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I 

There are tew compounds which have acquired such impor-

tanee 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 internediate product in the oxidation of many com-

pounds has added to its importance in the field or theoretical 

chemistry particularly in connection with the difficult subject ot 
enr\"'eci 

catalysis. Each year sees the literature by contributions concerft1ng 
" •iaa reactions in which hydrogen peroxide plays a part. To indicate 

them, even briefly. ~ould be beyond the scope of this thesis. But 

it nay 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 le& 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 pap0r, how-

ever, the discussion is confined mainly to the action of the halogens 

and the haloeen hydrides. 

The reactions of hydrogen peroxide with the halogens and 

1) 
halogen hydrides has long been known. As early as 1858, Schoenbein 
--~-- .... _, _________ _ - - - - ~ - - - - - - ~ - - - - - -
1) 

Sehoenbein, Annalen, 109, 1G9 (1958). 



observed that when bro~ine is passed into dilute hydrogen peroxide 

the paroxide is decomposed with the formation or what appeared to 

be hydrobromic acid. Several years late~) he described an analo-

gous effect with iodine. No intermediate products were suggested by 

Schoenbein, and since he was unable to detect the presence of iodates 

t~~e conclusion was drawn that the hydriodic acid is directly oxi­

dised to iodine by the hydrogen peroxide. In 1880, Schane2 ) observed 

the analogous reaction with chlorine and concluded that the cor-

responding halogen hydride was formed directly ··rithout involving any 

intermediate ~roduct. 

A number of experiments with the halogens and hydrogen 

peroxide were described by Fairley3) in 1974, and the suggestion was 

made that the product of the reaction between dilute solutions ot 

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 c~utiously adding ferrous sulphate to re-

Move the excess, a bleaching liquid was obtained "having the pro-

perties of hypochlorous acid.• In the same paper Fairley describes 

tl1e action of hydrogen peroxide upon hypochlorous acid and states 

that r_ secondar~,r reaction takes place, the oxygen being given ott 

--- .... -------------.~-- ------------ _____ ..._,_ __ 

1) 
Schoenbein1 Jour. prakt. Chem., 84, 385 (1861). 

2 )Sch~ne, Ann. 196, 254 (1880). 
t 

3) 
Fairley, Brit. Ass. Rep., 44, 57 (1874). 



equally from the hypochlorous acid nnd the hydrogen peroxide. 

Similar conclusions had previously been reached by Brod1e1>, using 

however, solutions or bariuM peroxide and calcium hypochlorite in 

acetic acid. In 1899 Tanatar2) using hypobromous acid observed a 

reaction exactly analogous to that described by Fairley with hypo-

chlorous acid, oxygen being liberated and, in this case, hydro-

bromic ~cid forMed. 

~ithin recent years a nunber or papers have appeared 

dealing ':·rith the well known reaction between hydrogen peroxide and 

hydriodie 2eid, and the various oxy-acids of iodine have been in 

turn suggested as interMediate compounds. But those which have proved 

to be the ~ost valuable contributions to the subject are the ones 

which have attacked the problem from a new angle, namely, the velocities 

or the reactions, especially the velocity ot the catalytic decon­

rosition of the peroxide. Bredig and Walton3 ~ tor exa~ple, have 

shown from the rates of decomposition that iodates and periodates 

cannot be formed as internediate compounds. Similarly, Brode4) has 

shown that there is a close relation between the rates of decom-

-~-~--~-----------~~---~~---~--~~ 

1) Brodie, Phil. Trans., 140, 759 (1850); 152 1 837 (1862). 

2 ) Tanatar, Beri·chte, 32, 1013 (1899). 

3 ) Bredig and Walton, Zeit. Elekt., 114, Vol. 9, (1903); 

Zeit. phys. Chem., 47, 185 (1~04). 

4) Brode, Zeit. phys. Chem., 49, 207 (1904) 



position and the concentration ot the hypoiodite-ion. Since this 

investieation was begun two interesting papers on the decomposition 

of hydrogen peroxide by hydrobromic acid have appeared by Bray 
1) 

and Livingston 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 tact 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 McGill University2) for the preparation of concentrated 

solutions of hydrogen peroxide on a convenient scale have opened 

a new field of research and have made it possible to investigate 

the reactions with hydrochloric acid analogous to the well known 

one :rith hydriodic acid. The opportunity for studying the reaction 

is 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 halogen hydrides from 

the standpoint ot reaction rates and a new theory is advanced to 

explain their mechanism. 

- - - - _, ,.. - - - - - -- ... ._. - .- - ... - -- - - - - - - - - - - - - .. 
l) Bray and Livingston, Jour. ~. Chern. ·soe., 45, 1251 (1923); 45, 2048. 

2) o. Haass, Jour. Am.. Chem. Soc., 42, 2574 (1920); 

Haass and Hatcher, Jour. Am. Chem. Soc., 41, 26"1B (1920) 



It was dL:.;covered that when dry hydrogen chloride gas 

is passed into anhydrous hydrogen peroxide chlorine is liberated even 

1) 
at low temperatures. 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 elass bottles. In the paper referred to abov.e2) it was 

Mentioned that it would be interesting to determine the concentrations 

at which chlorine would be given ott and the concentrations at which 

hydrochloric acid ~'fould aet as a stabilizer. Moreover it was thought 

that this ~ight ~ive an indication of the oxidising power of hydrogen 

peroxide solutions of various strengths so that a means ~ight be 

obtained of standardising these solutions by Means of hydrochloric 

acid. 

Experiments carried out by the author revealed from the 

tirst the remarkable fact that even at low concentrations hydro-

chloric acid would bring about the decomposition of fairly dilute 

solutions ot hydrogen peroxide, apparently without the liberation ot 

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 ott, but also to inves-

ti~ate the action of the other halogen hydrides upon hydrogen peroxide 

--~-~-~~~~---~---~--~-------~--~~~-

1) 
rtaass and Hatchert 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 }Jayed by 

the various ioas or molecules in the decomposition. 

The results of a preliminary investigation can be generalised 

briefly as follows; with the exception of hydrotluoric 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, bromide, 

chloride, and fluoride. The question involved is whether the decom­

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 tMOO~ others the rates Of the 

reactions would throw some light upon this question and ~ossibly 

give an inkling as to the mechanism or the reaction both when the 

halogen hydride is oxidised and ~hen oxidation does not take place. 



II. 

Great care was taken in the preparation of the reagents 

as the presence of very small traces of foreign impurities was 

sufficient to irnpai~ seriously the accuracy of the results. All 

apparatus for preparine or containing the hydrogen peroxide was 

first allowed ~o stand over ni~ht in chromic acid solution, then 

washed in alkali, and finally in distilled water hetore being dried 

tor use. 

The hydroeen peroxide so1utions were prepared from 

eo~ereia! three percent solutions in the manner described by 

Maass and Hatcher1). About a hundred litera or commercial solution 

were concentrated by boiling in vacuo and distilled. Where solutions 

or ninety percent strength or over were required the concentrate 

was C~Jstallised. 

In the case of hydrochloric acid quantitative measure-

rnents could be carried out more accurately than in the case ot 

the other halogen hydrides on account of its relatively smaller 

activlty. The experimental methods used and the results obtained 

in the reactions between hydrogen peroxide and hydrochloric acid 

will therefore be first described. 

Various attempts \~rere Made to discover a method ot 

~----------------
1) 

Haaas and Hatcher, Jour. Am. Chem. Soc., 42, 2548 (1920) 



Fieure I. 



analysing a mixture of hydrochloric acid, chlorine, and hydrogen 

peroxida in aqueous solution. It was found that very s~all quantities 

of tree chlorine, .01 mg in 5 cc., could be accurately estimate~ 

by the bleaching of a standardised solution ot a dye such as 

mtthyl red. But this bleaching w~s partially inhibited by the presence 

ot hydrogen peroxide. hn atte~pt wRs made to estimate thA hydrogen 

p~:roxide in the presence of chlorin& n.nd hydrochloric acid. 'Jy 

adding barium chloride to the mixture, together with a sufficient 

f!ua.ntity or sodium hydroxio.e solution until slig:1tly alkaline. 

The precipat,te of barium p9roxide Wo8 f'iltered 1 washed free from 

chloride and then analysed. The results obtained by thi~ method 

were found to be inaccurate to 0.7%, and the reason for this 

~rns traced to tl".e ~pparently great nnc variable :~olubility of 

br~ium peroxide. This ney be du~ either to the d9compositicn ot 

t 1' ~ barium p~rroxida or to a variation in t,he ei7s ot the particles 

in which it is precipitated. A satisfactory method was however 

finally devi~ed whereby it i·ta::a possible to estimo.te th3 amount ot 

chlorine liberated and hydrochloric acid ~en&ining, whila c;.t the 

same time measuring the rate ot decomposition ot the peroxide of 

hydrogen brought about by the acid. This rnetho~ makes use ot the 

apparetus shown in the accompany;:tg diagram, Figure I. 

About 10 cc. of hydr0~en perox1.de wa:3 introduced into 

the reaction flask A, by means of a pipette and weighed. It ~as 

then cool9d in a salt and ice freezing m1.xture and the hydro_::en 

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



leading from a calibrated bulb tilled with dry hydrogen chloride. 

The hydrogen chloride gas was prepared trom salt and sulphuric 

acid and dried by passing through sulphuric acid several times 

before being collected over mercury. By raising and lowering a 

mercury reservoir it was possibl~ to introd~ce into the peroxide 

de:inite volumee of hydrogen chloride gno f~om the calibrated bulb 

r.nd the concentrations of thd hydro~~""\ poro:ride, hydrochJ oric acid 

aq~eous solution could therefore ~o accur~tely calculata1. Whe~ 

hfY,?&,,er 1 t was re(}uirad +.c worz ·,-ri t~ solutions of any particular 

concentration it Wrt3 !'ound to bG '·1o~e accurate ~ nd convenient to 

a~d t~e hydrogen veroxide to a 3olut1on of hyd~ochloric acid. For 

t~~L~ purpose speci?~l pipettes ?rero prepared \-rhich ~ould deliver 

thruugh capilla.r~I tubes known vvlumes of h:rdrngen reroxid9 :'f'•-

lution whos3 dtrengthn had been determined. ~h3 acid uolutions 

were then made up to ~etinite strengths so that whe~ the hydro-

gen peroxide from the pipette was Bdded to a definite weight ot 
\ 

this acid the required concentrations w~uld result. Por example, 

it ~1as desired to ma.~e up a miA.'tur~ having the concentrations, 

The hydrogen peroxide solution on hand was analysed and rou~u to 

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



on the density ot hydrogen peroxid-~ It was calculated that when 

this is added to 1.902 grams of 5.46% hydrochloric acid th~ re­

quired concentrations would be reached. An acid solution of 5.46~ 

streng.th was therefore carefully prepared and the proper amount 

weighed into th~ reaction flask. It was then cooled in salt and 

ice and the hydrogen peroxide added by means of the pipette. As 

a further check on the aoeuraey of this method the mixture could 

then be weighed and correcti~ns made if ~ecessary. 

Hav·ing mixed the hydrogen peroxide and hydrochloric 

acid in the required proportious the reaction flask was sealed 

while still in the freesine mixture. The sulphurie acid bulbs B, 

and ·the potassium iodide tubes C, \"hich had been previously sealed 

to.:sther were in t,1rn sealed to the deli,;ery tub& of the reaction 

f}.asl\. The ~t'fllole S~lstem was thr,n plB.ced in a thgrmostat an~1 ~tTas 

ntt~ched by maans cf a short r~bb~r tube to the gas burette and 

containers us shown in the diagram. ~he rubber tube was wired to 

the two glaos tubes which were brought together until they touched. 

All other connections w~re gla&s sealed threughout to prevent 

any possibility ~f the escape of ga~es. 

The experiments were carried out at 25•0. The thermo-

si;at was '!leotricrlly control! P.d and was accurate to .o1•c. 

After the apparatus had been sealed together and the 

reaction had begun as indicated by the escape of bubbles ot 

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 

sa~e moment the stop cock leading to the burette was opened allowing 

the oxygen to be collected there over water. The time from zero, 

1. 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 volu~e, 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 ot tenperature and pressure was read otf the stop watch. 

The oxygen was then allowed to collect in the large reservoir, D, 

tor 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 

already been collected. Another reading was then made as before, 

the time required to collect about 25 cc. being an indication of 

the rate at which the hydrogen peroxide 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 ~nd analysed. 

The oxygen collected in the large'reservoir was measured and its 

equivalent in terms of hydroeen ~eroxide calculated. The hydro­

chloric acid oxidised was caught as chlorine in the potassium 

iodide tubes and estimated by means ot a standardised solution 



ot s0diun t~iosulphate. The residue in the reaction flask was 

analysed tor hydroeen peroxide by means of a standardised 

solution of potassium perManganate, the hydrochloric acid by means 

of standard alkali. Table I is a 2ample or the check obtained 

on the final products and initial constituents of the reaction. 

Table I. 

Initial and Final Products of the Reaction. 

HCl recovered in reaction flask; 
• • as C12 in KI tube; 

• • Total; 

Initial !lCl bef'ore reaction; 

H2~2 recov:red in reaction flask; 
as 02 in bulb D; 

• • Total; 

Initial H2o2 before reaction; 

Ha~ recovered in reaction flask; .. • H so4 bulbs; 
• formed from HC~ oxidised; 
11 • • H2o2 deeomp'·d; 

.. • !otal; 

Initial H20 before reaction 
Formed f'rom HCl and H2o2; 

Total; 

1.6030 g • 
.0425 g • 

1.6455 ~-

.4013 g. 
4.1290 g. 

4.5303 g. 

9.0500 g. 
.0855 g. 
.0105 g • 

1.8511 g • 

9.1355 g. 

7.3340 g. 
1.8616 g. 

1.6490 g. 

4.5250 g. 

9.1956 g. 



