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cular hydrogen in aqueous solution were investigated over a wide range of 
conditions between 30 and 120°C. The rate was found to be independent of 
dichromate at sufficiently high concentrations of this oxidizing agent. The 
observed kinetics were consistent with the two simultaneous reaction paths, 

(1) H 2 + 2Ag+ —» intermediates products 

giving third order kinetics; and,' 

(2) H 2 + Ag+ ± , A g H + H+ 

A g H + Ag+ intermediates -h> products 

The mechanism (1) predominated at low temperatures while the mechanism 
(2) accounted for most of the reaction at higher temperatures. Mechanism (2) 
was supported by experiments in which deuterium, added as D 2 0 to the aqueous 
phase appeared as H D in the gas phase during the course of the reaction. As 
the dichromate concentration approached zero (at 110°C) the reaction assumed 
a high order in the Ag+ concentration; this appears to reflect the aggregation 
of silver ions into incipient nuclei of metal particles. 

The precipitation by hydrogen of silver metal from solutions of silver per-
chlorate, acetate and ethylene diamine was examined. The basic complexing 
agents accelerated the reaction, probably by stabilizing the protons released in 
the first step of reaction (2). The magnitude of the effect follows the order 
acetate, ethylene diamine, H 2 0 . 

The reduction of permanganate by molecular hydrogen was studied over a 
wide p H range. The initial step, 

H2 + M n 0 4 - M n 0 4
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was proposed to account for the kinetics in both acidic and basic solutions. 
Silver perehlorate was found to act as a homogeneous catalyst for this reduction. 
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ABSTRACT 

The kinetics of the silver ion catalysed reduction of Or^OrT by molecular 
hydrogen in aqueous solution were investigated over a wide range of. conditions 
between 30° and 120aC. The rate was found to be independent of Cr^O^- at 
sufficiently high concentrations of this oxidizing agent. The observed 
kinetics were consistent with the existence of two simultaneous reaction, 
paths, 

+ k I 
(1) Hg + 2 Ag > intermediates —^products, 

giving third order kinetics, and, 
(2) H + Ag+. ;— L-* AgH + H+ 

k - l 
k2 

AgH+'Ag > intermediates—»products. 
The mechanism (l) predominated at low temperatures while the mechanism (2) 
accounted for most of the reaction at higher temperatures. Mechanism 
(2) was supported by experiments in which deuterium, added as D̂O to the 
aqueous phase, appeared as HD in the gas phase during the course of the 
reaction. As the Cr(Yl) concentration approached zero (at 1109C), the re­
action assumed a high order in Ag+ concentration; this appeared to reflect 
the aggregation of silver ions into incipient nuclei of metal particles. 

The precipitation by hydrogen of silver metal from silver perchlorate, 
acetate, and ethylene diamine solutions was examined. The basic complexing 
agents accelerated the reaction, probably by stabilizing the proton released 
in the first step of reaction (2). The magnitude of the effect followed 
the order, acetate > ethylene diamine > Ĥ O. 

Reduction of MnÔ  by molecular hydrogen was studied over a wide pH 
range. The initial step, 



i i 

H 2 + Mn04~ — » }inQ* + 2 H + 

was proposed to account f o r the k i n e t i c s i n both a c i d and basic s o l u t i o n s . 

SiJLver perchlorate was found to be a homogeneous c a t a l y s t f o r t h i s reduction. 

The mechanism of the catalysed r e a c t i o n may be, 

Ag + + Mn04" r 5 ^ AgMn04 ( f a s t ) 

AgMnO. + B,0 * intermediates -r-r» products. 
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8. Dependence of the rate on the concentration of AgClÔ  30 
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after reduction by hydrogen .. .. . . . . 92 

36. Typical rate plots for the reduction of permanganate by 
hydrogen in acid solution .. 95 

37' Dependence of the rate of reduction of permanganate on 
H0 pressure .. • •• 96 



ix 

Pig. No. Page 
38. Arrhenius plot for the reduction of permanganate by 

hydrogen in 0.3 M. HC104 • 97 
39. Rate plots for the reduction of permanganate in 0.3 M. 

NaOH. Manganate and permanganate both determined 101 
40. Rate plots for the reduction of permanganate by hydrogen 

in 0.3 M. NaOH. Total oxidizing capacity of the 
solutions determined; manganese assumed to be 
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J\ KINETIC EjTUDY OF SOME HOMOGENEOUS REACTIONS 

OF MOLECULAR HYDROGEN WITH METAL IONS 

IN AQUEOUS SOLUTION 

INTRODUCTION 

GENERAL CONSIDERATIONS OF HYDROGENATION REACTIONS 

The investigation reported in this thesis forms part of a general kinetic 

study of the homogeneous reactions of molecular hydrogen with inorganic com­

pounds in aqueous solution. This work has included investigations of the 

reactions of hydrogen with cupric, mercuric, and mercurous salts,, and is 

here extended to salts of silver and of permanganate. 

This extensive investigation of the reactions of hydrogen with in­

organic substances was undertaken for three principal reasons: (l) the 

importance of hydrogen as a reducing agent in hydrometallurgy, (2) the 

similarities which might be expected to exist between the homogeneous and 

heterogeneous reactions pf hydrogen, and ( 3 ) the importance of the reactions 

of hydrogen in the investigation pf the principles governing the kinetics and 

mechanisms of chemical reactions in general. 

In hydrometallurgy, reduction by hydrogen may be used to recover nickel, 

cobalt, and copper in metallic form from leach solutions containing salts of 

these metals ( l , 2, 3 ) . The precipitation of nickel and cobalt, after 

initiation by some nucleating agent;, proceeds by heterogeneous catalysis on 

the surface of the metal particles present in the solution. The reaction 

between cupric salts and hydrogen has been shown to take place homogeneously, 

no nucleating agent being necessary to start the reaction ( 4 ) . By careful 

control of solution composition and operating conditions, these metals may 
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be selectively precipitated from mixed solutions ( 5 ) . Further, the oxides 

of vanadium and uranium may be obtained in concentrated form by reduction 

of soluble compounds such as vanadate (6) and uranyl salts (7) to the 

insoluble oxides VgO^ and UOg, respectively, in the presence of nickel powder 

which functions;as a catalyst. In ponnection with reactions such as these, 

i t seemed of interest to clarify the mechanisms by which hydrogen- can react 

with inorganic salts in solution, and hence to establish the factors which 

affect the rates of these reactions. The study of the homogeneous reactions, 

in particular, would be useful, since their kinetics should be more amenable 

to interpretation than those of heterogeneous reactions. 

Some parallelism between the homogeneous and heterogeneous reactions 

of hydrogen was anticipated on the assumption that both types of reaction 

involve the activation of hydrogen by the displacement of electrons from 

the hydrogen molecule to unfilled low^lying energy bands in the solids, or 

unfilled low energy orbitals in the ions in solution. The relationship 

between the two types of reactions has been.discussed previously (8). For 

heterogeneous catalysts such as nickel, platinum, and palladium, the 

electrons from the hydrogen are believed to enter "holes" in the d bands 

of the metals (9, 10, l l ) . Support for this view is provided by the de­

crease in the paramagnetic susceptibility of such metals (which.indicates 

the f i l l i n g of the d bands) upon the adsorption of hydrogen (12), by the 

decrease in catalytic activity upon alloying the catalyst with a second 

metal of higher valence which donates electrons to f i l l the d bands-(13, 14), 

and by the poisoning of the catalysts by strongly adsorbed electron-

donating molecules such as alkyl sulphides (15, 16). Very strong ad­

sorption by a reactant or product in the catalysed reaction will also 

poison the catalyst (17)• It has been pointed out (8) that the reactions 
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of hydrogen with metal ions in solution also appear to involve displacement 

of electrons to vacant low energy levels, and that those ions which react 

with hydrogen are "isoelectronic" with atoms of the metals which, in the 

solid state, are catalysts for hydrogenation reactions. The decrease in 

reactivity of cupric and mercuric ions which takes place on complexing with 

ethylene diamine can be attributed to the f i l l i n g of the electron accepting 

orbitals, just as poisoning by sulphides was attributed to the f i l l i n g of 

the d band holes of heterogeneous catalysts. 

