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2d
T - , hence r(o—1)* = 3(1--d) d.

1
1,35 > — —(p—1)?

Now 1+ (¢ — 1)* may be written for the factor (1 + 7o (¢—2)):
(1—=) in (8) for small values of 7, which in view of the above
3 (1—b')d

N(;V o=3 (1—b") M:i for small values of 2. This being about 6,
4/‘__...

approximated relation becomes 1

2,5 1—b%) ———?—Li may be put for ¢—1, so that we get approximately
e

-6 r—1 . .
1 +5 ~~~~~~ —0 for the factor in question. Hence the factor & in
” :
RT 2 8 a % 4, referred to in the first part of this paper
= , referred to in the fir ,
=14 270, P pap

will evidently according to (5), when for ¢ its value is substituted,
amount fo:

g2 2T [H E?ij“lg _ 848 =l ]

Ty 8 5 2(1—2) » V|

holding for very small values for @. Only a small value of r, eg.

p==1,5, satisfies this. If § has then become ==0, and b’ ="/, 6

becomes
2
—=1]14 20— =1,
[ P )]

while with 7=1,5 (see the first part of this Paper in these Proceedings,
§8, p.278) 6 should be exactly ==1. Possibly & is not small enough
to justify the above approximations and the neglect of certain values,
and then it is possible that » > 1,5 drops out. But the calculations
get very intricate then. : ' '

At any rate the formulae (4), (5), and (6) contain the full solution
of the problem put by us.

P
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Chemistry. — “Catalysis” VIII. By Ni. Rarax Dupar (with A. K.
Darra and D. N. Buarracuarya). (Communicated by Prof.
Ernst COHEN).

(Communicated at the meeting of September 25, 1920).
a. Reaction between silver nitrate and ferrous-ammonium sulphate.

I tried to determine the kinetics of the reaction between ferrous
ammonium sulphate and silver nitrate. The reaction seems to be’
very rapid.

When ¥/, silver nitrate and ¥/, ferrous ammonium sulphate ave
mixed at 25° a bimolecular velocity coefficient of 0.0007 is obtained,
but unfortunately this coefficient falls off as the chemical reaction
proceeds. Since the metallic silver formed reacts on the ferrie salt
produced and we get an equilibrium of this nature

2 Ag -} Fe, (80,), 2 Ag,S0, + 2 FeS0,

Ag -+ Fe (NO,), 2 AgNO, + Fe (NO,),
(Fet+) (Agt)
PR
(ef. Novms en Bgaun, Jour. Amer. Chem. Soc. 1912, 34, 1016) the
reaction between ferrous ammonium sulphate and silver nitrate is
rapid even at 0° and has a small value for its temperature coefficient.

The reaction is markedly accelerated by acids; nitric, sulphuric,
citrie, tartaric, and acetic acids have been tried; the greater the
concentration of hydrogen ious, the greater is the velocity. This
catalytic activity may be utilised in determining the concentration
of hydrogen ions.

Magnetic force has practically no effect on this reaction. It is
extremely sensitive to the influence of dirt etec.

" Potassium nitrate appreciably retards the reaction, so do manganese
salts very markedly. ’
~ Carbonic acid markedly accelerates the reaction. Boric acid is
practically without any influence. So is phenol, which is probably
slightly retarding in its effect. Glucose markedly accelerates the
reaction. This is a case of induced reaction. A mixture of excess of
silver nitrate and very little of ferrous ammonium sulphate was
prepared and divided into equal parts, to one of which glucose was
20

at equilibrium = 0128
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added, whilst the other was left as it is; in a short time, more
silver was deposited in the tube containing glucose, though a neutral
solution of glucose cannot reduce silver nitrate. This is another case
of an induced reaction already studied. (Duar, Trans. Chem. Soc.

1917, 111, 690).
Summary: a. The reaction between silver nitrate and ferrous

ammonium in dilate solutions is bimolecular. The reaction is very

rapid even at 0° and the temperature coefficient has a small value.

b. When the chemical change has proceeded up to a certain
extent, an equilibrium is set up:

Ag -4 Fe (NO,), = AgNO, 4 Fe (NO,),

¢. Acids accelerate this change; in case of nitrie, sulphurie, citrie,
tartaric acetic acids, the greater the concentration of H' ions, the
greater is the acceleration. Carbonic acid markedly accelerates, whilst
boric acid and phenol are without action. Manganese sulphate and
potassium nitrate are retarders. ‘

d. A nmeutral solution of glucose cannot reduce silver nitrate at
about 20°; the reaction between ferrous ammonium sulphate and
silver nitrate induces the chemical change between glucose and
silver nitrate.

b. Ouidation of sodium sulphite by atmospheric oxygen.