The rate of decomposition of the hydrogen peroxide could 

be calculated from the rate at which the oxygen was being given 

orr. The volume collected in the burette waa corrected to standard 

conditions or temperature and pressure and its equivalent in 

terms of hydrogen peroxide calculated. When divided by the reading 

on the atop watch, the number or grams decomposing per minute was 

obtained. These values are given in the last column or 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 or the 

readiag. 

Only the data or one experiment are given in Table II. 

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 ot the experiment, the purpose 

being to determine with whnt degree or accuracy the devised method 

would enable results to be duplicated. 

l 

f 



Table II. 

. 
.. ~~. 

Zero Time; 1,38 p.rn. Baroneter; 764.3 m.m. 

Time ot Temp. Vol. 08 Stop Time H2o2 decomp'g 
Beading. Collected. Watch. fr. zero. per Minute. 

p.l'!l. •c cc. Min. Min. Grm. 
1,3g 19.6 35.0 5.02 2.50 .0246 

l, 46 19.4 27.6 3.92 8.95 .0196 
1,52 19.2 20.2 2.95 14.72 .OlSO 
1,58 19.0 20.2 3.03 20.51 .0186 
2,06 19.0 20.2 3.23 28.60 .0175 
2,12 19.2 20.2 3.38 34.19 .0167 
2,19 19.3 20.2 3.50 41.75 .0161 
2,26 19.4 20.1 3.70 48.85 .0152 
2,34 19.6 20.1 3.83 56.47 .0146 
2,52 1g.4 20.1 4.25 75.17 .0132 
3,11 19.0 20.0 4.75 94.37 .0118 
3,57 19.6 20.1 5.82 140.91 .0096 
4, 48 19.6 20.2 7.18 192.57 ,0078 
5,48 19.8 20.1 8.83 253.42 .0063 
8,02 19.4 20.6 13.72 389.96 .0042 
lO,Cl 19.4 20.1 17.78 510.90 .0032 

A' 

Zero Time; 3,27 p.m. Barometer; 754.0 m.m. 
3,32 20.2 20.4 2.69 6.3 .0262 
3,38 20.0 2C.5 2.83 12.4 .0199 
3,45 19.8 20.5 3.02 19.5 .0190 
3,50 19.8 20.5 3.13 24.6 .0179 
3,56 19.8 20.4 3.23 30.-6 .0174 
4,01 19.8 20.5 3.29 35.6 .0171 
4,07 <')(' f".. 20.5 3.50 41.7 .0161 6-J' ..... ......... 

4, 16 20.0 2C.5 3.62 50.8 .0155 
4,27 20.0 2C.5 3.96 62.0 .0142 
4:,50' 20.2 20.6 4.48 85.2 .0126 
5,18 20.0 20.5 5.03 1.13.6 .Cll2 
6,08 20.0 20.5 6.32 164.1 .0089 
7,10 20.0 20.5 8.05 227.0 .0070 
8,14 20.2 20.4 9.87 292.0 .0057 
9,09 20.0 20.5 11.50 347.8 .0049 
10,14 20.4 20.5 13.53 413.8 .0041 
11,22 19.8 25.0 25.00 485.5 .0033 



.02 5 

1\ 
I I 
I 

\ I 

A~ 
~ \ 1 I 

I 

d ~~i I 

~~ I I 

~~~~ 
~~~~-~ 

~ ~ ...... 
~ ~ 

~ 
I 

I I 
0 MINUTES 500 

Fi.:;ure II. 



The data or the prece.ding table are represented gra-

phically in Figure II, the tine ~)eing plotted as abcissa.e. and the 

amount or hydrogen peroxide decomposing per minute as ordinates. 

The unshaded and shaded points of Curve A in Figure II correspond 

to the experii!lents A and A' respectively. It will be seen that they 

both tall on the same curve A, and therefore indicate the accuracy 

with which the results may be duplicated with different samples 

or pure hydro~en peroxide even when the concentrations are above 

the critical, i.e., when chlorine is given ott. 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
2
o

2
, 33.0% HCl, 9.0%. 

• C• " 33.0% 11 s.o~ , 

• D• t • 19.8% HBr, 1.48% 

• E· 46.3'f, HCl, 5.17%. , 
It will be seen f'rol!l Figure II that in the very beginning 

ot 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 

observed 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 ot oxygen than is actually given ott. It was round 

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 du·e to the length of time required for the 

reaction mixture to warm up from the temperature of the freezing 

Mixture to that of the thernostat. It may be that the ;:reater 

amount or heat liberated by the reaction in the case of the higher 

concentrations assists the reaction mixture in reaching the tem-

perature or the thermostat so th~t the inhibition period is thereby 

shortened. In many cases however, the inhibiti~n period was longer 

than the time required to warm such a mixture to the temperature 

ot the thermostat even when no reaction was taking place. Now, it 

is known that gases may remain in solution U:.ntil internal pressures · 

ot several atnospheres have been developed. It is possible therefore, 
• 

that the inhibition period observed is not due to the fact that 

no reaction is taking place, but that the reaction is not evidenced 

by the escape or oxygen, 0n unstable equilibrium occuring whereby 

the oxyeen 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 tor five hundred 

minutes. The areas under the curve were then computed, and from the 

di~ensions or the graph these areas were calculated in terns ot 

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 ealoulated from the formula: 

lOO(P-x) 

""it.HCi + Wt.R~-0+0.53(P-x) 
a 

where ! is the initial weight or peroxide, ! is the weight ot per-

oxide that has decomposed, and 0.53(P-x) is the weight of the water 

resulting from the decomposition or (P-x) rrams of peroxide. This 

formula assumes that the loss .in weight due to the oxidation ot 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, Fieure I, before and after the 

reaction. Analysis of the mixture invariably gave results in close 

agreeMent ''rith those calculated. 

Fro~ the table ot percentages so obtained the molecular 

eoncentrLtion of the peroxide was calculated from the tormula: 

lOOOpd 
"ioo~- = P 

where ~ is the molecular concentration, ~ is the density, and E is 

the percentage. This forMula assumes that for low concentrations ot 

hydrochloric acid the change in the density or the hydrogen peroxide 

due to the presence of the acid is negligible. Where the concentration 

or the acid was high conpared to that of the peroxide a correction 

was made accordingly for the density or the acid. The data obtainec' 

from curve A, Figure II are given in Table III. 



Table III. 

Data Jerived FroM Table I!. 

Time Area Ha0a Percent L!ol. ConOo Log(a-x) 
troM below deeol!lp'd H202 (a-x) 
zero. curve. 

Min. 
2 

Cl!l • Grm • % 
0 0 0 33.00 10.85 1.0355 
10 51.05 .2552 31.81 10.40 1.0170 
20 90.45 .4522 30.87 10.04 1.0017 
00 126.40 .6320 30.00 9.72 • 9877 
40 160.10 .8005 29.17 g.42 .9741 
50 191.72 .9586 28.40 g.l6 .9619 
70 ~4G .47 1.2473 26.96 8.62 .9352 
lOO 325.02 1.6241 25.06 7.97 .9015 
150 42~ .17 2.1409 22.40 7.06 .8488 
200 511.65 2.5582 20.16 G.3a .8C07 
250 581.85 ::.9092 18.27 5.70 .7559 
300 642.00 3 C')lr'l~ •"-' ---... l6.6C 5.18 .7143 
350 G94.CC 3.47~0 15.15 4.66 .6684 
400 739.10 ~.6955 13.85 4.24 .6274 
500 812.45 4.0622 11.74 3.50 .5441 

(Twenty exp0riments or the type just described were carried 

out using different concentrations or hydrogen peroxide and hydro-

chloric acid. The data for these experiments corresponding to Tables 

II and III, together ~rith the a::ount of hydrochloric aeid oxidised 

in each case are to be found in the appendix~ 

Now it the decomposition of the hydrogen peroxide is a 

a monomolecular reaction, t}\en log ti=ij = kt, where a i~ t~e initial -
concentration, (a-x) the concentration after Ln amount ~ has de-

composed, ! is the ti~e sinee the beginnine or the reaction, and 

k is the value or the velocity constant. In these calculations k is -
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evaluated on the b2~sis or com.~on logarithms. 

~hen log(a-x) is plotted again0t the time the value of k -
may ~e obtained from the slope of the curve. In Pigure III several 

s~ch curves have been drawn. The curve marked lC1 HCl is plotted 

from the data ot Table III and eorresponds to the experiment A and A', 

aJ_ready described. The curve l'!larked r:1. and 8~ HCl ''ere obtained in 

a sir.ilar manner trom the Curves B, and C, in Pieure II respectively. 

The acid concentrations are indicF:ted on the curves, the initial 

concentration of the peroxide ~'eine 33.0% in eac~1 case. 

It will ·,e seen from Figure III that where the concentration 

of the acid is low a straight line is obtained froM the very first 

and that tl:ia reaction is therefore a monoi!loleculc-:,r one. No chlorine 

was given ott in these reactions where 2. straight line was o~)t<::ined. 

But where the acid concentration was higher a stra1eht line was not 

obtained until the reaction had ~roceeded tor some time when it also 

bsenMe mono~olecular. In the latter experiMents chlorine was given 

ott as seen in the analysis or the ~xper1Ment A and A'. The ~eriod 

durinc: which the oxidation of the \ydrochloric ncid trkes place 

nay 'he seen from the c:1ange in the slope or the curve. All the re-

actions nre therefore nono~olecular after the concentration or the 

peroxide has fallen to the point where no chlorine is given otf, i.e., 

below the critical concentration. Above the critical a monomoleeul~r 

reaction does not take place until by the oxidation of the hydro-

chJ.oric acid and the decomposition of the hydrogen peroxide the 

concentration falls to the eriticaJ toftCtnt~~ft or below it. ~he de-



composition then proceeds as a monomolecular reaction, the value 

for k re~aining the same until the reaction has gone to completion. 

Bray and Livingston (loc. cit.) Mention in their in-

vestigation of the cr,talysis of hydro~1romic ncid that the velocity 

d(HsOa) 
constant ~ in the rate equation dt = ~(H2o2 ) only remained 

constant after the steady state corresponding to their outline of the 

Mechanism or 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 t'~e curve (5~HC1) shows no variation 

in ~. Only those curves above t •,e critical concentration show a 

variation, and here only during the time chlorine is given ot!, during 

which the value ot k 4acreases. It Dray ·and Livingston's explanation 

or the MeC}lanisM is the correct one, then the steady state is 

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

case ot hydrobromic acid. ~his ~1uestion or the steadl state will be 

taken up later. 

From the curves or Figure III it may also be seen that the 

rate or decomposition and the value for the velocity constant ~~ 

depends only upon the concentration of the acid and not upon that 

ot the hydrogen peroxide, ~lroviding the concentrations lie below 

the critical value. A nuMber of values for ! corresponding to dif-

ferent strengths of acid are 2iven in !able IV. In this table k 

was evaluated only after the curves similar to those in Figure III, 

had become straight lines and the reaction truly monomolecular. 

T~te concentrations of hydrochloric acid are calculated in gram 



~olecules per litre on the basis or 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 s~all. This is due to the tact that each gram of per­

oxide decomposing gives 0.53 g. of water, and the density of the 

peroxide solution is greater than that of an equivalent weight of 

water. Where 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 hGd gone 

to completion. 
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Table IV. 

Value of the Velocity Constant k for Different -
Concentrations of Hydrochloric Acid. 

Cone. HCl. 
Hol./litre. 

4.48 
4.15 
3.42 
3.22 
3.15 
3.04 
2.72 
2.21 
2.02 
1.87 
1.45 
1.16 
1.09 

.979 

.866 

.633 

.509 

.310 

4 
K xlO -
15.1C 
t4.C'O 
9.0 
8.12 
8.20 
6.68 
5.34 
3.65 
3.50 
3.08 
2.33 
1.65 
1.70 
1.70 
1.47 
1.00 
.ss 
.65 

Cone. HCl (Undissod'd) 
Mol./litre. 

1.62 
1.47 
1.39 
1.34 
1.11 

.78 

.67 

.59 

.38 

.27 

.24 

.20 

.16 

.10 

.073 

.035 

The d~ta of the first two colu~ns of the preceeding table 

are represented eraphically in Pigure IV. The last column will be 

referred to later. 
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The concentrations at which 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 ~iven otf as was indicated by 

the liberation of iodine in the potassium iodide tubes. As an extrene 

exanp!e of this type one • experiment may be mentioned in which 

B.C98 grams of 84.0% peroxide solution were mixed with 2.515 grams 

of 3?.c- hydrochloric_ acid in the reaction flask. The rate of re­

action was too fast to be deternined by the method described but it 

wa0 found tbat an amount of chlorine corresponding to 57.2 per cent 

or 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 potassium iodide tubes remained clear. 

Velocity curves, ~uch as were shown in Figure III, were or 

great assistance in determining these critical concentrations as 

they indicated where the criti~al point would lie, namely, at the 

point where the curve beconea a straight line. 

The critical concentrations are given in Table V, and 

are re~resented graphically in Figure V. The significance ot the 

critical concentrations in relation to the ~echanisn or the reactions 

between the halogen hydrides and hydrogen ~eroxide will be brought 

out in the discussion whieh follows. 



Table V. 

H202. HCl. 

% % 
80.2 0.9 
74.1 1.5 
60.1 3.0 
46.3 5.2 
33.0 a.o 
4.9 14.8 

In order to be able to infer from the expari~ental re-

.sults the r1echanL.::;m of the reaction between hydrochloric acid and 

hydrogen peroxide it is first necessary to recapitulate certain ob-

servations ~hich have been nade. Below what was called the critical 

concentration the velocity of the reaction was found to be a nono-

molecul~r one for any definite concentration of hydrochloric acid. 

Analysis showed that the hydrochloric acid content re~: ined unchanged 

during the whole course of the reaction. Hence, if the hydrochloric 

acid takes a definite part in the reaction a subsequent reaction 

must tal{e placo in which the hydrochlnric acid is reformed. Tho firLt 

point to be decided therefore was whether the primary cause ot the 

reaction between the hydrogen peroxide and hydrochloric acid was 

due to the hydrogen chloride molecules or to the ions into which 

it dissociates. To decide this question a series of experinents we~e 

carried out which will now be described. 