The importance of the reactipns of hydrogen in the general study of 

chemical kinetics and mechanisms lie s principally in the relative simplicity 

of the hydrogen molecule. In hydrogenation processes difficulties due to 

side reactions and bond rearrangements w i l l be minimized, and hence there 

will be a greater probability that the mechanism of the hydrogenation can 

be determined. Hydrogen can take part in chemical reactions under a 

variety of conditions and a number of different mechanisms have been 

developed to account for these reactions. In order to place the homogeneous 

hydrogenation reactions in their proper perspective a few examples of 

different types of reactions of hydrogen will be reviewed briefly. 

In the gas phase, the reaction between Ĥ  and Br^ (18) is governed by 

a chain mechanism involving H and Br atoms as chain carriers (l9). Because 

of the high dissociation energy of the hydrogen molecule (lQ3 kcal./mole) 

chain initiation by the thermal reaction, Ĥ  —> 2H j.s unlikely, thus in the 

Hri-Br0 reaction, the chain initiation step is probably Br_r-»2Br, while in 

the homogeneous hydrogenation pf ethylene (20) the f i r s t stage is believed 

to be 

H + C 2H 4 > H + C2H£ 
with an activation energy of about 60 or 70 kcal./mole (21, 22). 



-4-

Molecular hydrogen may however be disspciated by collision with photo-

excited atoms, for example, 

Xg(\) + H 2 > 2 H + Hg. 

The H atoms so produped may then react with ethylene (23). On the other 

hand, as in the formation of HI from Hg and Ig, reactions of hydrogen may 

involve a simple bimolecular mechanism. The chain mechanism.does not 

compete with the direct reaction in this system (18) because of the high 

endothermicity (ca. 33 kcal./mole) of the step, 

H 2 + I —> HI + H. 

The gas phase reactions of hydrogen, such as those mentioned above, 

usually proceed with quite high activation energies. However, on the 

surfaces of certain metals, hydrogen will react much more readily. For 

example, the apparent activation energy is 43 kcal./mole in the gas phase 

for the hydrogenation of ethylene, but only 11 kcal./mole on a nickel 

surface (25). Some aspects of this type of catalysis were discussed 

above. Certain semi-conductors (2$) such as ZnO (27) and Ci^O^ (28, 29) 

also will catalyse hydrogenation reactions. In this connection i t has 

been reported that an increase in the number pf free electrons, in the 

case of ZnO (n-type), or decrease in the number of holes, in the case of 

CXgÔ  (p-type), increases the activity of the catalyst for Ĥ -Dg exchange. 

The opposite would be expected i f the activation involved the transfer 

of electrons from the hydrogen to the catalyst as was postulated for 

the transition metal catalysts. However, the adsorption of hydrogen 

at 300°C on p-type semi- inductors reduces conductivity, while adsorption 

on an n-type semi-conductor increases conductivity (30)j this is as would 

be expepted for the donation of electrons from the hydrogen to the oxide. 

The reasons for these conflicting indications in the case pf semi-conducting 
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catalysts are not understood. 

Among the heterogeneous reactions of hydrogen on oxide surfaces are 

those in which the oxide itself is reduced (l»e, to a metal and water) 

(31» 32, 33)« These reactions are generally autocatalytic, but attempts 

to relate their'rates to the semi-conducting properties of the oxides 

have not been successful. 

Hydrogen dissolved in a liquid can also undergo heterogeneous 

reaction on the surface of a solid catalyst, e.g. a transition metal. 

It can also be activated in solution by the enzyme hydrogenase (34, 35), 

which has been shown to catalyse the hydrogenation of fumarate, and 

the Hg - Dg exchange. Homogeneous activation of hydrogen may also 

be effected by certain metallic salts in aqueous or non-aqueous solution. 

The salt may its e l f be reduced or, alternatively, may catalyse the 

reduction of an otherwise inert substrate which is, present in the 

solution. It is with such homogeneous reactions that the present study 

is concerned. 

HOMOGENEOUS REACTIONS OP MOLECULAR HYDROGEN IN SOLUTION 

A number of systems in which hydrogen reacts homogeneously in a 

liquid phase (both aqueous and organic) have been described and studied 

kinetically. The hydrogen-activating species in these systems i s 

generally a metal ion or a metal containing complex. The results of 

these kinetic investigations have been repently reviewed (36, 37) and 

are here summarized in Tables I and II. During the investigation of 

these reactions some effects of variation of solvent and of complexing 

agents have been studied; the relative rates obtained with various 

ligands attached to Cu + + (57) and Hg + + (61, 62) ions in aqueous solution 

are listed in Table III. 
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TABLE I 
Summary of homogeneous reactions of molecular hydrpgen inorganic solvents 

Hydrogenation 
Reaction 

Catalyst Solvent Kinetics AH* 
kcal.mole ̂  

!• AS* 
cal. deg.̂ mple""̂ " 

Temp. 
»C. 

Proposed Mechanism Refs. 

AgOAc-<-4AgO 
i • 1 1 ;' 

mm pyridine k[H2][AgOAc] 12-T14 -25 25 to 78 
' ' ". 1 , 1 1 !*, ') • 

AgOAc + H2 -riU AgH + HOAc 
AgH + AgOAp 2 Ag + HOAp 

(38)(39) 

Cu(OAc)2-» CuOAc CuOAc pyridine k[H2][CuOAc] 

i 

100 CuOAc + Hg-^ CUH + HOAc 
CuH + 2Cu(OAc)2̂

a^>3CuOAc + HOAc 
(38) 

Cu ( OAc ) CuOAc 
p-benzoquinone 
—)quinhyd̂ pne 

o-p H2 conversion 
D^HD 

CuOAc quinoline k[H2][CuOAc] 13-16 -20 25 to 117 H2 + 2Cu(l) -£* 2Cu(l)H 
Cu(l)H + Cu(ll) -^>2Cu(l) + H+ 

Cu(l)H + substrate — - r — » products 
+ Cu(l) 

C2H4 + H2-^C2H6 PtCl2(C2H4)2 acetone 

(40)(41) 
(42)(43) 
(44)(45) 

-30 to 0 2PtCl0(C0H/1)9+2H0-»(PtCl0C0H/I)0+2C2H6 (47) •2V 2 4'2 2 ' 2 2 4'2 
(PtCl2C2H4)2+2C2H4-> 2PtCl„(C0H/1), u2'"2"4/2 

Hydroformylation 
Hydrogenation of 
a>$ unsaturated 
carbonyl compounds 

Co2(C0)8 benzene, 
ether 

k-^PH^CoJrx] 

^ + k2 PC0 

k, 
90 to 200 Qo2(C0)8 + x?gJ=^Co2(C0)7X + CO (48)(49) 

Co2(CD)7X + H2-^>Co2(CO)6 + HXCHO (50)(5l) 
Co2(C0)6 + 200->C02(C0)8 

P2^HD NH, NH, k[NH2~][H2] -50 D2 + NH2 D + DffiL (52) 
o-p H2 conversion D * HNHg—>HD + NH2 
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TABLE II 

Summary of homogeneous reactions of molecular hydrogen in aqueous solution 

Hydrogenation 
Reaction 

Catalyst Kinetics AH* 
kcal.mQle"̂  

\ 

AS* 
cal.deg. "'"mole ^ 

Cr(Vl)-»Cr(lIl) Cu + + ^[Cu^J^H^ . 26 -10 

io3"->n;2 

Ce(lv)-»Ce(lIl) 

(k_1/k2)[H+]+[Cu+ 

Cr(Yl)->Cr(lIl) 
2Cu(0Ac)2—»Cu20 

Cu(0Ac)2 k[Cu(OAc)2KH2l 24 , -7 

2Hg++-^Hg2
++ k[Hg++][H2] 18 -12 

Hg2++ -+2Hg° k[Hg2
++][H2] 20 -10 

Mn04"-»Mn02 k[Mn04"][H2] 16 -12 

Co(NH5)2
+^Co° hydro-

quinone 

1 

Temp. Proposed Mechanism Refs. 
»C 

1̂ 
80 to 140 Cut+ + H„ Z^r^ CuH+ + H+ (53) (54) . 2 k_x 

CuH* + Cu + +-^2Cu + + H+ (55) 
Cu+ + substrate •••̂ as^ > Cu++ + products 

r " • i 1 i • 1 • — i " : — • 1 1 • i 1 —* r-> 

80 to 140 Cu(0Ac)2 + H2 CuH+ + HOAc + OAc" (56.) ( 58) 
CuH* + Cu(ll)—» 2 Cu(l) + H+ (59) 