Loraer (Zeit. phys. Chem. 1903, 45, 662) advanced the idea that

negative catalysis cannot take place in a reaction which is entirely
free. from positive catalysts and the phenomenon is really due to
the destruction or otherwise rendering latent of these positive catalysts.
Tirorr (ibid. 1903, 45, 641) as a result of his studies of the combined
effect of positive and negative catalysors on the rate of oxidation of
sodium sulphite lends his support to Lurnrr’s theory. The effect of
negative catalysts on this reaction was first studied by Bierrow (ibid.
1898, 26, 493), who found the oxidation of the salt in aqueous
‘solution to be greatly retarded by the presence of minute quantities
of benzaldehyde, iso-butyl alcohol, glycerol, phenol etc. Bigrrow also
~demonstrated that the effect of negative catalyst is not on the rate
of solution of oxygen, but on the rate of the reaction between the
sulphite and oxygen. A few years later TiTorr substantiated BierLow’s
results and in addition studied the simultaneous effect produced by
copper sulphate, a powerful accelerator and manitol a strong retarder.
He found that these two substances do not exert any additive effect
but influence each other. Youne (Jour. Amer. Chem. Soc. 1901, 28,
119; 24, 1902, 297) found that small quantities of certain alkaloids
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greatly vetard this oxidation, specially if this solution is alkaline,
and the inhibitory effect of sucrose, invert sugar, asparatic acid, etc.,
have been noted by Saimnanp (Zeit. Ver. Zuckerind. 1913, 83, 1035).
In 1912, we conducted some experiments on this line. From prelim-
inary experiments it was observed that the velocity of the reactions
depends greatly on the quality of the water used. Ovdinary distilled
waler was found quite inefficient as it contained sufficient dissolved
salts and gases to affect the course of the reactions materially.
Freshly prepared conductivity water obtained according to the method
of Joxus and Mackay (Zeit. Phys. Chem. 1897, 22, 237) was always
used. The salts used were purified by recrystallisation from con-
ductivity water and dissolved in the same water in resistance glass
bottles. Well steamed Jena flasks were used as vessels in which the
reaction took place. In short every care was taken to ensure purity.
But in spite of all this care, it was found that velocity coefficients
of the reactions carried out under identical conditions but on different
days and even at different times on the same day were slightly
different. Tirorv also found similar results., The explanation is
probably that the reaction is so susceptible to external conditions,
that even the slight variation of circumstances that is inevitable
when we carry out the same reaction at two different times are sufficient
to affect the results. It is therefore clear that our comparison of the
results tried on different days or with different concentration of the
same catalyst, cannot give an accurate idea of their relative effect.
To remove this difficulty, at least partially, we carried out a blank
experiment in which no catalyst was added, simultaneously with
the main one. Two similar Errenmeyer flasks of capacity 150 c.c.
were arranged side by side. A detinite volume of sulphite was put
in each flask. The catalyst was added in one flask. The course of
the reaction was  determined and their coefficients calculated. The
ratio of these two coefficients gives the measure of the catalytic
effect of the substance under consideration. In this way it was found
that the ratio between the coefficients of two similar pair of reactions
carried out on different days were almost the same, though their
absolute velocities varied appreciably. The flasks were exposed to
the atmosphere whose oxygen served as the oxidising agent.

N
About 106 iodine and thio sulphate solutions were used as titration

liquids. A definite volume of the sulphite solution is pipetted in a
flask containing an excess of standard iodine and the excess of
iodine was titrated back with the standard thio sulphate.
The temperature of the experiments was about 30° C.

. 920%
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| e———————— e ———— S—
Substance Concentration {é: ;?:%gﬁt—

Cane sugar 02 N 0-09
. 31%10-2 N 017
y 67 10-3 N 041
" 943104 N 063
» 371 10-8 N 0'89

Lactose 015 N 0084
] 31102 N 015
) 943 10~ N 055
" 37105 N 0-85
Glucose 01 N ‘ 022
» 1103 N 075
» - 2X 104N 083

It will be evident from the above results that cane sugar, lactose,
and glucose are very strong retarders. Cane sugar and lactose have
almost similar effects, though lactose is slightly stronger in its effect.

It appears probable that sugars as a class will act as negative
catalysts. [t has been found that the sparingly soluble volatile sub-
stances like camphor and menthol have marked negative effect while
naphthalene, anthracene etc. have no catalytic effect.