Although hydrogen peroxide 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 -.·")robably due to its action on the glass of 

the containine vessels, to the presence or light, and to the un­

avoidable admixture or minute traces or impurities which found their 

way intc the solution during the course of the experiMents. A blank 

experin-tent '/Tas t~·lerefore first carried out in vrhich the "natural" rate 

of deCOI'!1:!0Sition of the zai!lple of hydrozen peroXide OD hand Vfas de­

terMined at 25°0 and in 3. cJ.ean glass fJ.ask similc..r tc those in w·hich 

ot~er experi~ents rf this type were carried out. The flaDk containing 

a 52.91 solution of hydro~en peroxide was placed in the thermostat 

and sr.I!lples were reMoved for analysis from tir1e to time by ;-r:_eans of 

a pipette. The percentaees obtained froM the analysis were ~lotted 

against tha tine ~vhen the sarr:1le \Vas 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 percent~ges were 

then calculated in terms of the nolecular concentrations and the 

!-curve drawn as described in the previous experiments. The velocity 

constant ~. could then '0e cvaJ.uated from the slope of the curve. 

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

gives the va:!ues obtained for the first tive thousand minutes. 



Table VI. 

Natural Decomposition at 25°. 

Tine. Percent. r1ol. Cone. 
y,,iin. Ha02·2 (a..,x) 

0 52.8 18.76 
100 5a.G 18.64 
500 51.7 18.28 
1000 50.8 17.92 
2000 49.4 17.36 
2500 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, 

a 
log(a-x) = kt, it i3 found that the velocity constant k for the -
natural decoMposition is .00002, practically negligib1e in com-

arison with the high values tor k which are obtained when decem-

position takes place in the presence of even very low concentra~ions 

of hydrochloric acid. 

Two ex·-,9rinents were then carried out in a similar 

nanner in which the effect of the hydrogen-ion content were com-

~ared in tha case of hydrochloric and nitric aeid. In the two 

experiments 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 ~rom R comparison 

or these tvro tables that whereas the reaction was vigorous in the 

.oaset of hydrochloric acid, in the case of nitric acid practically 

~o decomposition took place over a long interval, and in raet, the 



veloe i ty constant ! , · ras found to be lower than that ot the natural 

decomposition, in other ·,rords the nitric acid acted as a stabilizer 

and inhibited the spontaneous decomposition ot 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. H202 Cone. 
Mol./liter. 

tlf• % (a-x) L·iln. 

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 43.95 15.12 
700 43.80 15.06 

k = .000015 

Table VIII. 

Decomposition Caused by 1.463 Hydroeloric Acid. 

Time. H202 Cone. 
''i % Mol./litar. £: n. 

c 44.75 15.42 
50 42.90 14.70 

lOO 41.45 14.10 
200 39.88 13.58 
300 36.45 12.17 
400 34.40 11.40 
500 32.75 10.76 
600 31.25 10.18 
700 29.90 9.70 

k :: .00029 



A solution of potassium chloride and hydrogen peroxide 

was prepared similar to the nitric acid solution discussed. Here 

again the decomposition observed was neglieihle as may be seen from 

Table IX where the data of this experiment ~e tabulated. 

Table IX. 

Decomposition Caused by 3.50% Potassium Chloride. 

Ti!'le. Percent Cone. 
Min. H202 Mol./liter. 

0 47.1 15.40 
200 46.7 16.83 
400 46.1 16.00 
soo 45.1 15.60 

1200 44.2 15.22 
1600 43.2 14.82 
2000 42.3 14.46 
2400 41.4 14.09 

k .-- .000028 

It Nill ~e noticed from the value tor k in Table IX that -
the rate ot deCoMposition in neutral potassiu~ chloride solution is 

slightly greater than the natural rate er decomposition. The sig-

nificanca or this fact is brought out in the discussion of the 

effect of hydrogen chloride Molecules on the rat~ of decomposition 

of hydrogen ':eroxide. 

A solution of hydrochloric acid c~nd h::<"d.rosen ~eroxide 

wontaining the same concentration of chlorine-ion as that of the 

potassium chloride experiment described was made up, and the rate 

ot reaction determined. The v~lue tor ~ was round to be .0001?0, 

over six times that of the neutral potassium chloride solution. 

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



It was evident that the hydro~en-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 undissocia.ted hydrogen 

chloride ~olecules playir.g a part in the reaction. This was brought 

out further by a final experiment of the ty~e just described. 

Potassium c~loride was added to the nitric ncid hydrogen 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. 

Tir~e. Percent. Cone. 
!:tin. H202. Mol./liter. 

,....., 40.85 13.51 •·' 

60 39.9 13.31 
lOO 39.4 13.1 
200 38.3 12.7 
300 57.2 12.3 
400 36.1 11.9 
500 35.2 11.5 

1000 30.8 9.9 

k = .00013 -
By comparison ~ith ~able VII, it is seen that the rate 

of decomposition in~ediately increased on tha addition of the po-

taasiu~ chlorlde to the nitric acid solution, the value for the 

ve~ocity cons-'~a.nt ~· increasing rron .C00015 to .C00130. Further 

evidence is ti1erefore given that the hydrogen chloride molecules 
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t'~rmed in the e'].uilibrium KCl + HN03 ~ KN03 + HCl, play a part in 

the reaction. To investigate this possibility the variation ot the 

velocity constant of the hydrogen peroxide decomposition with the 

hydrochloric acid concentration was examined. 

~he curve, Figure 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 constant and the undissociated ~oleeules 

alone. The values for undissociated hydrogen chloride concentrations 

in Moles per liter are given in the last colUMn of Table IV. The 

calculation or the latter was based on the ionization calculated 
1) !t) 

from conductivity data. Lewis has drawn attention to the error 

involved in such a calculation due to the change or ionic mobility 

with concentration, stating that a possible dehydration or the ions 

would increase their mobility. Others have suggested a decrease in 

ionie ~obility with concentration due to increased viscosity. 

Hence, it is not possible to esti~ate accurately the error involved 

in the calculation or the amount or dissociation from molecular 

conductivities, but it may be pointed out that the ionizations 

calculated in this way nay be fairly correct relative to.one 

another at the lower concentrations. 

- ~ - ~ - - ~ ~ ~ - ~ - - --- - - - - ~ - - - ~ ~ - - ~ - ~ - - -
1) 

Kohlrausch, (Landolt, B~rnstein, Roth. •Tabellen•.) 

~)Lewis, Journal Am. Chem. Soc. 34, 1631 (1912) 



It will b3 ob~erved, Figure IV, that at the lower con-

centration th~ curve is clearly a straight line. Within the experi-

mental error involved in the determination or the velocity constant, 

and that invo~ved 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 or the undissociated 

hydrogen chloride mo1ecules and the hydroeen peroxide. The following 

speculation is put forward as a tentative explanation. The hydrogen 

chloride Molecule combines with the hydrogen peroxide to form a 

complex si~ilar to a hydrate or oxonium compound; 

+ HCl • • • • • • • • • • • • • • (1) 

This is followed by the reactions, 

HO Cl + HCl ~ )' Cl 
2 

+ HOCl ••••• (a) 

+ ~~ao .............. ( 4) 

Reactions (3) and (4) are well known ones; reaction (2) is 

analagous to the action of ethylene oxide and hydrogen chloride!) 

In reaction (1) the velocity is proportional to the 

product of the concentrations of undissociated hydrogen chloride and 

hydrogen peroxide. In the subsequent reactions the hydrogen chloride 

is reto~ed. Hence, the velocity constant of tha rate of decomposition 

_. ...... - - - - - -- ... - - -- ... - - - - ...... - - ..... - - ~ - ...... -- - - - -
l) Maass and Boomer, Jour. Am. Chem. Soc., 44, 1724 (1922) 



ot the peroxide remains unchan~ed after a certain amount of hydrogen 

chloride has been added, all of which is in agreenent with the ex-

periMental results. 

Equation (1) is probably an equilibrium. The concentration 

of the complex H2o2 .HC1 is then proportional to the product ot 

the concentrations of H2o2 and HCl. Either or the steps in reaction 

(2) may be regarded as the rate determining step, the reaction rates 

ot (1) and (2) being relatively great. It will be noticed that the 

equilibrium in reaction (4) will not apprecia.bly affect the re-

sultant reactions or the first t2rea, viz., 

2H2o2 = 2H20 + 02 

and therefore reaction (4) will not aftect the steady stat:> if 
d(IL 0-) 

thi3 is Meant to refer to "~~ = k. To repeat, the velocity 
dt -

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 ot chlorine. 

The rate at ~hich hypochlorous acid ia formed depends upon 

the concentration of the hydrogen chloride or hydroeen peroxide 

so that with a constant concentration of either one, by increasing 

the concentration or the other the rate of production of hypo-

chlorous acid becomes such that the equilibrium in reaction (4) is 

shifted to the right to an extent that appreciable amounts 

- - - - ~ - ~ - ~ - ~ ~ ~ - - ~ - - ~ - ~ - ~ ~ - - - - - - - - - -
~) 

Vide, page !,o 

, 



or chlorine are fo~ad. From the critical curve, Pigure V, it is 

seen that an increase in concentration of hydrochloric acid has 

apparently a greater effect in the production ot chlorine than an 

increase in the concentration of peroxide. This is not quite in 

aereenent with what :1a& just been said, but chlorine is less soluble 
1) 

in hydrogen ~eroxide than in water and may therefore be ~ore easily 

swept out by the liberated oxygen out of the ~ore concentrated per-

oxide solutions. 

Further evidence in favor of t ,}e views set torth above 

was given by experi~ents in which nitric acid was added to an 

a1ueous s0lution or hydrogen chloride and hydrogen peroxide. The 

initial concentrations were H2o2, 36.48%, HCl, 4.21~, RI03, 4.96%. 

Table XI gives the results obtained by analysis. 

Table XI. 

Decomposition Caused by 4.21% HOl and 4.96% HN0
3

• 

Time. Pero~nt. Cone. 
Hin. HaOa· Uol/litar. 

20 36.48 12.16 
20 36.20 12.08 
33 35.56 11.82 
84 34.43 11.40 

150 33.27 10.96 
290 30.70 9.96 
455 28.1.3 9.05 

! x1c
4 

::: 2.76 

~ ~ ~ - - - ~ -- - - - - - ~ - ~ - ~ - ~ ~ ~ - - ~ - - - ~ - ~ - -
1) Haass and Hatcher, J.A.c.s., 44, 2472 (1922) 



It has been shown that nitric acid does not attect the 

rate or 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 

ot 2.41%, (1.15 Mols. per liter) when added alone is seen from 

Pigure IV to be 1.65. But th~ v~locity constant of decomposition 

of the above ~entioned mixture or the two acids was considerably 

greater than that which would correspond to the hydrochloric acid 

content. This was to be expected as the addition of hydrogen-ion 

will affect the dissociation or tbe hydrochloric acid giving rise 

to a larger number of undissociated hydrogen chloride molecules, 

so that if the rate or deconposition 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 tb.e ~upposed molecular conp1ex. Assuming that similar conplexes 

are ro~ed between hydrogen peroxide and other acids, then fro~ the 

enerey ch~nges involved it can be readily shown that a complex with 

hydrogen fluoride would not break up~ whereas one formed between 

hydrosen peroxide and hydrogen bronide would break up far More 

readily than the one ·yith hydrogen chloride. 

An experir.G ·· t was carried out in which an aqueous so­

lution was made containing 56.0% H
2
o

2
, and 13.0% HP. This was kept 

in a paraffin lined flask and placed in the thermostat. Sanples 

removed tor v.nalysis trom tine to time gave results shown in 

Table XII. 



Table XII. 

Decomposition Caused by 13.C% Hydrofluoric Acid. 

~ime. 

Rours. 

c 
20 
64 

48.63 
48.53 
48.42 

k .X10
4 = .005 -

Concentration. 
Mol. /lit er. 

17.02 
16.98 
16.92 

It is seen at once that the stability of the hydrogen 

~eroxide solution iD ~uch increased by the presence of hydrofluoric 

acid. The vnlue of k is a tentative one, the decomposition rate 

being so slow that although the analysis was continued for several 

days, k could not be ~easured with any great degree of acenracy, 

although r sil'!lilar solution of peroxide with hydrochloric instead 

of hydrofluoric acid would hr.ve reacted with almost explosive violence. 

~~ 



III. 

Ex~eriMents were carried out with hydrobromic acid, the 

experimental ~ethods used being the same as those described with 

hydrochloric acid. Due to the nuch greater velocity of reaction the 

ex~erimental results could not b~ determined ~.,1 th the sane degree 

or nccur~4cy since only small l"'}uantlties of hydrobromic acid could 

:,e ?:lded. At Y"l~dium concentrations bromine was liberated so vigorously 

that no experiMents could he carried out at high concentrations. 

T'1a liberated oxygen sweeps out the bromine thus alterine the com­

rosition of the reaction mixture with regard to the hydrobromic neid 

contgnt. In Table XIII is Given a sample of the data obtained in 

a !'i?..nner s i!"lilr r to that ds::;;cribed in the case of hydrochloric 

acid, and nnalagous to Tabl9s II and III. The data of Table XIII 

~rapresented graphically in Figure II, Curve D. The data tor a 

nuM~er of other experiments using different concentrations of hydro­

gen peroxid9 C1.nd h:.rdrobromic acid are to be found in the appendix. 



Temp. 

•c 
20.4 
2C'.4 
20.4 
20.4 
20.6 
20.8 
20.8 
19.6 
19.0 
20.0 

Time. 

Min. 
0 
50 

100 
150 
200 
250 
Y)O 
350 
400 
450 
500 

Table XIII. 

Decomposition Caused by 1.48% Hydrobromic Acid. 
Initial Concentration, 19.82% Hydrogen Peroxide. 

Volume 0 Stop 
colleete~. w·atch. 