65 to 100 Kg4"1" + H2^-*Hg + 2H+ (8) (60) 
vr IT + + fast. u ++ Hg + Hg * Hg2 

65 to 100 Hgg4"* + H2 2Hg + 2H+ (8)(60) 
i . . 2 Hg 4 ^ 2 Hg x 

6 to 25 MnÔ  + H -*Mn04
= + 2 H+ (63) (64) 

Mn04
3 ftst> Mn02 (65) 

H 2 + Q F=i Q H 2 (68) 
Q H 2 + C O ( N H 5 ) 2

+ + T - > Q + Co + 2NH4
+ 

D2̂ HD. Or k[H2][QH_] 23 -7 80 to 110 + QH~->D~ + DOH (66) 
o-p H2 conversion HOH + D~-* 0H~ + HD 
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TABLE III 
Relative reactivities of complexes of Cu(ll) and of Hg(ll) 

ComDlexing P K . (a) Rate of activation of N 
N l 0 g K s t (b) Agent H (relative to hyd- Nq. of ligands N l 0 g K s t (b) Agent 

rated ion) per ccraplex 

1 2 Cm(ll) Hg(H) Cu(ll) Hg(H) Cu(ll) Hg(ll) 

Ethylene 7.2 10.0 0.1 
v 
0,001 2 2 10.01 11.71 

Diamine 

Glycine 2.34 9.78 <0.5 - 2 - 7.77 

Butyrate 4.81 - 150 - 2 - -

Propionate 4.87 - 150 0-04 2 - -

Acetate 4.76 - 120 0.04 2 2 1.65 4.21 

Sulphate - 1.92 7 1.8 1 1 0.6 1-34 

Water - . - 1 1 - - - -

Bromide T - 0.0017 - 2 - 7.54 

Chloride -> - 2.7 0.0025 4 2 - 1 4 5 6,61 

(a) pKA = - log ̂ B][H+3 

[BH+] 
(b) Stability constant, K , [MB ] 

st = n  
[M][B]n 

References: (8), (57), (69), (70), (71), (76). 
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On the bas is of t h e i r k i n e t i c hehamour the homogeneous hydrogenation 

reac t ions i n v o l v i n g copper, mercury, and s i l v e r ions may be c l a s s i f i e d 

i n to two types , i . e . those reac t ions i n which two metal atoms p a r t i c i p a t e 

i n the a c t i v a t i o n process and those which involve only one metal atom. 

The a c t i v a t i o n of hydrogen by mercurous ions (60) i n aqueous s o l u t i o n 

and cuprous acetate (40-45) i n qu ino l ine i s of the former type, whi le 

reac t ions i n which hydrogen i s ac t ivated, by mercuric (60) and cupr ic (54) 

ions i n aqueous s o l u t i o n and by s i l v e r and cuprous acetates (38) i n 

py r id ine are of the l a t t e r type . I t i s l i k e l y that the i n i t i a l a c t i v ­

a t i o n process i n some of these reac t ions invo lves the re lease of a proton, 

i . e . , 

M+ + H2 —> MH + H+. 
The presence of a su i t ab le base (which may be e i t h e r a solvent 

molecule or a complexing agent) adjacent to the metal i o n w i l l tend to 

s t a b i l i z e t h i s proton and may thus accelera te the r e a c t i o n and prevent 

poss ib le back reac t ions (57, 61, 67)- On the other hand, very strong 

complexing of the c a t i o n appears to i n h i b i t the r e a c t i o n ; t h i s may be 

due to f i l l i n g of the low energy o r b i t a l s i n the i o n by- e lec t rons from 

the l i g a n d . 

Some of the other reac t ions l i s t e d i n Tables I and I I possess 

features of s p e c i a l i n t e r e s t . The reac t ions cata lysed by ethylene 

p la t inous ch lo r ide (47) and d i coba l t octacarbonyl ( 5 l ) are the only ones 

which invo lve the hydrogenation of unsaturated C:C double bonds. The 

ra te of the ethylene p la t inous ch lo r ide r e a c t i o n appears to f a l l o f f 

sharply above -15°C. The deuterium exchange reac t ions observed i n bas ic 

aqueous (66) and ammoniacal (52) so lu t ions appear unique i n that no metal 

i o n i s invo lved i n the c a t a l y s i s . I t has been found, however, that 
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hydroxyl ion will not catalyse hydrogen reductions in aqueous solution. 

The exchange reaction probably occurs by a mechanism involving synchron­

ized proton transfer (66). Only a qualitative account (68) has been 

given of the reduction of cobaltous sulphate in the presence of hydro-

quinpne. The permanganate reaction (63) appears to be the only reported 

case pf the homogeneous uncatalysed reduction of anoxy-anion by hydrogen. 

A further investigation of this reaction is included in the present work. 

PREVIOUS INVESTIGATIONS OP HYDROGENATIONS INVOLVING SILVER AND 

PERMANGANATE SALTS 

It has been known for many years (.72). that, hydrogen will precipitate 

silver from aqueous solutions of silver nitrate and ammoniacal silver 

chloride. No kinetic measurements on this system ha/1 been reported at 

the time that this investigation was undertaken. A few measurements 

reported recently (.73) using silver sulphate solution suggest that the 

reaction, following an induction period,is f i r s t order in the silver salt 

and has an activation energy of about 20 kcal./mole. Qualitative 

observations have also been made (39) which indicate that silver is slowly 

precipitated by hydrogen at atmospheric pressure from aqueous solutions 

containing silver acetate and silver-pyridine complexes. The reduction 

of silver acetate in pyridine solution by hydrogen (39) was found to be 

fi r s t order in the concentration of Ag(l). 

The ability of silver salts to promote the absorption of hydrogen 

by neutral aqueous permanganate solu^ipns has been demonstrated (74, 75). 

A precipitate, reported to consist of AggMngÔ  and AggMngÔ , was formed 

which apparently catalysed heterpgeneously the permanganate reduction 

reaction. The rate measurements, however, indicated that there was some 
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c o n t r i b u t i o n from a homogeneous r e a c t i o n i n v o l v i n g - s i l v e r i o n as a c a t a l y s t . 

Since i t appeared that t h i s c a t a l y t i c ef fec t was l a r g e r than that observed 

i n the reduc t ion of diphromate (vide i n f r a ) , an i n v e s t i g a t i o n of t h i s 

system was undertaken us ing ac id so lu t ions where c o m p l i c a t i o n s due t o h e t e r o ­

geneous c a t a l y t i c con t r ibu t ions were minimized. P re l imina ry to t h i s i n ­

v e s t i g a t i o n , a k i n e t i c study of the uncatalysed reduct ion of permanganate 

by hydrogen i n a c i d s o l u t i o n was necessary. This r e a c t i o n has been 

p rev ious ly examined i n some d e t a i l i n neut ra l s o l u t i o n (63) where the 

k i n e t i c s were reported to be f i r s t order in.permanganate concentra t ion 

and firs\ order i n hydrogen pressure. Some ea r ly r e s u l t s have a l so been 

reported f o r a c i d and a l k a l i n e so lu t ions (64, 65), but these were q u a l i ­

t a t i v e and of a , con t rad ic to ry nature. 