The effect of several organic acids and their qalts were also
investigated. (See Table next page). :
It is very peculiar that the weak acids like acetic, propionic,
cacodylic etc. have comparatively small retarding effects. Their sodinm
salts also exert practically the same effect. On the other hand comp-
aratively strong acids like oxalic, salicylic, benzoic elc. exert much
greater retarding etfect, and their salts too exert the same effect as
the acids. Moreover it is found that the sodium salts of stronger
inorganic acid have no marked effect.

We have found that hydrogninone has a very great negatlv
effect on this reaction. For the same concentration, it exerts the
greatest negative catalylic effect amongst the negative catalysts in-

vestigated up till now. We tried to determine the temperature co-

eificient of this heterogeneous reaction and see whether this becomes

greater in presence of the powerful negative catalyst hydroquinone..

Unlike most other heterogeneous reactions, we found that the temp-
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Substance Concerntration Ilii—l‘;%s%lkzit
Oxalic acid 123 10-3 N 029
" 3104 N 056
) 3% 10-5 N 090
Benzoic acid 112X 10-3 025
" 23 104 058
» 53105 . 0-83
Cacodylic acid ‘02 N 075
» ‘0l N 094
Sodium benzoate 1103 019
. 071073 025
» 15510~ 070
" 1105 090
Potassium oxalate 1310-3 N 029
w 1104 N 080
. 21078 096
Sodium salicylate 1 X103 023
y 1°5 %< 104 073
» 1< 105 095
Sodium citrate : 13X 10-3 014
" 1< 10-5 0'85
Sodium acetate 33 10-3 073
. 1< 10-3 085
Sodium propionate 3103 0-74
" ' 1103 089
Sodium butyrate 3X10 3 - 074 .
" 110-3 0-85

erature coefficient is about 2 (between 25°-—40° and it does not
appreciably change in presence of hydroquinone (Duar, Proc. Akad.
Wet. Amsterdam 1919, 21, 1042). It has been found that so long
as about one third of the substance is oxidised, the unimolecular
velocity coefficient remains practically constant, but as the oxidation
proceeds further, the velocity coefficient increases rapidly, and hence
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it becomes very difficult to determine the temperature coefficient
accurately. It appears therefore that the reaction is auto-catalytic.

Mararws and his colleagues (Jour. Phys. chem. 1913, 17, 211;
Jour. Amer. chem Soc. 1917, 39, 635) found that ultraviolet light
markedly accelerates this reaction, and also established the fact that
this is not a case of auto-oxidation. IFor this reaction, they could
not find a positive catalyst; copper sulphate, which is known to be
a powerful catalyst under ordinary conditions exerted no appreciable
effect in ultra-violet light. On the other hand the negative catalysts
like hydroquinone, phenol efc. exerted a retarding effect in presence
of ultra-violet light. So it appears that there are very few positive
omalysts, but very many negative ones for this reaction when carried
_out in light or darkness.
 The explanation of the negative catalytic effect of organic sub-
stances in general on this reaction is this:

The reaction consists in the oxidation of SO, radical into SO,,
and the sulphite ion is the active agent. Itis well known that several
organic substances form complexes with sulphurous acid and sulph-
ites; these complexes are stable so far as oxidation is concerned
and hence the organic substances act as negative catalysts by dimin-
ishing the concentration of sulphite ion by combining with it.

In foregoing papers I have proved that the phenomenon of nega-
tive catalysis is very common, whilst there are very few positive
catalysts. According to LUTHER’s view a negative catalyst must have
a positive catalyst .as its counterpart, but this is not probable since
there are so few positive catalysts and so many negative ones.
Hence it appears that Lurner’s view which emphlasises that nega-
tive catalysis cannot take place in a reaction which is entirely free
from positive catalysts, is not substantiated by experimental evidence.

Summary.

a. Cane sugar, lactose, glucose, camphor, and menthol are nega-
tive catalysts, whilst naphthalene, and anthracene are without action
on the oxidation of sodium sulphite.

b. The . weak organic acids and their sodium salts exert practic-
ally the same effect. Benzoic, oxalic, salicylic acids and their sodium
salts exert greater negative effect than the weak acids and their
salts. It is very peculiar that the acid and its salt should exert the
same effect.

¢. The temperature coefficient of the reaction is about 2 and it
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does not change appreciably in presence of the sfrong negative
catalyst hydroquinone.

d. The phenomenon of negative catalysis is very common in
oxidation reactions. Lurner’s view which emphasises that negative

“catalysis cannot take place in a reaction which is entirely free from

positive catalysts, is not substantiated by experimental evidence.