Cc. Min. 
25.1 14.73 
25.9 10.47 
25.1 10.08 
25.1 1o.1a 
25.0 10.60 
25.0 10.86 
25.0 11.66 
25.8 13.56 
25.6 18.32 
25.1 20.C6 

Baronet er; 756,0 Y"'l.Mo 

R 0 ~02 dec~m~'d. ""~ercent. 

Grn. % 
19.82 

.2915 18.67 

.6040 17.44 

.8822 16.32 
1.1347 15.31 
1.3675 14.35 
1.5800 13.48 
1.7745 12.69 
1.9550 11.91 
2.1210 1C.96 
2.2757 10.55 

Time 
from zero. 

Hin. 
7.4 

21.7 
34.0 
45.0 
55·.3 
67.9 

101.3 
156.7 
332.6 
403.C 

~~ao2 
cone. 

Mol/1. 
8.20 
5.83 
5.42 
5.07 
4.72 
4.40 
4.12 
3.84 
3.61 
3.32 
3.20 

H2o2 deeomp'g 
per rn.inute. 

Grm. 
.0047 
.0068 
.0068 
.0067 
.0065 
.0063 
.0059 
.0053 
.0039 
.0034 

Log(a-x). 

70,.,4 
I VI-J 

.6757 

.7340 

.7050 

.6739 

.6435 

.6147 

.5843 

.5575 

.5211 

.5051 

HBr oxidised; .0083 g., i.e., 2.4%. 

k xlo4 • _ , e.o 

Concentration HBr at the end of the reaction .2014 l.~ol./liter. 



The values for ~ corresponding to different concentrations 

or hydrobromic acid ars given in Table XIV. This table is analogous 

to Table IV where hydrochloric acid \Vas er1ployed, and is re-

presented graphically on the sarne figure, Figure IV. 

Table XIV. 

Vr.lue of ·:~he Velocity Const2nt, !• for Different 

Concentrations of Hydrobromic Acid. 

Conc'n HBr, 
0-!oles/li ter) 

.256 

.201 

.139 

.125 

.117 

6.74 
G.oc 
3.20 
1.50 
2.16 

~he critical concentrations could not be deternined in 

the sar:e ~.'fay as was done with h}tdrochloric acid, because in every 

ease traces or bro~ine found their way into the potassiun iodide 

solution. The atte~pt was made to obtain a curve analogous to the 

critipal concentration curve ot hydrochloric acid by measuring the 

Minimum concentration or hydrobromic acid which, for a given 

concentration of hydrogen peroxide, would produce an appreciable 

coloration due to liberated bromine 'Yithin an hour. The experiments 

~.rere carried out under the sane conditions of teMperature as in 

the case of hydrochloric acid. At concentrations or two percent of 

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



definite as at the higher concentrations, the tiMe factor being 

considerably longer than one hour. Table XV gives the vr.lues obtQined. 

This tahle does not give the critical concentrations as arbitrarily 

detined in the case or hydrochloric ~cid, but, as was pointed out 

above. analogous values. The analogy is emphasised in Figure V where 

these values are depicted aloag wit~ the critical concentrations 

1 ot hydrochloric acid. The abcissa or the HBr curve are I".·' of those 

or the HCl curve. 

Table XV. 

Concentrations of H2c2 and RBr Analogou~ to Critical Concentrations. 

H,o,. HBr. 
~%/.# % 

60t4 0.17 
48.3 0.35 
33.3 C.52 
19.0 0.75 
12.3 c.9o 
e.a 1.00 
2.0 1.10 
0.5 1.15 

The net hod of nsasurin;~ tho rate of decomposition for 

snall cnncentraticns of hydrobromic acid by means or the evolved 

gas does not ~ive results that are as consistent a~ those obtained 

where hydrochloric acid ,.,as :1sad. The few vr.lue0 obtained by the 

author aro however in eood aereenent with thosa obteined by (}n.other 

Method by Bray and JJ i v inest. on, taking into account that the v sloe i ty 

constants here given hnve to be multiplied by 2.5 to be compared 

with theirs which vrere oalculat:-::d on t~1c bnsis of natural lo~arithms. 



The curve for hydrobromic acid, Figure IV, shows how 

greatly t~13 velocity constant is affectad by a slight variation in 

the concentration of tlle hydrobromic acid as compared to the change 

caused by a corresponding variation in the concentration ot hydro-

chloric acid. Although the saMe apparatus was used as in the case 

of the latter acid and the concentrations ~ade up in the saMe way, 

the degree of accuracy was Pot sufficient tor the large ehaages 

caused by small amounts of hydrobromic acid. The errors involved are 

c0~nected wit'-· the estabJis~'~--:ent of the hydrobromic acid concen-

trC'.tion and not vrith the constant ~, which was determined accurately. 

Thi3 was shown by the fact that the points giving the relation between 

time and weight or hydroeen peroxide decomposed tell upon a strright 

line. One fact was established, naMely, that the velocity constant 

did not 2lter appreciably after the first thirty minutes, that is, 

k was coastant lon~ before the "steady state• as measured by Bray 

and Livingston by the rise in bromine concentration had been reached. 

~he dehydrolysis in the bromine hydrolysis equilibrium 
1) 

~ay trke some time to be established. As was pointed out in the 

ca~e of hydrochloric acid, reaction (4) may not aft"eet the velocity 

constant di~=O~) appreciably except at very low concentrations of 
dt 

of hydrogen peroxide. Taking the values obtained by Bray and 

------------ ~ ~ - ~ - - - ~ - -~- - - - ~ - - ~ 

~ That ti~e ~ay be required to reach hydrolysis equilibrium has been 
found in some cases, e.g., Arrhenius, Zeit. phys. Char1., 13, 407 (19CO) 
and, Shae!fer and Jones, Am. Chem. Jour., 49, 240 (1913). 
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Livingsto;) for the rate of decomposition of hydrogen peroxide 

in the presence of hydrobromic acid, and calculating the concentration 

of hytiroeen bromide Molgcules from conductivity datf~ the curve 

shc·vn. in Picure VII i0 obtained. It t!J.ay ba seen that a straight 

line repra~eats the relation between concentration and the rate of 

decomposition. 

It has alreadJ been pointed out that if the rate of decom-

:-losition is dependent on t\e concentration of the undissoeia.ted acid 

r-~oJeculas, then tl1e rata should be increased by the addition of a 

substance whic11 ~rill tend to dacraa~e the dissociation or the halogen 

hyd.rine. ~h3 a~tion of the hydrogen-1-:·,n hi·,,;:> alrefidy been described 

in the ca.:;e of h~rdroc::tloric ucid. !. nur"'.ber of similr;.r experiments 

war.3 carri :?.c~ c,ut ;:rit.~ h~rdrohronic acid of vthich a few examples ~Nill 

no·.·r be given. It has jJ~t ";Jaen pointed out that an increase in the 

concentraticn of hydrobromic (·,.cid when a fixed concentration of 

hydrocen peroxide is used, produc~s a definite color due to the 

fon1ation of bronine. Thus, a 5~ solution of hydroeen peroxide be-

caMe Jefinitely colored w·hen t~1.e concentration of the hydrobromic 

acid was increased from 0.95% to 1.101. A 5% peroxide solution con-

taining C .66% HBr r.vas coJ c·rJess .• Solutions were r:o.de up having the 

lntt~r concentration of hydrobromic acid and at the ~-ame time havine 

varying am·:·;unts or hydrocl·.lcric acid, sulphuric acid, and potassium 

.- - - - .-~-------------
_._. ..... _ .... _._._ --- - _. - -

l) 
~ri='.y and JJivingston, J.A.c.s .• Table II. page 2051, 45, (1923) 

~) ( •Tabe1len 11
, 

• Roth.) nstwald, Landol:t, Bornatein, 



~romide respectively. Table XVI shows the minimum concentrations 

~ 
of the-sa c·J'~8t.r.r:ccs vrhich ~~~rere found. ~ just cause bromine coloration 

.\ 

to appear. 

Table XVI. 

"Critical" Concentrations of Hydrobrnm.ic Acid with HCl, KBr, etc. 

H202, 5.0%; HBr, 0.66~; HCl, 0.91%. 

.. 5.01 .. 0.66% HaSo4, 1.82% 

tl 5.0%, " r.66% KBr, 1.95%. 

.. 23.8%, " C.46% HCl, 0.18% • 

(It '.V'i11 he noticed hy cn,..,..t['Rrison with the values for hydro-

ehloric acid that o.91%HC1 and C.18~ HCl are far below the critical 

concentration~ for this acid se that ne appreciable decomposition 

is CRused by the concentrations of hydrochloric acid listed in 

Tahle XVI). 

nrol'!line coloration, rccordine to the mechanism put forward 

rbove, TJeans that the rate of forr:ation of hypobronous acid has 

just been reached vrhich will causa a ,·.;r·ec !able amounts of bromine 

to f0rm. A solution containing 0.66% HEr and o.nl% HCl has a com-

bined content of C' .33 gra~1 nolecules or acid. Taking the degree of 

ionization or t:te hydrobromic nnd hydrochloric ncids to be the same 

this corresponds to a concentration having an ionization of 88.1%, 

so that the concentration of the undissociated hydrogen bro~ide 

nolocules hatJ been chrnged from .OC56 tp .OlC mol3s per liter. The 

critical con~ent:ration 0f hy-dro~ro!'lic acid 13 1.05~ ~Ihen the con-



centration of the peroxide is 5.C%, (See Table XV), which cor-

res~ondn to .rll ~ales p3r lit9r or undissociated hydrogen bromide 

moleculJu. The addition of the hydrochloric acid has therefore in-

craasGd the concentration of the hydrogen brol!lide nolecules to the 

critical value. As seen from Table XVI, 1.82% sulphuric ncid has 

the same affect as ~.911 hydrochloric acid. These percentages ot 

c~cid correspond to 'J.'S? and C.25 moles pGr liter respectively.on the 

basis of co~plete dissociation. The difference in value between the 

sulphliric rnd hydrochloric acid is in agreement with the idea set 

forth, for it is well knc~n that sulphuric acid is dissc~iated to 

a Muc..h sr'lf'.J ler extent than hydrochloric, and therefore the true 

hJdroeen ion concentration, and connequently the increase in the 

undicsociated hydrogen bromide molecules is less in the presence or 

t:1e sulphuric than in the presence or an equimolecular ~uantity of 

hydrochloric acid. Hence, the sMaJ1er c~fect of the sulphuric acid 

on th3 rate of decompositi0n is accounted for. 

Finally th.:· addition of the bromine-ion should ca.use an 

incroa~e in the undissociated molecules, and this is plainly shown 

,;:r the fact that the addition of potassium bronide gave the critical 

&t 
coloration of bromine to the hydrogen bromide h,l~ogen peroxide 

mixture, whereas a nuch higher concentration of potassium bromide 

alone Pave no affect ~hatever. 
~ 

Before concluding this section it may he worth while de-

scribing ong more experi':"l8J.1t in \~rhich chlorine was passed into a 



43.0% solution of hydro~en peroxide. The mixture was pl~ced in the 

thermostat and samples removed rrom time to time were analysed tor 

acid and peroxide content. Within an hour the chlorine ha~ dis-

appeared and the acid value remained constant thereafter. Table XVII 

gives the values found. 

Table XVII. 

Decom?osition Caused by Chlorine. 

Time. Percent. lv!ol. Cone. 
Bin. HI02. llol./liter. 

lOO 43.7 14.90 
100 42.G 14.77 
200 41.5 14.26 
3C'C 40.4 13.77 
500 38.4 12.75 
700 36.7 12.15 

1000 34.3 11.25 
2000 29.3 9.05 

k x1o
4 = 1.30 -

Acid Concentration after one hour corresponded to 3.65% HCl. 

Acid Concentration at the end or the rea.ction corresponded 

to 1.aa moles per liter of hydrochloric aeid. 

The rate or decomposition or the hydrogen peroxide cor-

responded to the rate for a hydroehloric c·cid so1utioa havinr: the 
.. 

acid value found. This is in agreenent with reactions (1) to (4) 

outlined in the precaeding which c..re based on the aoaumption t\at 

hypochlorous acid is tha inte~ediate compound. Since the hydrolysis 

constant or bromine is so very much lower than that of chlorine, 



it follo~s that the critical concentrations or hydrobromic ccid, 

that is, the concentrations at ~hich bromine is visibly liberated, 

are very much lo\fer than the critical concentrations for hydro-

chloric acid. 

Bray and Livingston mnke use of tha activity coetricient 

for hydrobromic acid in t~s ralationship; 

:: 

where ~ i~ a constant, and YHBr is the activity coefficient or 

hydrobromic acid. They did not test this equ&tion at ionic strengths 

higher than 0.25 because of lack ~r ~ctivity data. In the case ot 

hydrochloric ~cid where tha activity data have been accurately da-
1) 

termined E. ;:;imi1P.r rel2.tionship doos not hold at any concentration 

as measured by the author. 

A final w·ord may be s&i,~ '.-.-ith raga.rd to tha use of 

conductivity data for the calcu~ation of the undissociated molecules. 

The author realizes that an uncertainty exists as to the soundness 

of this nethod in giving absolute values, but considers that it 

May be the best means available at present for neasuring the 

undissociated halogen hydride concentrations. The term, "undissociated 

halogen hydride concentration" iG considered by some investigators 

as unjustifiable. The te~ nay ~3 replaced by that or "ions within 

the sp~ere r·.f their ~~ltual attraction" as has been suggested by 

- ... ~-...-- -- - - ~ ~ - #~ - - - - ~ ~ - - -

____ ... ____ _ 

1) I.ewts and Randall, "THERMODYNAHICS", MoG~aw-Hill Book Co., 

page, 335, Edition 1923. 



others. If this is done, then the forMation of the complex 

H202.HCl May ~o looked upon as depending on the concentration ot 

t~e hydrogen peroxide ~olecules and the concentration of those 

pairs or hy,1rogen and chlorine ions 'fhich are •within the sphere 

of their Mutual attraction.• 



IV. 