OBJECT AND SCOPE OP THIS INVESTIGATION 

The k i n e t i c s of the homogeneous react ions, of. hydrogen i n aqueous 

s o l u t i o n w i th c u p r i c , mercur ic , and mercurous ions , and some of t h e i r 

oomplexes have been p rev ious ly inves t iga ted i n . d e t a i l , as reported above, 

and mechanisms f o r these reac t ions have been proposed. An extension of 

these i nves t i ga t i ons to the r eac t i on of a simple un iva len t c a t i o n appeared 

des i rab le and s i l v e r s a l t s , which were found to react w i th hydrogen at 

ra tes convenient f o r study and without undue compl ica t ions , appeared to 

be a l o g i c a l choice f o r t h i s purpose. The f i r s t part o f t h i s t h e s i s , 

therefore , describes a k i n e t i c i n v e s t i g a t i o n of the a c t i v a t i o n of hydrogen 

i n aqueous s o l u t i o n by s i l v e r s a l t s ( p r i n c i p a l l y the pe rch lo ra te ) , as 

revealed by t h e i r c a t a l y t i c effect on the reduc t ion of dichromate, whose 

uncatalysed r eac t i on w i th hydrogen i s n e g l i g i b l y s low. Some of the 

d e t a i l s of the mechanism were e luc ida ted by us ing an aqueous solvent 
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enriched with D^O and measuring the rate of formation of HD. The kinetics 

of the precipitation pf metallic silver from.solutions of various silver 

gaits by reduction with hydrogen were also examined, particularly to 

obtain information about the effect of complexing.on the activation of 

hydrogen by silver ipns. 

The second part of this thesis relates to the:homogeneous reduction 

of permanganate in aqueous solution by hydrogenv 'The kinetics of this 

reaction were Investigated over a wider pH range than previously, and in 

addition, i t s catalysis by silver salts was. examined in detail. 
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PART I - THE HOMOGENEOUS ACTIVATION OP HYDROGEN 
BY SILVER SALTS 

EXPERIMENTAL 

MATERIALS 
The perchlorate salts used in this investigation,. AgClÔ , NaClÔ , 

and CeCciO^)^ were G.P. Smith Co. reagent grade products. Hydrogen and 
nitrogen gases were obtained from the Canadian Liquid Air Co. Ethylene 
diamine was Eastman Kodak "White Label" grade. The deuterium oxide 
(99.57o) was supplied by the Stuart Oxygen Co. All other chemicals were 
either Baker and Adamson or B.D.H. reagent grade products. In some 
experiments AgClÔ  and NaClÔ  solutions were prepared by neutralizing 
perchloric acid with silver oxide and sodium hydroxide, respectively. 
The experimental solutions were prepared, by diluting aliquots of 
standardized stock solutions. 

ANALYSIS 
Dichromate concentrations were determined spectrophotometrically 

at 350 nijx using a Beckman DU or DK-2 spectrophotometer. Changes in 
the extinction coefficient with acid concentration were determined 
experimentally; a small correction was applied, to compensate for the 
absorption of the product Cr(lll). Silver concentrations were determined 
by KCNS titration in acid solution using a ferric indicator. In reactions 
involving precipitation of silver the solutions were filtered before 
titration. When Ce(lV) was used in place of QT^J^" as the reducible 
substrate, its concentration was found by the addition of excess 
standardized PeSO. and back "titration with Ce(HS0.) . In the determination 
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of the acidity of solutions containing a high concentration of Cr(lll) 
(from the reduction of Cr 20 7~), corrections were applied to compensate 
for acid consumed during the reduction and.for base consumed by the 
precipitation of ̂ ^Oy Hydrogen - nitrogen gas mixtures were analysed 
by oxidation of the hydrogen over CuO. 

The deuterium content of the solvent used in the exchange 
experiments was determined by specific gra-vdty measurements (77) before 
the addition of solutes. The concentration of the final solution was 
calculated, allowance being made for HgO added with the reagents. The 
H2 - HD gas samples were analysed using a 90° Nier type mass spectrometer*. 
The observed ratios of mass 3/ m ass 2 peaks were corrected for the contri­
bution of the H^+ ions by subtracting the experimentally determined mass 3/ 
mass 2 ratio for ordinary hydrogen. The variation of this ratio with ion 
current is shown in Appendix B. 

PROCEDURE 
For the low temperature investigations (30° to 70°C) the glass appa­

ratus shown schematically in Fig. 1 was immersed in a water bath thermo-
stated to - 0.03°• The hydrogen gas was passed through a NaNÔ  solution 
to establish the required partial pressure of water vapour, and was 
then dispersed through a sintered glass plate into the reacting solution. 
It was determined that the hydrogen flow rate did not affect the observed 
reaction rate} hence it may be assumed that the solutions were saturated 
with hydrogen. After placing 250 ml. of the solution of the desired 

* The mass spectrometric analyses were made.by Dr. D. J. Fabian of the 
Department of Chemistry, U.B.C., whose assistance is gratefully acknowledged. 



Fig. 1. Apparatus for Experiments at 30° to 70°C. 



composition in the apparatus, the system was., allowed to attain thermal 

equilibrium. The solution was sampled twice, to determine i t s stability 

and then the hydrogen was introduced. The zero- time was uncertain by the 

interval required to achieve saturation of the solution. The solution 

was sampled periodically and the samples were analysed as described 

previously. The partial pressure of hydrogen was determined by-

correcting the observed atmospheric pressure for the vapour pressure of 

the solution, estimated on the basis of recorded data for uni-uni valent 

electrolytes. Variation of the hydrogen partial pressure was achieved, 

when desired, by using analysed hydrogen * nitrogen mixtures. 

For the high temperature studies a stainless steel autoclave 

fitted with a titanium liner, sampling tube, impeller, thermometer well, 

and thermoregulator well was used (Fig. 2). A teflon shield prevented 

splashing onto the roof of the autoclave. The apparatus was heated by 

an external gas burner. The temperature was. controlled to - 0.4° by means 

of a mercury thermoregulator which, through an electronic relay, activated 

a solenoid valve controlling the gas supply. The hydrogen pressure in 

the autoclave was controlled by a standard gas regulator and measured by 

a Bourdon type gauge; corrections were applied for the vapour pressure 

of the solution. The solution was stirred by an iupeller of 3 inches 

diameter which was generally rotated at 900 r.p.m. It was ascertained 

that the observed reaction velocities were independent of the rate of 

stirring. 

Three lit e r s of solution of the desired composition were placed in 

the autoclave and heated to temperature under a:nitrogen atmosphere. 

The solution was held under nitrogen, generally for 15 to 30 minutes, 

and sampled to determine i t s stability. After a thorough flushing 
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with hydrogen, a constant pressure of hydrogen was maintained. The 
zero time of the reaction was uncertain by about four minutes, the 
time required for flushing. As in the case of the low temperature 
experiments the solution was periodically, sampled and analysed. 

Experiments were conducted using,., as. solvent, a mixture of 
deuterium and protium oxides with the object of following the 
appearance of HD in the gas phase. For this purpose a gas sampling 
train, shown in Fig. J» was fitted to the exhaust valve of the autoclave. 
After release from the autoclave, the gas.sample was passed into the 
evacuated train which contained ice and liquid air traps and a sample 
bulb of about 25 c.c. capacity. The gas samples were analysed mass 
spectrometrically as described previously. The general procedure for 
the deuterium exchange experiments was similar, to that ordinarily used, 
except that no hydrogen was admitted to the apparatus after the 
commencement of the reduction. The dead.volume of the system under 
the initial conditions of the experiments was determined as 1.74 liters. 
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A Impeller Shaft G Teflon Shield 
B Impeller Blade H Gas Inlet 
C Thermoregulator Well I Gas Exhaust Valve 
D Thermometer Well J Sampling Valve 
E Sampling Tube K Pulley 
F Titanium Liner L Packing Gland 

Fig. 2 . Stainless Steel Autoclave. 
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A Exhaust Valve of Autoclave 
B Ice Trap 
G Liquid A i r Trap 

D Sample Bulb 
E Manometer 
F To Pump 

Fig, 3. Gas Sampling System for Exchange Experiments, 
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RESULTS AND DISCUSSION 

A. SILVER ION CATALYSIS OF THE REDUCTION OF DICHROMATE 

In the presence of AgClO^, Crg07~ was found to react with Hg, over 

a wide range of conditions, according to the following stoichiometric 

relation, 

CrgO^ + 3 Hg + 8 H + — » 2 C r + + + + 7 HgO ( l ) . 

In no case was there any indication of the formation of metallic silver 

until after the reduction of dichromate had gone to.completion. Further­

more, no. reduction of dichromate took place in.the absence of the catalyst. 

