hg0y, 3B.0f; HCl, 9.0%.
Volums O Stop Time HgOp dacomp'g
eolleete%. watgh. from zero. per minute.

Ce. Min, Min. Grnm.
20.0 4.83 C.4 0112
19.8 3.83 13.9 0141
2C.0 3.08 20,0 0137
20.0 4.06 27.0 L0132
20.0 4,32 37.1 .0188
20.0 4.66 54.3 0118
2C.0 5.C8 82.5 0106
16.¢ 5.60 107.8 0086
18.5 6.78 162.4 0078
20.5 7.68 195.5 0068
30,1 9.70 273.9 0056
19.8 11.c8 337.5 L0475
20.0 13.41 403.7 0040
20,15 18.03 464.8 0036
Baromster; 750.0 m.m.
H.0 Haoa Hy0q Log(a~x).
decomp'd, percent. conc.
Grm. % MOI&/J. ’
01428 53.55 10 050 1.0853
«2825 31.68 10.30 1.0128
6636 20.87 8.58 .8857
1.2036 27.20 8.70 «94085
1.7301 24,55 7.80 8621
2.0232 23.03 7.28 8597
2.3407 31.%4 6.71 .8267
2.6207 18.82 6.21 7031
2.8663 18.54 5. 74 7619
3.2740 16.26 5.04 7084
3.4490 15,30 4,71 8730
HCl1 oxidised; .C023 g.



Experiment 12.

Initial Concsntrations;

33.2%; HC1, 9.55%.

Haog,
Tem~. Volume O Stop Time H,0, decomp'g
collecteﬁ. wateh. from zero. per minute.
°C Ce. Min. Min. Grnm.
22,5 19.0 6.0 5.5 .0084
22.5 30.3 .0 8.0 0112
22.5 34.6 a.0 20.5 0103
22.5 41.1 12.0 34.5 .0002
22,5 34.5 11,0 4A8.5 .0084
22,5 - 88,7 11.0 85.5 .0069
22.5 29.5 13.5 116.7 0058
22.5 25.0 13.0 166,56 0062
22,5 30.2 22.0 249,0 .0040
22,5 23,2 27.C 358.5 .0023
Barometer; 744.C n.m.
Time. H%O8 HgOq Hy0p Log(a~x).
decomp' d. percent. econc.

Min. Grm. 4 Mols/1.

20 2240 31l.2 10.15 1.0064
40 4152 20.6 9.58% . 9800
60 .5812 28.3 9.08 9881
80 .7292 27.2 8.70 .9385
100 .8644 26.7 8.55 . 9320
150 1.1568 23.6 7.45 .8722
200 1,.3988 21.5 6,76 8312
250 1.6020 19.7 6.16 7524
200 1.7704 18.2 5.60 7520

HC1 oxidised; .0035 g.

4
k¥ 10; 8,12



~Experiment 13.

Initial Concentrations; H,0,, 30.42%; HCl, 12.7%.
Temp. Volune O Stop Time H,0, decomp's
collected. watch., from zero. per minute.
°C Ca. Min. Min., Grm,
22.0 52,0 4.27 6.63 0301
22.0 50.% 4.93 14.9 .0879
232.0 50.1 5.81 23.4 .0236
33.0 50.2 6.68 32.8 0208
32.0 50.1 7,70 43,3 .0178
22,0 50.1 11,29 83,1 0122
22.0 50.0 16,50 132.8 .0081
22.0 50.0 29,30 2%4.1 ,0043
22.0 50.0 43,59 329.8 .0031
22.0 50.0 54,50 383.2 .0025

Barometsr; 757.0 n.m.

Tima, H,0 Hy0, H,0, Log(a-x).
decomp'd. vorcent. conc.
Tina. Grm. A M/,
20 577C 30.4 8.10 .9948
60 1.343C 21.1 6.61 .8202
80 1.6180 19.1 5.91 7718
120 2.0415 15.8 4.88 .5884
160 2.3500 13.5 4,12 .8149
200 2.5878 11.6 3.52 5465
260 2.8495 9.4 2.80 L4472
C 2.9908 8.3 2.48 .3645
380 3.2216 6.3 1.84 «2648

HC1 oxidised; .0486 g,

k X 10%  16.1



Experiment 14.