It hns been oho~n that ~ith the exception of hydrofluor1c 

acid, whieh acts as a stabilizer, halogen bydridea cause the d.-. 

compoait1on ot hydrogen peroxide under all conditions. Below certain 

critical concentrations the reaction is m.onoeolecular and no halogen 

ia set trea. AboYa certain critical concentrations of either the 

hydrogen ~aroxide or the halogen hydride, tha latter 1a itself 

oxidized. These critical concentrations increase 1n the order, 

hJdrogen iodide, ~rOAide, chloride, tluor1de. 

~he velocity or reaction over a wide range ot concen-

trations has been studied tor the case or hydrochloric acid, an« it 

hau been ~hown that the velocity coett1cient is proportioaal to 

(1 - ol.) times the acid concontratioa, where Cl( is the dissociat1oa 

calculated fron electrical conductivities. It has also been shown 

that neither hydrogen-ion nor chlorine-ion cause the decompouitioa 

ot hydroeen peroxide. Hence it hna been auggeated that the mechanism 

ot the reaction ia nu follows: 

H2o8 + HCl {undissociated) ~ t Ha01 .HOl 

a2o2 • HOl --+ H8o-<>H --t flaO + U0£1 
Cl 

HOCl + H203 ~ MaO + Oa + RCl 

8001 + HCl - Cla + ReO 



Similar experiments were carried out with hydrobromic 

acid, analogous results were obtained and the same eJq_;lanat1on was 

advanced. The rates or reaction were round to be considerably greater 

than in the case of hydrochloric ccid. and the critical concen­

.trations were round to be low·er du·~ to the greater rate ot reaction 

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

c~orine. The reactions ~ere round to be of the sa~a general character 

as those with hydrochloric acid. 

The decomposition of the hydrogen p9roxide by the halogens 

is due to th~ hydrolysis or th~ latter. forning oxy-acids which de­

compose the h.;·drogen peroxide and yield the halogen hydride. 



SECTIOf~ II. 

PHYSICAL PROPERTIES OF PURE HYD.ROGBN PEROXID£;,_ 



It was pointed out in the first section of this thesis 

that Most of the physical constants of hydrogen peroxide have under-

gone a revision within the last few years; t' e determination of the 

physical properties has been hampered by the difficulty of obtaining 

pure hydrogen ,eroxide in sufficient quantities. In the case of 

certain physical constants the investigations have been attended 

with paculiar difficulties owing to the unstable nature of hydrogen 

peroxide itself. This is ~articularly so in the deterMination of 

such properties as vapor ::ressure.s, conductivities, etc., which in-

volve the use ot ~ercur; Manoneters and metallic electrodes since the 

hydrogen ~eroxide is innediately deco~posed when brought in contact 

with a metal. The data have therefore been meag~e and unreliable. 

Por example, only two vapor pressures for hydrogen peroxide have 

hitherto been deterMined; one by Wolftenstein1) at sixty five degrees, 

and another by Brfth12) at eighty five degrees. In both cases the 

accuracy of the values published has been open to 1uestion. The 

vapor density, on the other hand, has never been deter~ined. 

The deternination of the vapor pressures and the vapor density 

is or conciderable importance. By Means of the vapor density the 

~robl3~ as to the molecular agzregation of gaseous hydrogen per-

- ~ - - --- - ~ ~ ~ ~ - ~ - ~ ~ - - ~ ~ - ~ - - ~ - - - ~ - ~ 

1) 
Wolftenstein, Ber. deut. chem. Ges., 27, 3307, (1894). 

2) • Bruhl, Ber. deut. chem. Ges., 28, 2847 ( 1895). 



oxide may be settled which in turn mr.y throw light upon its con­

stitutional formula. Furthermore, from an accurate knowledge of the 

vapor pressures over a large te~perature range valuable information 

may be derived, such ~s the boiling point, the latent heat of 

evaporation, the critical temperature, and the value or ~routon's 
Constant. Even trom the MCG~re data or Wolffenstein and BrUhl, Lewis 

and Randall have made important thernodynamie deductions. This section 

therefore deals with the determinntion of the vapor pressures and 

t\e vapor density. 

The difficulties to be overcome in the deterMin2tion or 

the vapor pressure of hydrogen peroxide were those which have already 

bean mentioned, namely, that hydroeen ?eroxide could not be brought 

in contact with mercury owing to the fact that Mercury brings about 

its immediate decomposition. A nercury manoMeter could therefore not 

be used directly. Nor was it practicable to use a sulphuric acid 

~anoneter owing to the solubility or hydrogen peroxide in sulphuric 

acid <.nd subsequent decomposition. Furthermore, on account or the 

ln~·r vnpor 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. 

T'1is apparatus r.akes use of an oxygen screen between the peroxide 

and a mercury ManoTTleter, the o·xygen being supplied by the h;.rdrogen 

peroxide vapor itself. 
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A diagran of the apparatus used is shown in Pigure VIII. 

The flask, A, or i:·;bout 150 ce. capacity was sealed b~r l!leans of a side 

tube to a tube, B, containing granular manganese dioxide. This in 

turn was sealed to two drying tubes, 0, and D, containing calci~ 

chloride and phosphorus pentoxide respectively. From these a tube 

led to the nanometer and a T-tube to a large sulphuric acid vacuum 

pump,l) both tubes beine provided with taps E, 2nd F, as shown in the 

diagra~. The flask, A, was fitted with an extra side tube for in-

troducinz the peroxide , and with a magnetic stirrer, 1RJ, as shown. 

The long ngck of the flask whic~ was necessa~J to perMit of the 

stirring rod was covered with a layer of asbestos as was also the 

tube containing the manganese dioxide. Around the asbestos was wound 

nichroM~ wire leading fro~ the naek or the flask and around the 

mangan~se dioxide tube as s~own; both could then be heated by an 

electric current through the wire. The wire was surrounded with an 

another layer of asbestos, both lc.yers 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 or temperature between the hot wire 

and the comparatively cool water of the thermostat. The neck of the 

flask and the side ar~ of the Manganese dioxide tube were wired as 

described to within e quarter of an inch of the surface of the water. 

The side arns of the f'l·, sk were well undez1w'ater so that conden-

-------------
_ _. _____ ....., ___ ...._ _______ __ 

1) o. Maass, Jour. Am. Chem. Soc., 42, 2570, (1920) 



sation in any part of the flask was prevented when a current was 

sent through the wire. 

A preliminary experiment in which a receiving tlask and con­

denser were substituted fo~ the drying tubes showed that when a 

current was passed through the niehrome wire and hydroeen ~eroxide 

distilled in the tlask under vacuum, no trace ot the hydrogen per­

oxide passed throueh the ~anganese dioxide tube into the receiving 

flask. The manoneter was carefully calibrated. the limit of error 

beine C.l mm., and the systen was tested for defects. It was found 

that t!:ie vacuun pur:tp maintr. ined 2 constant pressure of c .2 mm. THhen 

the a-~paratus ~1as dry. 

About twenty grams or pure hydrogen p?roxide analysing 

90.98 ~ n2o2 , were introduced into the flask, A, t~·1rough the side 

tube hy means or a capillary pipette extendin~ to the neck of the 

flask. After sealing the tube the therMostat was filled with ice 

water (,nd the systeM exhr,usted. A current ot two to three aMperes 

was sent through the nichrone wire until the manoneter showed that 

no further temperature change was tr.king place. 

It was found that when the tap, F, leading to the vacuum 

pu~p was closed pressure e~uilibriu~ throughout the system was 

established within a tew seconds, the peroxide being Vigorously 

stirred and the stirrer so arranged that it would break right through 

the surface of the liquid peroxide with each stroke. The vapor 

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



tonperatures a correction was necessary which will be discussed 

later. 

netw·een each reading at the different tem':')eratures the 

systeM was exhausted, the hydrogen peroxide boiling vigorously. 

~hen the tap, F, was closed the vapor pressure of the ,eroxide in 

the flask toreed some or the peroxide vapor into the hot manganese 

dioxide tube where it was decomposed into oxygen and water. The 

oxyeen was dried by the calcium chloride and phosphorus pentoxide, 

and thus only dry oxygen was pemitted to come in contact ~-ri th the 

Marcury of the ~ano~eter. 

The temperature changes in the thermostat ·1ere made as 

quickly ts possible, the time elel!lant being a factor of con0iderable 

iMportance for ensuring accuracy b~ preventing any undue decompo­

sition or tte peroxide. A large vacuum tank ot thirty litera capacity 

previously evacuated to C.5rnmm pressure was attached in series be­

tween the a~paratus and the vacuuM pu~p. The system could thus be 

quickly evacuated between each reading. The peroxide was stirred 

constantly by neans ot the magnetic stirrer througho~t the run. The 

the~ostnt was kept con3tant at any te~perature to within 0.1•. 

A sli~ht deco:r'r:o[jition of the peroxide ·oras observed at 

temperatures above 50°, and a £light but steady increase in pressure 

occurred atter equilibriuE had been reached due to the evolutioa of 

oxygen within -.~he :·}eroxide. In order to obtain t e equilibriur: 

pressure at the higher te~peratures a series or readings was ~ade 

at dotinite intervals, depen4ing upon the rate at which the gas was 
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being evolved. These readings, ,:>n being plotted {gainst the time, 

gave a straight line attar equilibrium pressure had been reached. 

By extrapolating the line to zero time, that is, the tima when the 

tap, F, was closed and the stop watch started, the equilibrium 

pressure was obtained. In Table XVIII is given a typical ~eries of 

readines so obtained. Further data of' this nature o.C"~ to be found in 

Appendix B. The data of Table XVIII together with those of several 

other series at different teMperatures are shown graphically in 

Figure IX. 

Table XVIII. 

Manometer Readings at 80.0°0. 

Interval. 

Sec. 
c 
15 
'3C 
45 
60 
9C 
120 
150 

Manometer. (Right A~) 

mm. 
00.0 

102.0 
104.0 
105.0 
105.8 
107.0 
108.0 
109.0 

After the vapor pressure h2d been dete~ined to as high 

a te~perature as was consid~~ed sare, the flask was cooled and 

deterninations were azain nade at lower tenperatures as a check upon 

those previously deternined before the higher tenperatures had been 

reached. The change in vapor pressure due to the decomposition of the 

peroxide was round to be negligible. The ~eroxide 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 trom 

tw0 saMples of peroxide by the method described above are given in 

Table XIX, and are represented gra~hically in Figure X. It will be 

seen that the two sets of values are in close agreement, and that 

alt~.oueh the deterM.inations were madJ with different samples ot per-

oxide the values obtain~d fall upon the same curve. 

Table XIX • 
.. 

Vapor Pressures of Hydrogen Peroxide. 

First (.... 1 .;,)amp eo. Second Sample • 

Tai!lperature. Vapor Pressure. Tempera*vl'e. Va.por Pressure. 

oc mm. •c mm. 
4.5 0.55 

15.0 1.1 
24.2 1.9 23.6 1.8 

29.2 2.6 
35.2 4.4 35.8 4.1 

40.8 6.2 
45.C' 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 70.C 31.1 
75.2 40.1 

ao.o 49.7 
89.1 72.6 

In Table XX, Column I, are eiven a number of values o! 

vapor pressures of hydrogen peroxide taken from the vapor pressure 

curve, Figure X, at temperatures from ten to ninety degrees. In the 

second colunn are ~iven the logarithms ot these vapor pressures. In 

the third column are given the temperatures corresponding to the 
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vapor pressures, and in the fourth column the reciprocals o! these 

tenperatures on the r.bsolute scale. In Figure XI the logaritlws 

or the vapor pressures are plotted against the reciprocals ot the 

absolute tenperatures. 

Table XX. 

P. Log10 P. 
1 

Temp. -!t 
0.9 .0045 10° .003532 
1.1 .0414 15 .003471 
1.5 .1761 20 .003412 
2.') .3010 25 .003355 
2.8 .4472 30 .003299 
4.1 .6128 35 .003246 
5.8 j7634 40 .003194 
8.2 .9138 45 .003144 

10.8 1.0334 50 .C03095 
14.3 1.1553 56 .003048 
18.5 1.2672 60 .003002 
24.1 1.3820 65 .002958 
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 round to be; 

log P = = 2600 + 9.046 
!!! 

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°0 



The equation in tarns or natural logarithns is, 

ln P - - 5987 
- ---- + 20.82 

T 

Since this corres~onds to the theoretical, 

ln P = -L 1 
--. --- + K, R !!! 

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

and Trouton's Constant, L -, 
Tb 

is tound to be 28.21, where Tb is the 

boiling point on the absolute temperature scale. 

A knowledee of the vapor pressures ot a substance makes 

it possible to detemine its vapor densit~r by what is kno;,"n as the 

dynamic method tor determining vapor pressures. This M9thod consists 

of passing a kno~n volu~e ot an inert gas through the liquid at 

constant temperature, the rate or passage of the gas being so re-

eulated as to nake certain that it is saturated with the vapor. 

The inert gas is in turn passed through an absorber which re~~oves 

the vapor, and the amount is estimated by the usual ~ethods ot 

analysis. FroM the volume, temperature, and assuMed density, the 

vapor pressure of the liquid can ba calculated. Conversely, when 

the vapor pressure is kno~"'n the vapor density can be deter~ined. 

A known volume or nitrogen was passed through hylbo~ 

peroxide kept in a thermostat at 50°. The nitrogen was then passed 

through a wash bottle containing ether kept cold at a te~perature 

ot -78°, and then through a seeond wash bottle containing water. 

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

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



hydrogen peroxide absorbed by the ether, the values for the density 

ot hydrogen peroxide vapor were always found to be less than that 

corresponding to the tormula 1 H2o2 • This was due t6 the decompo­

sition or 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-

re~ponds to H2o2 and not to a multiple of this formula. The work on 

v:;ror density is being continued a~.d with a modified apparatus more 

conclu3ive results may be obtained. 