For convenience the formula Crg07"~ will be employed to denote a l l the 

Cr(Vl) in solution. It is probable, however, that other forms of Cr(Vl), 

in particular HCrO^", are present and may in fact predominate (78). For 

most of the conditions under which the reaction was studied, the exact 

form of the Cr(Vl) is not of importance. Also, since Crg0 7~ does not 

generally enter into the rate determining step of the reaction, i t is 

more appropriate, in accord with the usual convention, to formulate the 

rate law in terms of the rate of reaction of hydrogen (represented 

formally as -fd[Hg]/dt). This rate of reaction is related to the measured 

rate of reduction of dichromate by the stoichiometry of equation ( l ) , i.e., 
d[Hj 3 d[Cr 0 = ] _ _ L . = _ 2 J _ { 2 h 

dt dt 

The kinetics of the reaction (l) were studied under two sets of 

conditions, conveniently designated as "low temperature" and "high 

temperature"; the range of variables coyered in the two regions of the 

investigation can be summarized as, 
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Low temperature region High temperature region 

Temperature 

AgC104 

HC104 

Hydrogen Pressure 

Temperature of most 
detailed study 

300 _ 700c 

0.02 - 0.11 M. 

0.1 - 1.0 M. 

0 - 0.9 atm. 

50°C 

85° - 120°C 

0.005 - 0.028 M. 

0.02 - 0.1 M. 

0 - 4 atm. 

110°C 

The general form of the kinetics in the low temperature region was 

quite different from the form in the high temperature region. An 

examination of the experimental results suggested.a rate law of the form, 

d[H 2l 
dt 

kI[Ag"tr32[H23 (3) 

at low temperatures, and of the form, 

d[H2] 
dt 

k ^ A g + J 2 ^ ] 

-III k^[H +] + [Ag+J 
(4) 

at high temperatures. The rate law (3), i t will be noted, is similar to 

the one proposed for the activation of hydrogen by CuOAc in quinoline, and 

the rate law (4) is similar to the one found for the activation of hydrogen 

by Cu in perchloric acid solution. The two rate laws apparently apply 

to two independent processes which proceed simultaneously, and hence the 

total rate i s given by, 

...... (5) d[H2], d[H2] 
dt dt 

d[H2J 
dt II 

The experimental conditions in the two' sections of the study were such 

that the path corresponding to rate (i) was favoured in the low temperature 

region, while that corresponding to rate ( l l ) was favoured in the high 

temperature region. 
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The procedure followed in evaluating the constants in these equations 

was as follows, 

1. An approximate Arrhenius expression for was calculated using 

the experimental results of the low temperature study. 

2. The values of k^ were calculated for the higher temperatures and 

the approximate values of - d[E^]/dt]^ were determined. These values 

were subtracted from the observed rates in this region to give an 

approximation of - d.[E^]/dt]^ from which Arrhenius expressions for k^^ 

and k ^ could be determined. 

3. The values of k^ and k j j were extrapolated to lower temperatures 

and used to calculate values of - dtHgl/dt].^ which could be applied as 

corrections to - d[H2]/dt, giving a better approximation of - dtHgl/dtj^. 

4. Steps l.( to 3« of this procedure were repeated to self consistency, 

i.e. until there was no further change in values of the constants k^, 

kj j , and k j j . 

The detailed results will be considered in two parts, f i r s t for the 

low temperature region, and then for the. high temperature region. In 

the discussion of the results a justification will be presented for the 

rate laws stated above. 

Low Temperature Results 

A series of typical rate plots determined at. 50°C is shown in Pig. 4. 

The rate of disappearance of CrgO^- is seen to be essentially zero order 

with respect to the changing concentration of CrgOy- and unaffected by 

variations in the i n i t i a l concentration. Addition of CrCclO^)^ in 

amounts comparable to those formed during the reaction were also found 

to be without effect on the rate (see Table IV). A small induction 
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TABLE IV 

Rates of reaction of H in the presence of AgClO. at 50°C. 

Temp. 4 
Reactant x 10 HC10. NaClO. k T x 10 5 

i n i t i a l cone. 4 4 

M . M. M. 2 -2 -1 1. mole sec. 

49.6 1.67'K Cr 0 0.10 0.90 6.79 
49.6 1.67 2 2 7 0.20 0.80 6.68 
49.6 1.67 0.50 0.50 6.93 
49.6 1.67 0.75 0.25 6.91 
49.6 1.67 1.00 0.00 7.54 
49.6 1.67 1.00 0.00 7.22 
49.6 1.67 1.29 0.00 7.24 

49.6 1.67 K_Cr_07 0.50 0.00 7.08 
49.6 1.67 2 2 7 0.50 0.50 6.83 
49.6 1.67 0.50 1.00 6.63 
49.6 1.67 0.50 1.50 6.21 
49.6 1.67 0.50 2.00 5.53 

49.6 1.67 K oCr o0„ 0.50 0.00 7.11 
49.6 1.67 2 2 7 0.50 0.00 6.91 (a) 

50.0 0.67 K.Cr_07 0.50 0.00 6.96 (b) 
50.0 1.00 2.' 2 7 0.50 0.00 6.99 (c) 
50.0 1.33 0.50 0.00 7.10 (d) 
50.0 1.67 0.50 0.00 7.50 (e) 

50.0 1.20 Ce(C!0 4) 4 0.50 0.00 6.68 (f) 

(a) Reaction vessel packed with 2.2 grams of Pyrex glass wool. 

(b) Hydrogen flow rate: 0.35 l i t e r min.""'" 

(c) " " " : 0.09 " " 

(d) " " 11 : 0.21 " 

(e) Solution 2 X 10~4 M. in C r C c i O ^ . 

(f) Rate corrected for rate of decomposition of Ce(lV) in the presence 
of AgC104 without hydrogen, and also for a small apparent rate of 
reaction of Ce(iv) with hydrogen in absence of AgClO.. 
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4. Typical rate plots for the reduction of Cr 20 7 by H 2 

at 50°C; 0.1 M. AgC104; 0.88 atm. H 2. 
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period was noted at the commencement of most of the reactions, before the 

final zero order rate was attained. This may be an apparent effect due 

to the presence in the solution of a trace amount of an impurity which 

reduces preferentially to Cr^O^. For example, i t is estimated that less 
-5 

than 10 M. C10^ could account for the observed effect. It may be con­

cluded that Cx^0rj~ does not participate in the rate determining step 

although i t s reduction serves as a convenient measure of the rate of 

reaction of hydrogen in solution. Values of - d[H2]/dt were calculated 

from the measured zero order rate of disappearance of C r o 0 ~ and were 

Evidence for the absence of any large degree of interaction, such 

as complex formation between Ag + and CT^0^~ in solution, is provided by 

the observation that the absorption spectra of Cr^0^~ and Ag + are almost 

additive, as shown in Fig. 5. 

The suggestion that CT^O^" does not take part in the rate determining 

step receives support from the result of an experiment (Table IV) in which 
j l l l — 

Ce was substituted for C r , ^ & s the reaction substrate. Within the 

experimental error involved in the comparison, the rate of reaction of 

hydrogen calculated from the zero order rate of reaction of Ce + + + +, is the 

same as that determined using CrgO^". 

Evidence for the homogeneous character of the reaction is provided 

by the results of another experiment (see Table IV) in which the reaction 

vessel was packed with 2.2 grams of Pyrex glass wool. The rate was the 

same as in the unpacked vessel. 

Figure 6* shows the rate of reaction to be directly proportional to 

* The data for1 the figures in the text are tabulated in Appendix A. 

generally reproducible to within 



Fig. 5. Absorption spectra of K 2Cr 207, AgClO^, and a mixed solution of K 2Cr 20 7 

and AgClCv Solutions 0.5 M. HCIO^. 
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Fig. 6. Dependence of the rate on H2 partial pressure 
at 49.6°C ; 0.5 M. HC104 ; 0.1 M. AgClO^. 
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the partial pressure of hydrogen. Since the solubility of hydrogen in 

water in this region obeys Henry's law. (79) i t may also be concluded that 

the rate is proportional to the concentration of hydrogen in solution, [H^]. 

Wiebe and Gaddy's data (80) for the solubility of hydrogen in water were 

used for the evaluation of rate constant's expressed, in concentration units. 