¢. The organic substances act as negative catalysts by diminishing
the concentration of the sulphite ion, which is the active agent in
this oxidation; the diminution in concentration of sulphite ion is
caused by the formation of a stable complex of the sulfite and the
organic substance; this complex is not oxidized as readily as the
sulphite ion.

c. Catalytic activity of the undissociated acid.

In recent years the question of acid cafalysis has entered info a
new period; and as a result of the accamulation of new observa-
tions and of increased exactitude in the measurement of the velocity
of reactions, evidence has been obfained in support of the view that
the catalysing power of an acid is not entirely due to the hydrogen
ion, but that the undissociated acid also contributes to the observed effect.

This investigation had for its object the determination of the
function of the undissociated parts of oxalic and picric acids in the
hydrolysis of methyl acetate.

The experiments were all conducted at 45°. Dry pure potassium

oxalate and sodium picrate were added in different quantities to

diminish the ionisation of the respective acids. The former salt was
crystallised from Merok’s pure sample, and the latter was prepared
from puare materials and purified by repeated crystallisations.
The following summary of results is obtained ')
ralic acid.

Conc. of acid. | Conc. of KoC,04 g%g—-(ég—g% K,
‘05 N — . — 000091
» ‘0038 N 13:16 0-00065
» ‘0114 N 4-38 000044
" ‘0174 N 237 0-00042
" 0278 N 179 000038
» 0590 N . 1'02 000011

1) The experiments described. here were finished in 1913,
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Picric acid.

e
Conc. of acid. Sodgx(:lmi)i?;ate. ' g;:;? E%:?Lf? N
‘03 N | — - 0:00135
" 00031 N 967 000139
" 00050 N 6.00 0.00141
» 00513 N 058 0°00173
" 007718 N’ 038 0:00160
" 01161 N 025 000153
,, 0-1597 N 018 0.00134
" 03066 N 009 000122

It will be evident from the foregoing tables that the velocity
coefficients do not decrease proportionally with the decrease in the
concentration of the hydrogen ions. In the case of oxalic acid the
velocity coefficients fall off with the concentration of potassium
oxalate; whilst in the case of picric acid the addition of sodium
picrate produces af first an increase in the velocity coefficient and

then when the concentration of sodium picrate reaches the value of

0159 N, the velocity coefficients begin to fall off. This is explicable
on the assumption that even undissociated acids are catalytically

active in the hydrolysis of esters. But in view of the work of

WarLpeN (Jour. Amer. Chem. Soc. 1912, 85, 1649) on the measure-
ment of the di-electric constants of solutions, a different interpretation
of these results is possible. WarLpeN has shown with non-aqueous
solutions that the di-electric constant and the ionising power of a
solvent are enormously increased when electrolyts are dissolved in
it. Naturally the degree of ionisation of the dissolved acid and along
with il the concentration of hydrogen ions are also increased. Thus
by the addition of salts of the same acids, there are two effects :

1. The diminution of hydrogen ions due to the increase of the
common negative ion.

9. The increase in the concentration of the hydrogen ions due to
the greater ionisation of the acid caused by the increase in the
di-electric constant of the solvent.

It is evident that these two effects counteract each other.

In the case of potassium oxalate the first effect preponderates
over the second and hence the velocity coefficient falls off with the
concenfration of potassium oxalate, whilst in the case of picric acid
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the secoud effect predominates over the first and the velocity coeffi-
cient instead of decreasing, increases with the concentration of
sodinm picrate.

Moreover WaLDEN has shown that there are two types of salts
with regard to their effects on the di-electric constant of the solvent
He has observed that N(CH,),Cl markedly increases the di-electric
constant of the solvent, whilst CH,NH,HCI affects this constant to
a very slight extent. It is quite possible that even in aqueous solution
salts like potassium oxalate, sodium acetate, efc. do not increase
appreciably the ionising power of the solvent and the velocity of
the reaction in its presence does not increase. In this way we can
explain the negative effect of potassium oxalate and positive effect
of sodium picrate on ester hydrolysis from the point of view of the
change of the di-electric constant of the solvent due to the dissolution
of electrolytes.

SUMMARY.

a. The hydrolysis of methyl acetate was investigated in presence
of oxalic acid and picric acid and sodium picrate. In the former case,
the velocity ~coefficient falls off, whilst in the case of picrie acid,
the velocity coefficient increases with the concentration of sodium
picrate up to a certain extent and then decreases with the increase
of the concentration of sodium picrate.

b. An explanation of these results is suggested on the basis of the
increase of the di-electric constant and ionising power of the solvent
observed by WarLpux when salts are disselved in it.

Chemical Laboratory Muir Ceniral College,
Allahabad, India.