An attempt was made to determine the varor density by the 

Victor IJe,.,-er method since the boiling noint of hydrogen per-oxide is 
V . 

now kno~n. A long cylinder of pyrex ~lass was filled with oil and 

heated electrically to ?. constant temperatu~e at 200°, and. the Victor 

Heyer apparatus insert0d. It was thought thnt the sudrlen Vf\porisation 

of the hydrogen peroxide would take place before decoMposition had 

occurred. It was found that .0248 gr~s of peroxide gave a volume 

of 26.4 cc. at 23° and 744 ~.~. pressure ~ithin half a ninute. This 

gives a molecular weight of 23, corresponding to H20 + 1 0 , a 2 

that is, the hydrogen peroxide had decomposed i~1ediataly so thnt 

this mathod cannot be used. 



CONCLUSION. 

It was pointed out by t!aass and Hatcher1) that certain 

physical properties ot 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 

t· .. ro substances in the liquid state. The value crlculated above for 

Trouton's Constant iz in vary close agreeMent with this. The value 

tor water, 26.2, is exceptionally high, 21 baine the value for all 

unassociated substances. This ~i~ilarity betweGn hydrogen peroxide 

and water ~~kea it possible to calculEte the boiling point, molecular 

latent 1.1~at of evaporation, with a much higher degree of accuracy than 

has been done c;.hove. Thus. \fhan the boiling point of water is cal-

eu1ated from the vapor pressure curve taken over the. same range from 

oo to eco, the boiline point is found to be 08.6°, that is, 1.4° too 

low. It would see2 liksly, therefore, that the boiling point of 

hydrogen paroxide as calculated ~bova is also too low. 

On account of the sinil~rity betwaen hydroeen peroxide 

and ,.,ater it is ·permissible to apply the r,c:thod of Ransay and Young2 ) 

in dete~inine the boiling point: 

.---------
l) Maass nnd Hatc::.er, Jour. Am. CheM. Soc. • 42, 2548, (192C). 

2 ) Ransay nnd Young, Phil Trans., 21, 37 (1886) 

If 



where T1 and T2 are the temperatures ot the ;fa.ter and hyd.rogen per­

oxide respectively at the same pressure. Substituting the temperatures 

at 50 and 760 m.m. pressure, that is ~l = 311.4, !i = ~3.1, 
• T2 ~ 353.9, then T2 in e(~ual to the boilinr. point or hydrogen per-

oxi.de which is found to be 150 .2•c •. This temperature tor the boiling 

point is probably correct to within a rew tenths of one degree and 

may no~ be used tor the calculation of Trouton's Constant and for 

the latent heat or evaporation. 

The molecular latent heat ot evaporation, L, ot hydrogen 

peroxide is given by the expression; 

L 

Substituting the values, T' = 423.3, T == 353.3, p':!: 760, p == 50 1 

R = t.9A. the molecular latentheat of 9Vaporation is tound to be 

ll52C calories. T~e latent heat for one gram is theretore 338.7 calories 

Theae new values give 27.2 tor Trouton's Constant, a value in much 

c!oaer agreement ~~fith that tor water, which is in conformity ·~11th the 

expectations. 

Again, by taking advantaze of t!:1e siMilarity het\'feen by-

drogen peroxide and water it is possible to estinete the critical 

teMperature of hydrogen per0xide trom the boilin~ point of water, 

naMely, ~.58 on the "corresponding teMperature" scale. This gives 

the critical temperature ot hydrogen peroxide as 45e•c. 



The information obtained in thi3 investigation together 

with the data detemined by Maass and na.tcher now e41ables one to 

determine the slope of the univariant systems passing through the 

triple point. This is of interest in cor-Ipr:~ring hy~rogen with w·ater. 

Th? 31o~es or the vapor-solid nnd vapor-liquid curves are given 

by tr~e equation! 

d}2 = -1-p r") 

dT R T·J 

where L st2-nds for the M019C'J}ar latsnt heats of sublimation and 

evn~0r2tion respectively, p and T being th3 pressure and tem-

perature at th9 trip:!_e point. The slope of the solid-liquid system 

is given by 

dp 

dT 

1 
= 

-Where 1 is tha latent heat or tusion, v1 and Ys are the volume of 

one gram liquid and solid respectively. 

Table XXI shows the values calculated in this wa;, the 

symbols V, L, and S, standing for the vapor, liquid, and solid 

phases respectively. 

Table XXI. 

F. P. V.P. L-V. ('" V ...;-- . L-S. 

R203 -1.7° c .305 +.024 +.029 +!52 

H20 o.c 4.58 +.3CO +.345 -131 



p 
/ 

/ 

/ 

L.V. 

/ 
/ 

s.v. 

s.v ~-~-~-~----~~--~L~.v~·--r-------1 
2 2 

T 

Figure XII. 



The accompanying dia~raM, Figure XII, shows the triple 

points in which the liquid-vapor and solid-vapor systems are drawn 

on a d1ffer9nt scale from the liquid-solid systems. The vapor pressure 

of water at its triple point is fifteen times as great as that of 

the hydrogen peroxide, and t~e variation or the vapor rressures 

with the temperature of both solid and liquid phases is about 

twelve ti~es as great. 

The solid-li~uid s~stems slope in opposite directions. 

Hydrogen peroxide differs markedly in this respect from water, and 

undergoes, like the vnst najority of subst~ncas, a decrease in 

volume on solidification. The value obtained for Trouton's Constant, 

quite in agreement wit~ the other physical constants ~hich are 

affected by nolecular association in t~e liquid state, sho~ed that 

hydrogen peroxide and watar in the liquid condition are asscociated 

to the saMe extent. Yet the density curve of liquid hydrogen per­

oxide shows no int~exion corresponding to thnt of water. Since the 

tha association shows that triple hydrogen peroxide molecules 

corresponding to trihydrol exist, t~ese n~ilst have a smaller volume 

than the unassociated peroxi~e molecules T~Ti th ,~rhich they z re in 

equilibrium. It would be of ereat interest to ~ubject hydrogen 

peroxide c~Jstals to X-ray analysis since the infor~ation obtained 

trom such exparirtents taken in conjunction with the f'tlcts J!Ointed 

out above would throw light upon the anomalous beho.viour of w·ater. 



The vapor -,ressure curve of hydrogen peroxide ha.s been 

deter~inod ·yith considerable de~ree of t~,ccuracy. The latent heat 

of evaporation, the boi11ng point, Trcuton's Constant, and the 

critical te~perature of hydroge~ peroxide have been derived. The 

physical properties of hydrogen peroxide and water h~ve b~en compared 

and the imDortance of this connarison ~us been indieat~d. 
~ ~ 

• 



APPENDIX A. 

Experiment 1. 

Initial Concentrations; Haoa, 80.2%; HCl, 0.90%. 

Temp. Volume Stop Time H202 
of oxygen watch. from decomposing 
collected. zero. per minute. 

•c Cc. Min. Hin. Grm. 
22.5 25.C 39.56 22.8 .0017 
21 8 25.2 36.50 64.2 .0019 
21.2 24.6 39.37 144.7 .0017 
2l.B 25.f 43.50 187.7 .0016 
a1.4 a4.r· 44.22 255.0 .0015 
19.4 24.E. 49.05 350.0 .0013 
19.4 25.0 57.15 535.0 .0012 

Barometer; 746.8 m.m. 

Time H202 H202 HaOa Log(a-x). 
f'rorn decomposed. percent. concentration 
zero. (a-x) 

Min. Grm. Percent. Mols/liter. 
50 .0700 79;o69 31.28 1.4953 

lOO .1615 79.36 31.14 1.4934 
150 .2480 78.89 30.90 1.4900 
200 .3295 78.36 30.60 1.4857 
300 .4910 77.56 30.20 1.4800 
400 .6165 76.79 29.82 1.4745 
500 .7415 76.08 29·.24 1.4660 

HCl oxidised; .0005 g. 

k X 10
4; .65 



Experiment a. 

Initial Concentrations; HaOa, eo.s%; HCl, 1.17%. 

Temp. Volume o2 Stop T·ime H2o2 dec•g 
collected. watch. from zero per minute. 

•c cc. Min. Mta. Grm. 
20.0 2~.7 22.70 13.3 .0030 
20.0 25.0 21.42 36.7 .0038 
ao.o 25.0 22.66 59.3 .0030 
20.0 25.0 25.47 121.8 .0027 
so.o 25.0 29.58 220.8 .0023 
20.2 25.0 32.92 302.1 .0021 
20.0 25.0 35.50 367.7 .0019 

Barometer; 759.5 M.m. 

Time Haoa H208 Ha os Log(a-x). 
decomp'd. percent. cone'n. 

Min. Grm. % Mols/1. 
50 .1414 79.55 31.20 1.4942 
100 .2905 78.74 30.74 1.487"7 
150 .4255 78.00 30.40 1.4829 
aoo .5505 77.28 30.06 1.4780 
250 .6640 76.62 29.72 1.4731 
300 .7710 76.01 29.41 1.4684 
350 .8710 75.45 29.14 1.4645 
400 .9695 74.92 28.90 1.4609 
450 1.0650 74.30 28.56 1.4557 
500 1.1570 73.74 2s.ae 1.4514 

HCl oxidised; .0021 g. 

k >< 10
4

; .88 



Temp. 

•c 
20.4 
ao.e 
21.6 
21.0 
21.6 
21.2 
21.0 
aa.o 

Time. 

Min. 
50 

100 
200 
300 
400 
500 

Experiment 3. 

Initial Concentrations; H2o2; 74.13%; HCl, 1.5%. 

Volume o2 
collected. 

Cc. 
25.0 
25.0 
25.0 
25.0 
25.0 
25.3 
25.1 
25.0 

Stop 
watch. 

Iv!in. 
25.50 
22.15 
22.22 
25.93 
27.50 
30.CO 
32.32 
38.00 

Barometer; 766.5 m.m. 

H202 Ha0a 
deeomp'd. percent. 

Grm. % 
.1290. 73.47 
.2775 72.69 
.5380 71.27 
.7665 70.06 
.9585 69.00 

1.1140 68.14 

HCl oxidised; .0006 g. 

k X 10
4

; 1.0 

Time 
from zero. 

Min. 
1s.e 
41.1 
65.1 

127.0 
163.7 
236.0 
298.0 
504. 

HgO 
conc~n. 

Mols/1. 
28.14 
27.80 
27.10 
26.52 
26.00 
25.58 

H2o2 deoomp•g 
per minute. 

Grm. 
.0027 
.0031 
.0031 
.0027 
.0026 
.0023 
.0021 
.0018 

Log(a-x). 

1.4493 
1.4440 
1.4330 
1.4235 
1.4150 
1.4079 



Experiment 4. 

Initial Concentrations; HaOa• 73.96%; HCl, a.o3%. 

Temp. Volume 0 Stop Time H2o2 decomp'g 
colleetea. watch. from zero. per minute. 

•c Cc. Min. Min. Grms. 
19.5 42.5 20.53 16.7 .0057 
19.6 42.5 22.50 47.7 .0052 
19.6 87.0 56.10 99.5 .0043 
19.8 49.0 33.92 164.5 .0040 
19.8 43.0 34.51 239.2 .0035 
20.0 50.0 47.12 349.5 .0039 
ao.o 42.5 45.25 442.6 .0026 
20.0 42.5 50.96 540.4 .0023 

Barometer; 763.3 m.m. 

Time. RaOa HaOa R20f Log(a-x). 
decomp'd. percent. eone n. 

M 1ft. Grm. % Mols/1. 
ao .1166 73.3 28.08 1.4484 
40 .2271 72.7 27.60 1.4409 
60 .3314 72.2 27.54 :!..4399 

100 .5252 71.0: 27.00 1.4314 
200 .9436 68.6 25.80 1.4116 
000 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 

HCl oxidised; .ooa6 g. 

k X 10
4

; 1.47 



Temp. 

•c 
21.0 
21.0 
21.0 
21.0 
21.0 
21.0 
a1.o 
21.0 
21.0 
21.0 
21.0 
21.0 

Time. 

Min. 
10 
30 
50 

120 
150 

I 

200 
250 
300 
350 
400 
450 
600 

Experiment 5. 

Initial Concentrations; R2o2, 75.64%; 

Volume o2 Stop 
collected. watch. 

Cc. Min. 
42.5 5.66 
42.5 6.86 
42.5 7.85 
42.5 8.75 
42.5 9.55 
42.5 10.50 
42.6 11·.28 
42.5 13.00 
42.5 16.60 
44.0 22.00 
42.5 26.16 
42.5 35.50 

Barometer; 764.5 m.m. 

Ha0a 
deeomp'd. 

Ha0a 
percent. . 

Grm. % 
.2029 74.51 
.5105 72.61 
.7695 71.32 

1.4180 67.25 
1.6400 66.07 
1.9550 63.82 
2.2300 61.91 
2.4650 60.39 
2.6680 58.91 
2.8470 57.69 
3.0090 55.24 
3.4490 53.27 

HCl oxidised; .0401 g. 

4 
k xlo ; 2.33 

Time 
from zero. 

M in;-' 
4.4 

12.4 
21.0 
31.4 
41.7' 
53.1 
67.6 
aa.o 

146.8 
222.5 
301.6 
454.0 

R202 
conc•n. 

Mols/1. 
28.55 
27.60 
26.95 
25.05 
24.45 
23.50 
22.55 
21.75 
21.25 
20.75 
19.76 
18.94 

H2o2 decomp'g 
per minute. 

Grms. 
.0208 
.0171 
.0150 
.0134 
.0123 
.0114 
.0104 
.0090 
.0071 
.0056 
.0045 
.0033 

Log(a-x). 

1.4556 
1.4409 
1.4305 
1.3988 
1.3882 
1.3710 
1.3531 
1.3374 
1.3273 
1.3170 
1.2958 
1.2774 



Temp. 

or, 
20.0 
20.0 
20.4 
20.2 
20.0 
19.5 
ao.o 

Experiment 6. 

Initial Concentrations; R2o1, 60.10%; 

Volume o2 Stop Time 
colleeted. watch. trom zero. 