The small effect of the electrolytes on the solubility of hydrogen was 

neglected in the absence of data for solutions of the compositions employed 

in this investigation. 

The catalytic influence of Ag+ on the reaction is clearly demonstrated 

in Fig. 7 which shows rate plots for the reduction of Cv^)^~ by Ĥ  in 

solutions containing various amounts of AgClO^. No reaction could be 

detected in the absence of Ag+, while progressively higher rates were 
4-

obtained as the Ag concentration was increased up to 0.108 M. The 

nature of the dependence is shown more explicitly i n Fig. 8, where the 

reaction rates determined at 40°, 50°, and' 70°C are plotted as functions 

of the silver concentration. In Fig. 9 these rates are replotted as 

functions of the square of the silver concentration. At each temperature 

i t is observed that the results conform approximately to a second order 
+ 2 

plot, the rate being roughly proportional to [Ag ] . Detailed inspection 
reveals a deviation from this relation in the direction of lower order, 

+ 2 

reflected in the fact that the plots of rate against [Ag ] are not 

exactly linear. However, when the finally determined values of - dtH^l/dt] 

are subtracted from the observed rates to give - dtHgj/dt]^, these 

deviations are removed, as the plots, also shown in Fig. 9, demonstrate. 

Results similar to those reported above were obtained in a series of 

experiments at 5Q°C in which nitrate was. substituted for perchlorate. The 

slope of the nearly linear plot of rate against [AgNO,] shown in Fig. 10, 
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TIME - MINUTES 

Fig. 7. Rate plots for the reduction of Cr 2 o ; by H ^ i n solutions 
containing different amounts of AgC104; Temp, 50°C. H 2 

pressure, 0.88 atm.; Solutions 0.5 M. HCIO4. 
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is about IO70 lower than that for comparable perchlorate solutions, possibly 

the result of some complexing between Ag + and NÔ  or the influence of a 

small salt effect on the reaction or on the solubility of Ĥ . 

The results listed in Table IV show that essentially no effect on the 

rate was observed when HCIO^ concentration was varied between 0.1 and 1.0 M. 

(the total ionic strength being held constant at 1.1 by simultaneous 

variation of the NaClO^ concentration). Also a negligible effect was 

observed when the NaCIO, concentration was varied between zero and 1.0 M. 

in the presence of constant concentrations, of 0.1 M. AgClO^ and 0.5 M. 

HCIO^. At higher NaClO^ concentrations (l.5 -'2.0 M.) a slight decrease 

in the rate was noted. Unfortunately no measurements of the salt effect 

could be made in solutions of much lower ionic strength (i.e. <0.l) 

because of the need to maintain c r i t i c a l minimum concentrations of both 

AgClO^ and HCIO^ in the solution i n order to obtain measurable reaction 

rates and to prevent the precipitation of the slightly soluble silver 

chromate. 

The rates measured at five different: temperatures from 30° to 70°C 

gave the Arrhenius plot shown in Fig. 11. From the slope of this plot 

an apparent activation energy of 14.7 - 0.5 kcal./mole was calculated. 

From the results presented above i t may be concluded that the 

relationship given by equation (3) adequately describes the kinetics of 

the reaction in the low temperature region, after corrections have been 

applied for the contribution of - dtHgj/dt]^- The expression for k̂ . 

was found to be, 

kj = 6.8X 10 7 exp [- 14.7 X 10 5/ RT] l i t e r mole"1 sec" 1. 

The corresponding values of the entropy and enthalpy of activation are 

AS* = - 25 - 2 cal. deg."1 mole"1 and AH* = 14.1 - 0.5 kcal. mole"1, 
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the standard states being hypothetical.-1 mole l i t e r (activity coefficients 

neglected). 

High Temperature Results 

Kinetic measurements obtained... from, autoclave experiments are compared 

in Table V with measurements made in the- glass apparatus at 70°C. The 

results are of the same form aa ..those found in the glass apparatus (see 

Pig. 12) but the measured rates appear..-to. be about 12% lower; this small 

discrepancy might be due to any of a number of factors, relating to the 

difference in the procedures used, e.g.. small errors in the absolute 

temperature and pressure measurements.. In this, connection i t should be 

noted that the conditions under which the comparison is made are close to 

the extreme limits of applicability of both procedures. Both measurements 

are therefore subject to maximum experimeTrtal. error. 

The typical rate plots for the reduction of. dichromate at 1109C, 

shown in Fig. 13, differ from those, obtained" at the. low temperatures, in 

that at low Cr^O^ concentrations the. rates are no. longer zero order in 

CrgCy-, but show a positive dependence, on the CrgCy" concentration. 

The investigation of the kinetics in the high temperature region 

may therefore be divided into two parts, the. first, concerned with the 

region in which the rate is independent: of the CT^O^ concentration, and 

the second with the region of low CrgCy" concentrations. Experimentally 

the two regions were investigated separately. The zero order rates, 

which are more easily interpreted,, will.be. considered f i r s t . 

(i) High dichromate concentration 

From the slopes of the ini t i a l , linear portions of the rate plots 
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TABLB Vi 

Comparison of rates in autoclave and in glass apparatus 

Initial CrgCv,- concentration,. 1.6? 10~^ M. 

HC10. concentration,. 0.5 M. 

Apparatus AgC104 Hg Pressure Temp. - d[H2]/dt - d[Hg]/dt 

M. _ atm. 8C mole 1. "'"sec. 1 mole 1. "'"sec. 

glass 0.0402 0.705 

autoclave 0.0381 4.0 

autoclave 0.0389 4.0 

* Rate converted to 4.0 atm. H2; 69.7°C; 0.0381 M. AgClO. on the basis 
of kinetics previously determined. 

70.0 3.64 X 10 1.79 X 10"' * 

69.7 1.59 X 10~7 1.59 X 10 - 7 

69.7 1.67 X 10~7 (1.60 X 10 - 7) 
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TIME r MINUTES 
Fig. 12. Rate plot for the reduction of CrgOy by H2 at 69.7°C. 

Experiment carried out in autoclave (cf. Fig. 4 for rate plots 
determined using glass apparatus). Solution 0.0389 M. AgClÔ ; 
H2 pressure, 4.0 atm. 
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shown in Fig. 13 the rates of reduction of Cr^O^ by hydrogen can be 

calculated. These observed rates were expressed in terms of <- dtHgJ/dt 

as discussed previously. The results presented in Table VI indicate that 

the rates increase as the i n i t i a l dichromate concentration is raised. 

It appears, however, that a limiting, rate is approached, as may be seen 

by reference to Fig. 14, in which the variation of the rate is plotted 

against i n i t i a l CrgO^- concentration. An endeavour was made to conduct 

the experiments under conditions such that the observed rates were close 

to this limiting rate. Solutions.initially 2.5 X 10 ^ M. in Cr^0^~ 

were generally employed, this upper limit of the concentration being 

fixed by the solubility of silver chromate. From Fig. 14 i t may be 

estimated that errors due to failure to attain the limiting rate may be 

about 10$. 

Fig. 15 shows .the rate of the reaction to be directly proportional 

to the partial pressure of hydrogen at 110°C, in agreement with observ­

ations reported for 50°C. It may be concluded,, as in the low temper­

ature investigation, that the rate is also proportional, to the con-

centration of in solution; this, concentration was calculated as 

described earlier.* 

The rate curves plotted in Fig. 16 indicate, the effect of AgClO^ 

on the reaction at 110°C. When the rates determined from the linear 

portions of these curves are plotted (Fig. 17), the dependence of 

- dfHgj/dt on AgClO^ concentration is shown more clearly. From a 

comparison of the results for solutions 0.03 and 0.1 M. in HQIÔ , i t is 

apparent that the acid concentration has a large effect on the observed 

* Extrapolation of Wiebe and Gaddy's values (80) gave Bunsen absorption 
coefficients of 0.0188 and 0.0198 at 1100 and 120", respectively. 
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H 2 INTRODUCED 

TIME - MINUTES 

. 13. Typical rate plots for the reduction of CrzOx by H 2 at 
110°C. Solutions 9.6 X IO" 3 M. AgC104; 3.1 X 10"^ M. HC104; 
H 2 pressure, 4.0 atm. 
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TABLE VI 

Rates of reaction of hydrogen in the presence of AgClO^ at 1109C, as deter­

mined from the I n i t i a l linear portions of the rate plots. 