Initial Concentrations; Hy0s, 13.8%; HCl, 13.26%,

Temp. Yolume 02 Stop Time HoOo decomp'g
collected. watch from zero. per minute.

*C Cs. Min. Min. Grm.

3305 50.0 15'05 10 07 00053

2%.8 3065 16.25 29.2 0051

2%.5 30.2 19.0 46.5 0046

22.5 30.3 26.5 74.3 O3

2%.5 303 44,0 272.0 .0019

23,5 30.9 61.0 338.5 .0014

Barometer; 758.0 n.m.

Time. H,0,, H,04 H,0, Log(a=x).
deconmp'd. percent. cong.
Mirn, Grn, yd M/1.
3N .10562 12.9 4,05 80745
a0 <2056 12.C 3.78 5775
o0 28256 11.2¢ 3.58 5538
80 . 3878 10.48 3.30 5185
120 .49881 9,80 2.88 4594
150 B723 8.85 £.04 .4216
200 6841 7.80 2.32 3655
250 .7834 6497 2.07 «3160
300 .8703 6,18 1.80 2553

HC1 oxidised; .0040

4
k X103 14,0



Expsriment 15,

Initial Concentrations; Hy0,, 4 01%; HO1l, 14.85%.

Temp. Volume O Stop Time H 0, decomp'g

collected. watgh, from zero. ‘per minute.
o Ce. Iiin. Min. Grnm.
23,56 2.1 17.80 13.0 0038
2%.5 25.1 12.37 29.3 0085
2%.5 25.1 13.22 43.6 0082
23.B 25.1 16,83 102.0 0041
2%.B 28,1 22,35 175.0 0031
2%.0 25.1 43.83 358.4 0018

Barometer; 758.0 m.m.

Time. Hgog' Hy0q Hy0, Log(a-x).
decdnp' d. percent. cone.
Min, Grm. A u/1.
50 .2150 4,25 1.20 :,0792
105 . 4400 %.58 1.0% 0.0128
150 6235 3.02 .85 1.9294
200 S35 2,86 71 1.8513
250 .5988 2.18 .58 T.76%4
0 1,0020 1.86 .50 1.69%0
550 1.0880 1.56 .42 1.6332

HC1l oxidised; .0014 g.

4
k X10 ; 18.1



Experiment 16.

Initial Concentrations; H 10.95%; HCL, 18,847,

2059

Temp. Yolume 0. Stop Time Hagg decomp'g
collected. watch. from zero. per minute.

°C Cec. Min. Min. Grm.

23.0 30.3 7.8 T2 .0108

32.0 30.4 9.5 18,7 0088

22.0 %3.5 14.0 33.0 0065

22.0 30.8 16.5 49,8 «0080

22.0 33.3 26.0 73.0 0035

22.0 29.8 43,0 1327.5 0018

Barometer; 748.0 m.m.

Tims. Hgo2 H202 H,0, Log(a-x).
decomp'd. percent. cone.
Min. Gro. 4 M/1.
10 .1130 8.5 2,90 .4624
20 .2056 8.% 2.52 .4014
40 + 3449 6.5 1.95 .2900
60 +4440 54l 1.85 .190%
80 5171 4.2 1.24 0034
106 N=1ds 1 3.5 1.00 0000
120 .6187 2.9 85 Y.0204
150 687737 2.1 .3 T.4771

ECl oxidised; .0350 g.

K X10% s54.2



Experiment 17.

Initial Concentrations; H,0,, 18.61%; HC1, 19.26%.

Tamp. Volume O Stop Time chz decopp'sg
collected. watch. from zero. per minute.

°C Ce. Min. Min. Grm.