Oe. Min. Min. 
25.1 19.20 11.6 
25.1 16.<'8 30.3 
25.1 17.15 48.6 
25.0 18.50 92.3 
26.0 21.50 161.7 
27.0 27.37 317.6 
26.0 30.E5 458.1 

Barometer; 750.0 m.m. 

Time. H2o2 Rs0a 
decomp'd. conc'n. 

l.Iin. Grm. % Mols/1. 
50 .1ssn 59.13 21.48 

lOO • 354/.) 58.09 21.00 
200 .6880 56.13 20.16 
300 .9780 54.43 19.43 
400 1.2:350 52.85 18.78 
500 1.4725 51.39 18.16 

HOl oxidised; .0003 g. 

k >< 10
4

; 1.65 

H2o2 decomp'g 
per minute. 

Grm. 
.0036 
.0041 
.0040 
.0037 
.0033 
.ooa7 
.0023 

Log(a-x). 

1.3320 
1.!3222 
1.3045 
1.2885 
1.2737 
1.2591 



•a 
21.0 
21.4 
21.~ 

a1.a 
ao.o 
80.4 
a1.o 
21,.0 

Time. 

Min. 
55 

lOO 
aoo 
300 
400 
500 

Experiment '7. 

Initial Concentrations; R2o2, 33.0~; HCl, s.oa%. 

Volume 0 Stop Time H2o2 decomp'g 
collectea. watch. from zero. per minute. 

Cc. Min. Min. Grm. 
20.5 27.50 17.7 .0021 
20.5 22.50 44.2 .OOS5 
20.7 24.00 68.0 .ooa4 
20.8 24.08 94.1 .0023 
20.3 25.08 176.5 .0022 
20.5 26.00 207.0 .0022 
20.4 26.88 261.5 .ooa1 
20.5 28.50 337.2 .0020 

Barometer; 7'14.0 m.m. 

Ha0a Hsoa HaOa Log(a-x). 
decomp'd. percent. cone. 

Grm. % Mols/1. 
.1170 32.40 10.62 1.0261 
.2235 31.90 le.44 1.0187 
.4457 30.82 10.02 1.0008 
.6530 29.83 9.66 0.9850 
.9495 28.85 9.31 0.9689 

1.0390 2?.90 9.00 0.9542 

In this experiment no hydrochloric acid was oxidised. 

k )( 104; 1.70 



Temp. 

Al-4 
22.4 
22.2 
22.2 
2~.0 

21.6 
21.0 
19.5 

Time 

Min. 
50 
lOO 
150 
200 
250 
300 
350 
400 

Experiment 8. 

Initial Concentrations; H2o2, 46.36%; HCl, 6.17~. 

Volume o2 Stop Time 
collected. watch. trom zero. 

Cc. t.~~in. Min. 
25.0 16.82 9.4 
24.9 14.75 28.0 
25.0 15.33 42.0 
25.0 15.66 58.8 
24.9 16.82 87.4 
25.0 20.32 181.1 
25.0 a~.1o 263.0 
25.1 P/1.40 W'/3.7 

Barometer; 755.0 m.m. 

H2o2 H202 Haoa 
deeomp'd. percent. cone. 

Grm. 
.2005 
.4105 
.5945 
.7630 
.9170 

1.0605 
1.1960 
1.3225 

% Mols/1. 
44.89 15.51 
43.3? 14.88 
42.02 14.32 
40.76 13.82 
39.56 13.36 
38.45 12.94 
37.38 12.61 
36.38 1!.16 

HCl oxidised; .C003 g. 

k X 104; 3.1 

H2o2 decornp'g 
per minute. 

Grm. 
.0040 
.0046 
.0047 
.0044 
.0040 
.0034 
.0030 
.0025 

Log(a .. x). 

1.1906 
1.1727 
1.155g 
1.1405 
1.1258 
1.1120 
1.0972 
1.0849 



Initial 

Temp 

•c 
ao.s 
20.5 
20.5 
20.6 
20.5 
20.5 
ao.s 

!l!ime. 

Min. 
40 
80 

120 
160 
aoo 
2SO 
400 
600 

Experiment 9. 

Concentrations; Hao2, 49.17%; HCl, 

Volume 0 Stop Time 
collecte~. watch. from zero. 

Cc. Min. Min. 
42.5 18.25 9.62 
42.5 18.93 34.95 
42.5 20.32 57.67 
42.2 23.42 108.21 
42.5 34.08 a"/8·.94 
42.5 59~.32 363.16 
42.5 42.9a 420.96 

Barometer; 744.0 m.m. 

HaOa Ha0a decomp 1 d. percent. 

Grm. 
., , 

.2469 44.26 

.4696 42.4 

.6696 40.1 

.8512 39·.5 
1.0160 38.2 
1.5048 35.8 
1.6680 32.7 
2.1480 28.46 

HCl oxidised; .0008 g. 

4 
k X 10 ; Z.65 

Ha Os 
cone • 

Mols/1. 
15.24 
14.50 
13.56 
13.34 
12·.84 
11.92 
10·.74 

9.18 

6.10~. 

fia02 decomp' g 
per minute. 

Grm. 
.0063 
.0061 
.0056 
.0049 
.0034 
.0029 
.00!7 

Log(a-x). 

1.1S29 
1.1614 
1.1322 
1.1252 
1.1086 
1.0760 
1.0311 
0.9628 



~emp. 

•c 
20.2 
20.0 
20.0 
20.0 
20.5 
21.0 
21.5 
21.5 
21.5 
21.0 
ao.s 

Time. 

Min. 
10 
20 
'30 
·~o ··:) 

80 
lOO 
130, 
160 
200 
250 

Experiment 10. 

Initial Concentrations; Ha0s• 33.0%; HCl, 

stop ~ime Volume o2 
collected. watch. f'rom zero. 

Cc. 
20.5 
21.0 
20.G 
ao.r> 
20.5 
20.4 
20.5 
23.4 
21.9 
20.7 
20.6 

Haoa 
decomp'd.. 

Grm. 
.0907 
.1855 
.2'786 
.5445 
.7110 
.S683 

1.0887 
1.2921 
1.5263 
1.8013 

Min. Min. 
6.11 6.0 
6.23 15.6 
6.17 30.1 
6.28 41.1 
7.62 109.8 
8·.27 144.1 
9.20 185.6 

11.50 23!'.7 
11.13 247.5 
11.83 2~9.9 

13.26 378.6 

Barometer; 749.1 m.m. 

H~Oa Haoa 
per ent. cone. 

% Mols/1. -32.51 10.66 
32.10 10.50 
31.64 10.32 
30·.37 9.86 
29·.56 9.55 
28.80 g.30 
27.73 8.90 
26.66 8.49 
25.46 8.10 
24.05 7.60 

HCl oxidised; .0009 g. 

4 
k }( 10 ; 5.34 

s.o~. 

H2o2 deoomp'g 
per minute. 

Grm. 
.0091 
.0095 
.0091 
.0089 
.0073 
.oosg 
.0060 
.0055 
.0053 
.0047 
.0042 

Log(a-x). 

1.0278 
1.0212 
1.0136 
0.9939 
0.9800 
0.969!3 
0.94414 
0.9289 
0.9085 
o.eaoe 



Experinant 11. 

Initial Concentrations; "aOa• 33.0%; HOl, 9.0~. 

~et'lp. Volll!'le o~ Stop !rime HaOa decomp'g 
oolleate • watch. from zero. per minute. 

oc cc. H1n. Min. Grm. 
21.4 20.0 4.S3 G.4 .0113 
31.4 1S.9 3.SZ 13.9 .0141 
21.4 20.0 3.95 ao.o .013'7 
31.4 oo.o 4.06 2'7.0 .0133 
al • .t\ ao.o 4.3a 3'1.1 .0185 
21·.4 ao.o 4.6S 54.3 .OllG 
31.4 ao.o s.oa 82.5 .OlOG 
21.4 19.9 5.60 107.8 .oosa 
aa.o 19.5 6.78 162.4 .0078 
23.4 ao.s 7.SS ";.95.5 .0069 
21.8 ao .• l 9.70 873.9 .oose 
21.8 lf).S ll.CS 38'7.5 .OC475 
22.0 ao.o 13.41 403.7 .0040 
22.2 ao.1s 15.03 464.5 .0036 

Barometer; 750.0 m.m. 

Time. It202 HaOa "aOa r ... ()g(a-x). 
decomp'd. percent. cone. 

Uin. Gm. % Hols/1. 
10 ·.1426 32.35 10.50 1.0853 
ao .asas 31.68 10.30 1.01!8 
50 .6G36 29.87 9.59 .9857 
lOO 1.2036 27.20 S.?O .g405 

180 1.7301 a4.ss 7.80 .8921 
aco a.oa3S 33.03 7.26 .8597 
a so 2.3407 31.54 6.71 .8267 
300 a.aaoz lt.sa 6.81 .7931 
350 8.8663 1S.54 5.74 .7619 
400 3.0813 1'1.36 5.38 .7308 
450 s.a740 16.2S 5.04 .7oa4 
600 3.4400 15.30 4.71 .6730 

ttCl oxidised; .0023 g. 

k )( 10
4
; s.ee 



Tern-:~. 

oc 
22.5 
22.5 
22.5 
22.5 
22.6 
22.5 
22.5 
22.5 
22·.5 
22.5 

Tirna. 

Min. 
20 
40 
so 
eo 

100 
150 
200 
250 
300 

Experiment 12. 

Initial Concentrations; H
2
o

2
, 33.a%; RCl, 

Volume 0 Stop !rime 
colleote~. watch. from zero. 

Cc. Min. Min. 
19.0 6.0 5.5 
30.3 8.0 9.0 
34.6 9.0 20.5 
41.1 12.0 34.5 
34'.5 11.0 48.5 

. 28.7 11.0 8!5.5 
29.5 13.5 116.'? 
25.0 13.0 16G.5 
30.2 22.0 249.0 
a-s~·' 27.0 358.5 

Barometer; 744.0 !!!.m. 

H 0
8 HaOa 

de~omp'd. percent. 

Grm. % 
.2240 31.2 
.4152 29.6 
.5812 28.3 
.7292 27.2 
.8644 26.7 

1.1568 23.G 
1·.3988 21.5 
1.6020 19· .• 7 
1.7704 18;.3 

HCl oxidised; .0035 g. 

k 't 10
4

; 8.12 

HaOa 
oonc. 

Mols/1. 
10.15 

9.55 
9.os 
9.70 
S.55 
7.45 
6.76 
6.16 
5.60 

9.55~. 

H
2
o2 decomp'g 

per minute. 

Grm. 
.0084 
.0112 
.0103 
.oo~a 

.0084 

.0069 

.0058 

.0052 

.0040 

.0023 

Log(a-x). 

1.0064 
.9800 
.9581 
.9395 
.9320 
.8722 
.8312 
.7924 
.?520 



Temp. 

~c 

22.0 
22.0 
aa.o 
aa.o 
aa.o 
aa.o 
22.0 
32.0 
22.0 
22.0 

TimA. 

~in::::. 

30 
GO 
80 

120 
160 
200 
260 
300 
380 

-Experiment 13. 

Initial Concentrations; Haoa• 30.4a%; HCl, 

Volume 0 Stop Time 
collectea. wa·ten. from zero. 

Cc. Min. Min. 
52.0 4.a7 6.63 
50.1 4.93 14.9 
50.1 5.81 23.4 
50 .. 2 6.68 32.8 
50.1 7.70 43.3 
50.1 11.29 83j.l 
50.0 16.50 13a.s 
so.o 29.30 234.1 
50.0 43.59 329.8 
50.0 54.50 383.2 

Barometer; 757.0 n.m. 

H202 ~~ao2 Hao2 
decomp' d. :porcent. cone. 

Grm. 
.5770 

1.3430 
1.6190 
2.0415 
2.3500 
!.5875 
2.8495 
2.9909 
3.2216 

% M/1. 
30.4 8.10 
21.1 6.61 
lf).l 5.91 
15.8 4.88 
13.5 4~.12 

11.6 3.52 
9.4 2.80 
8.3 2.48 
6:.3 1.64 

ROl oxidised; .0486 g. 

k X 10
4

; 16.1 

13.7%. 

H2o2 decomp'g 
per minute. 

Grm. 
.0301 
.0279 
.0236 
.0205 
.0178 
.0122 
.OOSl 
.004'3 
.0031 
.0025 

Log(a-x). 

.9948 

.8202 

.7716 

.SSS4 

.6149 

.541)5 

.4472 

.3945 

.2648 



Temp. 

•o 
2~·.5 

2~'.5 
2~.5 

2~.5 

23.5 
23.5 
2~·.5 

Time. 

!:ir ... 

"'" ... ,._ 

4') 
60 
se 

1ao 
150 
200 
250 
300 

Experiment 14. 

Initial Concentrations; H2o2, 13.8%; HCl, 13.26%. 

Volume o2 Stop 
collected. watch 

Oc. Min. 
30·.0 15,.5 
30'.5 16.25 
50.2 19.0 
30.3 26.5 
30.1 32.5 
30'.3 44.0 
30.9 61.0 

Barometer; 758.0 m.m. 

H20~ decomp'd. 
H202 

percent. 

Grm. r-1 
f"> 

.1052 12.9 

.2056 12.0 

.SS25 11.zg 

.3978 10.4S 

.4981 9.50 

.6723 8.85 

.6841 7.80 

.7834 6·.97 

.8703 6·.19 

HCl oxidised; .0040 
A 

k X 10 -; 14.0 

Time H2o2 decomp'g 
from zero. per minute. 

Min. Grm. 
10.7 .0053 
a9.a .0051 
46.5 .C046 
74.3 .0031 

129.3 .c~o2s 

272.0 .0019 
338.5 .0014 

H202 Log(a-x). 
cone. 

M/1. 
4.05 .80'%45 
3.78 .5775 
3.58 .5539 
3.30 .5185 
2.88 .4594 
2.84 .4216 
2.32 .3655 
2.07 .3160 
1.80 .2553 



m ..... emp. 