EL Pressure, 4.0-atm. 

Initial C r ^ X 10 5 AgC104 X 10 5 HC104 X 10 2 - d[H2]/dt X 10 7 

M. M. M.(a) , , -1 -1 mole 1. sec. 

1.25 9.5 3.0 5.4 

2.50 9.6 3.1 6.5 

3-33 9.6 3.2 6.9 

2.50 9.5 3.0 5.8 (b) 

2.50 10.0 10.1 3-5 (c) 

2.50 9.9 10.4 3.6 (d) 

(a) Initial concentration; acid is consumed during the reaction according 

to equation ( l ) . 

(b) Solution 0.27 M... in NaClO^ 

(c) Impeller rotated at 900 r.p.m. 

(d) " " " 750 r.p.m. 



Fig. 14. Effect of i n i t i a l Cr 20 7 concentration on the rate 
at 110°C as determined from the i n i t i a l linear portions 
of the plots in Fig. 13. 
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Fig. 16. Rate plots for the reaction of Cr2C>7 with H 2 i n solutions 
containing different amounts of AgC104 at 110°G. Solutions 
0.1 M. HC104; H 2 pressure, 4.0 atm. 
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!5 

AgClO* X IO 3 - MOLE LITER' 

Fig. 17. Dependence of the rate on AgClOi, concentration at 110 
H 2 pressure, 4.0 atm. 
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kinetics at high temperatures.. This is i n marked contrast to the behaviour 

of the system at 50<>C (see Table IV). 

The results can be treated more quantitatively by application of 

equation (4), 

d .[H2] 
T"~dt 

k I I[Ag t] 2[H 2] 

II " ki^H*] + [Ag+] 

This equation may be rearranged to give ,* 

Ag*] k i l [H+] 
dLH~I 

+ 1 (6) 
k T T[Hj[Ag +] k H [ H 2 J 

dt J n II L 2 

A.plot of [AgClO^]/rate against 1/tAgClO^] at constant acid concentration 

should be linear, according to equation (6). Fig. 18 shows plots of this 

type for both - dt'HgJ/dt and - dtHgJ/dt]^; values of the latter were found 

with the aid of the finally determined expression for - d[H 2]/dt]j. It is 

seen that the plots for - diE^l/dt]^ are. indeed linear. 

Equation (6) suggests also that 1/ - d[H 2]/dt]jj should be linearly 

dependent upon [HCIO^] at constant Ag"*- concentration. The results plotted 

in Fig. 19 (obtained at constant, ionic strength) are i r accord with this. 

Increasing the ionic strength from 0.04 to 0.31 by the addition of 

sodium perchlorate (see Table Vi) produced a slight decrease in the rate. 

Examination of equation (6) reveals that values of k^j and kJj.̂  can be 

calculated from the slopes and intercepts of. the plots shown in Fig;,. 18 

and 19. The results of such calculations,... for various conditions, are 

listed in Table VII. 

Reference to Table VII indicates that the values of the constants 

obtained by variation of the AgClO^ concentrations are in reasonable 

agreement with each other, but that the results found by variation of the 

HCIO^ concentration are somewhat lower. This may be due in part to the 
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6 U 

HGIO^: 
O 0.031 M. 
Q 0.102 M. 

dt 

d[H2] 
dt 

o l 
10 20 

1 
"AgClO^] 

-2 - 1 

X 10 - LITER -MOLE ' 

Fig. 18. Dependence of the rate on AgClO^ concentration; 
plotted according to equation (6). Temp. 110°C; H 2 

pressure, 4.0 atm. 
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Fig. 1 9 . Dependence of the rate on UCIO^ concentration; plotted 
according to equation ( 6 ) , Temp. 110°C; solutions, 9 .5 X 10~3 M. 
AgClO^; H 2 pressure, 4 . 0 atm. 
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TABLE VII 
Values of k T T and k' determined at temperatures from 859 to 1209C. 

Temp, 

oc 

k j j X 102 

1 1 - 1 -1 
1.mole sec. 

k i i Determined by variation of 

110.0 4.1 0.39 [AgClO^j with [HC104] = 0.Q3 M. 

no.o 4.3 0.44 [AgC1043; with [HC104J = 0.10 M. 

no.o 3-3 0.33 [HC104]; with [AgC1043 - 9.5 10~5M.JA = 0.31 

85.0 0.44 0.11 [Agei04];, with [HC104] = 0.03 M. 

100.8 1.8 0.23 [AgC104J; with [HC104] =0.03 M. 

120.3 8.7 0.62 [AgC104]; with [HC104J = 0.03 M. 
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higher ionic strength at which the latter experiments were carried out. 

It should be realized, also, that quite large errors are inherent in the 

method which must be used to evaluate k^' and k^.. 

The rate plots shown in.Pig.* 20 were determined at temperatures from 

85° to 120°C. It will be noted that the magnitude of the deviations from 

linearity decrease as the temperature i s lowered; that i s , the rate plots 

approach the zero order plots observed i n the studies made between 30° and 

70°C. By varying the AgClO^ concentration, while holding the HCIO^ 

concentration constant, series of rates at different temperatures were 

obtained and plotted according to equation (6.) (see Fig. 2l). The values 

of k j j and k.'^ listed in Table VII were then determined. From these data 

the plots of log k.^ and log kj-j against l/T, shown in Fig. 22, were 

constructed. The expressions for these, constants were found to be, 

kj j = 1.2 X 1Q^12 " ̂  exp[-(24 - 2) X 10 5 / RT] 1.mole"1seci"1 

k ^ = 2.3 X 10^7 ~ 2^ exp[-(l4 - 4) X 10 5 / RT] . 

The uncertainties in the determination of k^^ and kj.^ are i n t r i n s i ­

cally large. The values of - dtflgJ/dt may be somewhat dependent upon 

the i n i t i a l dichromate concentration, as: noted previously. There are 

uncertainties in the magnitude of. -r .dlHgJ/dtlj which is determined, 

essentially, by extrapolation from low temperature. The evaluation of 

kj j involves a quite large extrapolation, while determination of kj.j 

depends both upon the value of k^j and the measurement of the slope of 

the plot made according to equation (6) (see Figs. 18 and 19). It is 

estimated that the possible errors are generally about t 15% for k. II 
and - 25% for k^. 
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CO 

I 
o 

X 

CM 
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o 
(JO 

TEMP. 

O 85.0°C 
O 100.8°C 
• 110.0°C 
A 120.3°C 

1 X 10 -2 LITER MOLE -1 

Fig. 21. Dependence of the rate on silver perchlorate concentration 
at different temperatures; plotted according to equation (6). 
Solutions 0.03 M. HC104; H 2 pressure, 4.0 atm. 
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( i i ) Low dichromate concentration 

From an examination of Figs. 13, 16, and. 20, i t may be concluded 

qualitatively that the deviations from linearity in the rate plots 

increase with (l) increasing acid concentration, (2) increasing temperature, 

and (3) decreasing silver ion concentration. A more detailed investig-

at ion of the rates at low dichromate concentrations was carried out using 
-4 -1 = 

solutions with about 1.67 X 10 mole l i t e r of C r 2 0 7 i n i t i a l l y present. 

In Fig. 23 are found typical rate plots obtained, in this investigation. 