21.0 32.7 3.5 5.2 .C255

21.0 31.0 6.0 9.0 .0141

21,0 30.6 8.0 17.0 .0103

21.0 31.3 10.0 27.0 .0088

21.0 34.6 15.0 34.0 .0083

21,0 31.2 17.5 64.0 .0049

21.0 30.8 23.0 88.0 .0036

21.0 28.1 31.0 117.0 .0025

21.0 30.2 120.0 276.0 0007

Barometer; 752.0 m.m.

Time. HO HO H,0 Log(aex).
deegmg'd. pe%c%nt. cgng.
in, Grnm. y4 /1.
10 «2400 15.3 4,75 8767
20 <4670 12,2 3.70 .5682
40 6430 0.7 2,90 .4624
60 .7710 7.9 2,40 3810
100 9600 5.1 1.%0 w1761
150 1,0880 3.1 «85 1.9294
200 1.1840 1.7 .45 1.6532
250 1.2420 .8 25 T.1161

HC1l oxidised; .1930 g.
k X 10%  103.2 tp 57.7
In this experiment the value of k dropped from the very

first, and continued tp drop until the reaction had gone to

completion.



- Exneriment 18.

Initial Concentrations; H,0,; 20.0%: HBr, 1.007.
Temp. Volume O Stop Time Ha0, decomp'g
collacted. watch, fron zero. pe% minute,
°C Ce. Min. Min. Grm.
22.4 25.0 1¢.02 13.1 0034
22.4 25.0 17,75 33.3 L0035
22.8 25.1 12,08 53, 030
22.8 25.1 2n .58 118.3 .0033
22.8 36.1 22.33 185.1 .0029
22.0 25.9 24.35 243.,1 .COR%
21.6 25.1 25,16 313,6 .0027
21.0 26.2 30.2 A09,1 L1023
Barometer; 755.1 m.m.
Time. H,0. 1,0, H_0
decgm%'d. pergeﬁt. m01% Zone.
Min., Grm. % M/1.
0 20.0 6.26
50 1730 18.32 5.02
100 . 3480 18.62 5«30
150 5130 18.00 5,60
200 6170 17.565 5.44
350 .8155 15.76 5.20
300 . 9655 16.20 5.00
350 1.090% 15.63 4,80
400 1.2178 15.74 4,60
450 1.3385 14,52 4,40
500 1.4530 14.15 4,32

HBr oxidised *to BPZ: .52,

_13;(104; 3,20



Experiment 20.

Initiel Concentrations; H,0,, 16.86%; HBr, 0.83%.

2

Temp. Volume O Stop Time g0y decomp'g
collected. watch. from zero. per minuts.

°C Ce. Min. Min, Grm.

23.4 25.1 28.45 15.2 0021

23.0 z5.06 21.42 AD,0B L0032

23.0 26,1 21.33 63.1 L0231

22.8 25.0 22.10 97.3 0030

22.2 25.0 24,66 238 .8 0027

22,2 25.4 28.38 382.2 0024

22,0 25.6 3L.70 498,5 0022

Barometer; 748.C n.n.

Time. H202 Hy0q H,0,
d2comp*d. percent. mol. Conc.

tin. Grn. o /1.
C 19,86 6.22
5C .115C 19,50 5,10
100 2675 e,0n 5.63
150 .4135 18,55 5.78
280 6385 17.84 5.54
300 .8180 17.27 5.36
Z50 . 9440 16.86 5.22
40C 1.0635 16,47 5.11
450 1.1750 16.11 4.92
500 1.28G5 15.74 A.85

_}_90.(34; 2.16

Ty goncantration at end of reaction, .117 roles/liter.



Experiment 21.

Initial Concentrations; H,05, 6.08%; HBr, 2.02%.

Temp. Volume O, Stop Time Hzea deconp'g
collected. watch. from zero. per minute.

°C. Ce. Min. Min. Grm.

2.4 25.0 27.42 15,3 0025

20.4 25.1 18.17 39.1 .0038

27.4 26.4 23,78 151.9 .CO31

20.4 25.2 26,75 238.4 .0026

0.4 20.3 34.80 38,4 .0023

20.4 25.1 31.68 343.8 .0082

2C.0 25.0C 25.63 A04.8 L0017

Barometer; 762.5 m.m.