•r:; 
2~.5 

2~.5 

~1~.5 

2~.6 

2'l5.5 
23.0 

Ti='le. 

;~rin. 

5tj 

lOO 
150 
200 
250 
300 
350 

Experiment 15. 

Initial Concentrations; H2o2, 4 91%; HOl, 14.85%. 

Vo:tume 0~ Stop T!l!le H202 decomp'g 
.,ollocte • watch. from zero • par minute. 

Cc. Min. Min. Grr1. 
25.1 17.80 13.0 .0038 
25.1 12.3'7 29.3 .0055 
25.1 13.22 43.6 .0052 
25.1 16·.83 1oa.o .0041 
25.1 22·.35 175.0 .0031 
25.1 43.83 368.4 .0015 

Barometer; 758.0 m.m. 

H5oa H202 Haoa 
dec mp'd. percent. cone. 

Gm. 
.2150 
.4400 
.6a35 
.7735 
.8985 

1.0010 
1.0880 

'f, U/1. 
4.25 1.20 
3.58 1.03 
3.02 .85 
2.66 .71 
2.18 .58 
1.86 .50 
1.56 .42 

HOl oxidised; .0014 g. 

4 
k X 10 ; 15·.1 

Log(a-x). 

'~).0792 

0.0128 
1.9afl4 
1.8513 
!.7684 
!.6990 
t.easa 



Temp. 

•c 
sa.o 
aa.o 
aa.o 
22.0 
sa.o 
22.0 

Time. 

liin. 
10 
20 
40 
60 
80 

lOO 
120 
150 

Exper1Ii1ent 16. 

Volume 0 Stop Time 
eollectel. watch. from zero. 

Cc. Min. Min. 
30.3 7.5 7.2 
30.4 9·.5 18.7 
~3.5 14.0 33.0 
30.8 16.5 49.8 
33.3 26.0 73.0 
29.8 43.0 127.5 

Barometer; 748.0 m.m. 

H202 H202 H202 
deaomp'd. percent. cone. 

Grn. 
.1130 
.2056 
.3449 
.4440 
.5171 
.57'97 
.6187 
.6737 

~ M/1. 
9.5 2.90 
8.3 2.52 
6.6 1.95 
5.2 1.55 
4.8 1.24 
3.5 1.00 
2.9 .85 
2.1 .3 

HCl oxidised; .0350 g. 

4 
k x 10 ; s4.a 

H,P2 deeomp'g 
pi;.)r minute. 

Grm. 
.0108 
.0086 
.0065 
.ooso 
.0035 
.0019 

Log{a.-x). 

.4624 

.4014 

.2900 

.1905 

.0934 

.oooo 
!.9294 
1.4"/71 



Temp. 

•c 
21.0 
21.0 
21.0 
at.o 
21.0 
21·.0 
21.0 
21.0 
21.0 

Time. 

l~in. 

10 
20 

40 
60 

100 
150 

'200 
250 

Experiment 17. 

Initial Concentrations; H
2
o

2
, 18.61%; HClt 19.26%. 

Volume 0 
collecte~. 

Stop Time 
watch. from zero. 

cc. Min. Min. 
32.7 3.5 5.2 
31.0 6.0 9.0 
30.6 a.o 17.0 
31.3 10.0 27.0 
34.6 15.0 34.0 
3l.a 17.5 54.0 
30.8 23.0 85.0 
ae.1 31.0 117.0 
30.8 120.0 276.0 

Barometer; 752.0 m.m. 

H 0 
dec&t~·~. 

Grm. 
.2400 
.46'70 

.6430 

.7'710 

.9600 
1<.0980 
1.1840 
1.2420 

H'Oa H202 
p9 oent. cone • 

., 
ti/1. I> 

15.3 4.75 
18,.2 3.70 
9.7 2.90 
7.9 2.40 
5.1 l.&o 
3·.1 .ss 
li.7 .45 
.a .25 

HCl oxidised; .1930 g. 

4 k X 10 ; 103.2 t~ 57.? 

n2o2 decopp'g 
per minute. 

Grm. 
.0255 
.0141 
.0103 
.0085 
.ooes 
.0049 
.0016 
.ooas 
.0007 

Log(a-x). 

.6767 

.5682 

.4624 

.3810 
... 17Gl 
1.9294 
!.653! 
I.ll6l 

In this experiment the value of k dropped from the very 

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

completion. 



Temp. 

•c 
22.4 
22.4 
22.8 

aa.a 
22.0 
21.6 
21.0 

Time. 

r·,·lin. 
0 
50 

lOO 
150 
200 
250 
300 
350 
400 
,450 
500 

Volume 0 Stop Time 
co11ecte~. watch. tron zero. 

Ce. Min. Hin. 
25.0 lC ~f) v e.._ t-..; 13.1 
25.0 ,_., • 75 3~.3 

25.1 19.05 c:.., 5 
._;~. 

25.1. 20.58 119.3 
a5.1 22.33 195.1 
25.9 24.35 243.1 
25.1 25.16 313.6 
25.2 30.23 4g9.l 

Ba.romet er; 759.1 !'1.!'1. 

R202 
deaomp'd. 

H202 
percent. rr'.0~~

0

@ona. 
G:M!l. % H/1. 

20.0 6.26 
.1730 19.32 6.02 
.3480 19.62 5.80 
.5130 18.00 5.60 
.61?0 17.65 5.44 
.9155 16.76 5.20 
.9555 16.20 5.CO 

1.0905 15.63 4.80 
1.2175 15.04 4.60 
1.3385 14.62 4.46 
1.4530 14.15 4.32 

HBr oxidised to Br2; .52~ 

_!:Xlo
4

; 3.ao 

H2o2 decomp'g 
peY. minute. 

Grm. 
.0034 
.0036 
.C030 
.0033 
.ooag 
.0029 
.0027 
.0823 



Temp. 

•c 
23.4 
23.0 
~3 (', 
V •~ 

22.8 
22.2 
22.2 
22.0 

Experiment ao. 

Volume 0 Stop Time H2o2 decomp'g 
colleete~. watch. from zero. per minute. 

Oe. 
25.1 
25.6 
25.1 
25.0 
25.0 
25.4 
25.6 

Time. 

Min. 
c 
50 

lOO 
150 
260 
3QQ 
350 
400 
450 
500 

Min. Hin. 
28.45 15.2 
21.42 40.() 
21.35 63.1 
22.10 !)7.3 
24.66 238.8 
28.38 382.2 
31.?0 498.5 

Barometer; 748.0 r..n. 

H202 
d:3comp'd. 

Ht:>OO 
hi ~~ 

percent. 

Grm. 1 
19.86 

.1150 10.5('1 

.26?5 'f o r,:-, 
-~···-~~~ 

.4135 18.55 

.6385 17.84 

.8190 17.27 

.9440 16.86 
1.0635 16.4? 
1.1750 16.11 
1.2865 15.74 

k 1 ~4. -X .... · , 2.16 

Grm. 
.. C021 
.C032 
.C(;31 
.0030 
.0027 
.0024 
.0022 

H202 
m0l. cone. 

M/1. 
6.22 
().10 
G.~3 

5.78 
5.54 
5.36 
5.22 
5.11 
4.92 
1.85 

rr·:r con~Jntration at end of reaction, .117 rroles/liter. 



Experiment 21. 

Initial Concentrations; HaOa, 5.05%; HBr, 2.08%. 

Temp. Volume 02 Stop Time H2o2 decomp'e 
collected. watch. trom zero. per minute. 

•c. Cc. Min. Min. Grm. 
20.4 25.0 27.42 15.3 .0025 
20Q4 25.1 18.17 39.1 .0038 
,..,,.., 4 
1-.J~ • 26.4 23.78 151.9 .0031 
20.4 25.2 26.75 238.4 .0026 
~0.4 29.3 34.80 3C8.4 .0023 
20.4 25.1 31.68 343.8 .0022 
20.0 25.0 35.63 4C4.8 .0017 

naroneter; 762.5 m.m. 

Time. H202· R202 H202 
decomp'd. pGrcent. mol. cone. 

Min. Grm. % M/1. 
~ 5.05 1.48 -' 

50 .1445 4.86 1.40 
100 .3250 4.49 1.28 
l5C .4870 4.15 1.2C 
200 .6325 3.84 1.10 
nr-:1" ._, ·_) ~ .7G55 3.56 l.C2 
30C .8870 3.31 .92 
350 .9990 3.07 .86 
400 l.OSG5 2.87 .so 

Cone. HBr a.t end of reaction; .260 moles per liter. 

~ )(10
4

; = 6.74 



fi 

Experima nt 22. 

Initial Concentrations; H2o2, 5.01%; HBr, o.96~. 

m 
:.L emp. 

oc 
1:!1.4 
21.8 
22.8 
22.8 

~ime. 

I.! in. 

lC'C 
~r-,.. 
{..J""""'lo..,..· 

3CO 
4CO 

Volume 0 Stop Time 
collecte~. watch. from zero 

Cc. t!in. Hin. 
31.2 116.60 67.0 
25.3 66.83 161.4 
30.8 88.25 274.0 
23.7 6~ t:·-:> 0. ~~c~ 357.5 

Baromet~:r; 759 .o m.m. 

H202 H202 Hsoz 
d_ecoM.p' d. percent. (a-x) 

Grm. % mol/lit€r • 
5.01 1.45 

.060 4.89 1.40 

.lGC 4.G0 1.35 

.260 4.49 1. .30 

.32C 4.36 1.24 

kXlr 4 
= 1.50 

H202 decopee 
~er r1inut:1. 

Grm. 
• ('(J::'7 

.0010 
r'01('. 

• · ... ~ ·- -..J.""' 

.OC94 

Concentration HBr at end of reaction; .125 moles per liten 



APPENDIX B. 

The following tables give the readings on the right arm 

or the manor---.eter at intervals of fifteen seconds for the different 

temperatures at whic~ the vapor pressure of hydrogen peroxide was 

determined. The actual pressures were obtained by extrapolating th3se 

readings to zero time as describ~d in the thesis and referring them 

to a. calibration curve in which th3 difference between the t·:ro c:;,rms 

of _,~~e lTlanoMeter wer~ plotted against the height of the rieht am. 

The values 'for tlte calibration curv3 are givan below·. 

Calibration of Manometer. 

Left Arm. Right Arm. Difference. 

1.38 14.79 13.41 
3.03 12.94 9.91 
4.52 11.32 6.AO 
5.93 9.77 3.84 
7.01 8.60 1.59 
7.67 7.88 0.21 

Manometer Readings at Intervals or Fifteen Seconds. 

Temperature 11.s• 

1 8.0 8.3 
2 9.0 8.88 
3 9.1 s.so 
4 9.2 8 ~·J.: • ,1..:,) 

5 9.28 8.99 
6 c, .03 
7 9.10 
s 9.20 
9 9.3 



Temp. 56.7° Temp~ 7o.o• 

0 8.00 8.64 0 8.7>0 8.50 
1 8.55 8.60 1 9.25 9.30 
a 8.60 8.60 2 9.43 9.42 
3 8.63 3 9.48 9.48 
4 8.64 8.64 4. fi.52 9.52 
8 8.71 8.72 6 9.58 C· .58 

12 8.75 8.80 8 9.63 f> .64 
so 8.80 8.89 12 9.73 0.75 

Temp. 80.0°. Temp. 89.1° 
,.... 
'-· 

,..,oo ,.; . 0 
,... .50 9.50 

1 10.20 10.30 1 11.57 11.51 11.52 
2 ,_o .4C 10.4 2 11.82 11.75 11.78 
3 10.5 10.5 3 12.00 11.92 11.91 
4 10.58 10.6 4 12.12 12.03 12.03 
6 10.70 10.71 5 12.23 12.18 12.18 
e 1.0.80 10.8-7 6 12.32 12.28 

10 10.90 10.95 

Temp. 51.5' Tel!lp. 62.5° 

10 .S:·JC • 8.30 1 8.80 
40 .. 8.40 2 8.90 
80 8.44 ~ 8.93 

1S5 8.50 4 8.99 
175 8.51 6 9.05 

8 9.10 
12 9.20 

Temp. 24.2° ~ei!lp • 35.2° 

0 7.82 7.83 0 7.88 7.90 
1 7.86 7.86 

., 7.98 7.99 J. 

2 7.87 7.88 2 8.01 8.01 
3 7.88 7.89 3 8.02 8.02 
5 7.89 7.89 4 8.03 8.03 
8 7.00 7 °0 . " 5 8.03 s. • 0:.) 

7 7.91 7.90 6 8.04 
7 8.05 8.04 
8 8.06 8.05 



Temp. 45.0° Temp. 56.9° 

1 8.00 (" 8.05 ~ 

2 8.10 1 8.58 
3 3.21 2 8.63 
4 8.22 3 8.68 
5 8.24 4 8.71 
6 8.25 5 8.73 
7 8.27 6 8.77 

7 8.90 
8 8.:2 

, 
.Lemp. 70.1° ,.., 

.l..emp. 75.1° 

0 8.23 0 9.20 
2 9.35 1 9.85 
3 9.43 tr) 9.92 ..., 

4 9.49 3 9.09 
5 9.52 4 10.03 
6 ~.5G 5 10.08 
7 9.59 6 10.12 
s· 0.62 
9 g.64 



Temp. 45.0° Temp. 56.9° 

l 8.00 r. 8.05 ··~ 

2 8.10 l 8.58 
'3 8.21 2 8.63 
4 8.22 3. 8.68 
5 8.24 4 8.71 
6 8.25 5 8.?3 
7 8.27 6 8.77 

7 8.80 
8 8 ('~ • l)~o.~ 

Temp. 70.l0 Tern.p. 75.1° 

0 8.23 0 9.20 
2 9.35 1 9.85 
3 9.43 2 9.92 
4 9.49 3 9.99 
5 9.52 4 10.03 

6 9.56 5 10.08 

7 9.59 6 10.12 
8 9.62 
9 9.64 
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