Time. H, O, R_O H,O
dec%m%‘d. pe%c%nt. mol. conc.
Min. Grm. 2 /1.
o - 5.086 1.48
50 .1445 4,86 1.40
100 . 3250 4.48 1.28
15C LA877C 4,15 1.2C
200 .6325 3.84 1.10
ohT 7655 3.56 1.c2
370 .887C 3.31 .G2
360 .999%0 3.07 .86
400 1.0965 2.87 .80

Cone. HBr at end of reaction; .260 moles per liter.

xy10% = 6.74



&

Experiment 22.

Initial Concentrations; H,0,, 5.01%:; HBr, 0.96%.

Temp. Volume O Stop Time Hy0, decop8s
collecteg. watch. from zero ner ninutz.
°C Ce. Min. HMin. Grm.
21.4 51.2 116.60 67.0 007
21.8 25,3 66.83 161.4 L0010
22.8 30.8 88.25 274.0 L0110
22.8 23.7 68.02 357.5 0064

Barometzr; 759.0C m.nm.

Linme. H,O H,0 H,0
272 22 2ve
decomp'd. percent. (a=x)
Min. Grm. A nol/lite .
~ - 5.01 1.45
10¢ .C60 4.89 1.40
ace L1060 4,6C 1.35
3C0o .260 4,49 1.3
4cC . 32C 4,36 1.24
4
kX1 = 1,80

Concentration HBr at ond of reaction; .125 molaes per liten



APPENDIX B.

The following tables give the readings on the right arm
of the mancmeter at intervals of fifteen seconds for the different
temperatures at which the vanor pressure of hydrogen peroxide was
determined. The actual pressures were obtained by extrapolating thzse
readings to zero time asg described in the thesis and referring them
to a calibration curve in which th2 difference hetween the tvyo crms
of the manometer wers nlotted against the height of the right arm.

The valueg for the calibration curve are given below.

Calibration of Manometer.

Left Arm, Right Arm. Difference.
1.38 14.79 13.41
3.03 12.94 6.61
4.52 11.32 6.80
5.95 9.77 3.84
7.01 8.60 1.59
7 .67 7.88 0.21

Manometer Readings at Intervals of Pifteen Seconds.

Temperature 62,5°

e o o
W= OO
* o o o

DD DOD

O OIODU &AW -
0
D OO OO
L]
AV = OO DPOON
QO NVNWL O



W -~ O

[ 2K e
oW W
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ot
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40
80
136

175

!

oMWW~ O

Temp. 56.7

8.00
8,565
8.60
8.63
8.64
8.71
8.75
8.80
Tomp. 80,
°.80
0.2 1
w.AC 1
1.5 10
10.58
10,70
10.80
10.90
Temp. 51.
32C. 8.30C
*  8.40
8.44
8.50
8.51

8.64
8.60
8.6C

ce,

0.30
0.4
5
1c.6
10.71
10.87
1C.65

59

Tenp. 24.2°

7.82
7.86
7.87
7.88
7.89
7.00

7.91

7.83
7.86
7.88
7.89
7.89
7.2C
7.90

=

VOB

Temp. 70.0°

o 8.5 8.50
1 9.25 9.30
2 S.43 9.42
3 ©.48 9.48
4 .52 5.52
6 G.58 £.568
8 G.63 .64
12 S.73 8.75

Temp, 89.1°

~.50 9.50

11.57 11.51
1.82 11.785
12.00 11.62
12.12 12.03
12.23 12.18
12.32 12.28

Lo2 J6 L I - N2 BN o

Temp. 62.5°

8.80

0 7.88 7.80
1 7.98 7.99
2 3.01 8.01
3 8.C2 8.C2
4 8.03 8.03
5 8.03 2,07
© 8.04

7 8.05 8.04
8 8.06 8.05

11.52
11.78
11.¢61
12,03
12.18
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