These may be represented empirically by an equation of the form, 
d[Hj _ 

1 == ( f c Q + K± [CT^]) [H2] (7) 

The 

dt 

data presented in Table VIII indicate that K Q and <^ are independent 

of the hydrogen pressure (and concentration) and of the i n i t i a l C r 2 0 7
= 

concentration, at least up to 3.35 X 10"^ M . Cr 20 7~. It is apparent tfyat 

this relationship cannot hold at high dichromate concentrations since in 

that region the rate is independent of the concentration of the oxidizing 

agent. The Cr(Vl) concentration i s s t i l l formally represented by C r 2 0 7
= 

in moles liter"'*', but i t should be realized that this i s not the only 

species present. It has been suggested (78) that the principal equi­

librium involving Cr(Vl) species under these conditions i s , 

H2Q + C r 2 0 7
= 2 HCr04" • 

Other measurements (81) indicate that the formation of H"2Cr04 and HCr 20 7~ 

may also take place. The interpretation of the kinetic results can be" 

simplified somewhat by considering only \C Q, which is essentially inde­

pendent of the form in which the Cr(Vl) is present. Determinations of K 
G 

and fc^ were reproducible to about - 5%« 

Figure 24 shows rate plots for the reduction of dichromate at various 
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TABLE VIII 

Rates of reaction between Cr^O^ and Hg at low CT^O^ concentrations 

Temp. 110°C 

Initial H AgClO. X 10J HC10. NaCIO IC X 10 K. X 10' 
Or- 0 r X 10 4 Pressure 4 4 0 

M. atm. M. M. M. -1 
sec. l.mole - 1! 

0.98 4.0 9.55 0.10 - . 0.78 0.97 

1.67 4.0 9.57 0.10 - 0.78 0.97 

3-35 4.0 9.59 0.10 - 0.81 0.95 

1.67 1.0 9.44 0.03 - 2.1 3.0 

1.67 2.0 9-48 0.03 - 2.3 2.8 

1.67 3.0 9.56 0.03 - 2.3 2.8 

1.67 4.0 9.54 0.03 - 2.3 2.7 

1.67 4.0 9.55 0.03 0.03 2.5 2.6 

1.67 4.0 9.58 0.03 0.07 2.7 2.3 

1.67 4.0 9.52 0.03 0.17 2.9 .2.1 

1.67 4.0 9.56 0.03 0.27 3.2 2.0 

-1 
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TIME - MINUTES 

Fig. 23. Typical rate plots for the reduction of dichromate by-
hydrogen at low dichromate concentrations. Temp. 110°C, 
Solutions 9.6 X 10" 3 M. AgCl(\; 0.10 M. HC104; H 2 pressure, 
4.0 atm. ' 
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AgClO. 

V 
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O 
• 
A 

0T0000 M. 
0.0076 M. 
0.0101 M. 
0.0125 M. 
0.0167 M. 

_ J — 
1,00 
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TIME . -
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Fig. 24. Rate plots for the reduction of C r 2 0 7 by hydrogen at 110 C 
in solutions containing different amounts of AgC10 4. Solutions 1.67 X 10~k M. Cr 2 0; i n i t i a l l y ; 0.1 M. HC10 4; H 2 pressure, 4.0 atm. 
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AgClO^ concentrations; the large' effect of a.relatively small change in 

silver concentration will be noted. Values of kQ obtained from these 

plots were used to construct Fig. 25 in which a linear relation between 

log kQ and log [AgClO^] is indicated. From Fig. 25 the empirical equations, 

IC q = 60 [AgC10 4] 5* 4 sec.""1, with [HCIO^ = 0.1 M. 

and, 

KQ = 6.8 X 10 2 [AgC10 4] 5' 7 sec. - 1, with [HCIO^ = 0,03 M. 

for IC were found, o 
The dependence of l/K o ° n the HC104 concentration is shown in Fig. 26; 

from this plpt the empirical equation, 

k> 14.4 X 10~3 sec." 1  

K o = 1 + 134 LHCIO43 

with [AgC104l = 9.6 X 10"^ M. may be. deduced. Reference to Table VIII 

indicates that with increasing-ionic strength. rCQ increases and IC 

decreases. No detailed examination: of the effect of temperature was 

made. 

Discussion 

The form of equations. ( 3 ) , (4), and. (5) appears to describe the 

observed kinetics adequately, when the rates are independent of the Cr 20 7" 

concentration. Some observed rates are. compared in Table IX with values 

of - dtELj/dt calculated using the expressions for k^, k.^, and k ^ given 

earlier*. The good agreement betweenthe observed and calculated values 

* More explicitly, the following expressions were used, 
i i r 7 0 7 , _ 14750 (liter mole^sec." 1) log kj = 7.833 ~ 4.576 T 

v- - io rv7« - 23640 (liter mole" sec." ) log k n = 12.078 - T < 

log k i j = 7.366 - ^ % L r 
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LOG [AgC10j (MOLE LITER"1) 

Fig. 25. _Dependence of LOG K Q on LOG [AgClÔ .] . Solutions 1.67 X.10"4 M. 
CrzO^ i n i t i a l l y ; Temp. 110°C; determinations made at 4.0 atm. H2. 



Fig. 26. Dependence of l / t 0 on HGIO4 concentration. Solutions 
1.6? X 10 _ i + M. Cr 2 0 7 i n i t i a l l y ; 9.6 X 10~3 M. AgC104; U = 0.31. 
Temp. 110°C; determinations made at 4.0 atm. H 2. 
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TABLE IX 
A comparison of some observed rates-of. reaction of hydrogen 

in the presence of AgClO. with" the corresponding calculated rates 

Temp. AgClQ. HC10. P̂  Calculated Rates ̂  Obs.Rates ..Discrepancy 
2 mole liter" sec." m.l." secT ^d[H2ri -d[H n -d[H2] d̂[H2,] 

........ dt J j dtJjj dt~ dt' 
OC M. M. atm. X 108 X 108 X 108 X 108 

... • .j ...I il — i - i» ,">A • i..T »mm., - . . . . M M , — •̂•J.-|-pTi— - - ilm— '»• i —up- • • • - I N « i • 1.1,̂,',,. iiii' ' • , .- in'!'., i •'.n— —, 
30 0.100 0.5 0.948 1.16 0.08 1.24 1.22 +2% 
50 0.0395 0.5 0.878 0.72 0.27 0.99 1..03 -4% 
70 0.0402 0.5 0.705 2.28 1,37 5-65 3*64 
70 0.1001 0.5 0.693 13 .9 4.3 18.2 17.7 +3% 

85 0.0151 0.0310 4.0 4.65 16.6 21.3 21.0 +1% 
85 0.0279 0.0324 4.0 15.8 33*4 49-2 46.8 +5% 
110 0.00995 0.1014 4.0 8.76 26.9 35.7 35.0 +2% 
UO 0.01249 0.0309 4.0 13.8 85.1 98.9 100.2 -1% 
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qver a wide range of conditions may toe seen from the selection of the results 

presented. It will toe noted that" this agreement holds for rates which are 

composed of contributions of comparable magnitude from both - d[H23/dt3j 

and - dtHgl/dtjjj- The possibility exists, of course, that some other rate 

law might be constructed which would f i t the observations, but i t is unlikely 

that i t would have as simple a form" as the. rate law considered here. 

The formulation of the rate equation as the sum of two terms implies 

the existence of two parallel mechanisms, It will be convenient to con­

sider the mechanisms in a slightly different order from the sequence in 

which the results were presented, First, the mechanism (ll),.corresponding 

to -'d[H 2]/dt]j I t will be discussed, followed by an interpretation of the 

results at low Cr2Q7"" concentration; finally the mechanism (i) will be 

cqnsidered. 

(i) Mechanism of path (ll) 

The form of the rateexpression, 

d[H2] 
dt 

k n[Ag +] 2[H 2] 

II " k l j [H+] + [Ag+3 

suggests a mechanism similar to that proposed for the Cu -> E^ reaction 

in perchloric acfd'(55). The.first step" in such a, scheme is the formation 

of an intermediate hydride with the release of a proton, 

^ + a q + H2 ^ Haq. + H + a q ( 8) 
i - • .. 

Silver ion then competes with hydrogen ion for this intermediate, 
k 

H + + AgH > Ag + H 2 (8a) 

+ \ f a s t 

Ag + AgH -r intermediates > products .. (9) 

In the presence of the Cr207~",. the intermediates in equation (9) reduce 
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Cr(Vl) to C r ( l l l ) with the regeneration, of. silver ions. Since the postu­

lated intermediate AgH wi l l be unstable, i t will not be present in macro­

scopic concentration; the steady state condition, - d[AgH]/dt = 0, may 

therefore be applied, The rate equation, 
+ i2 r d[H2] 

dt = 1 I do) 
II (k /k )[H +] + [Ag+3 

then follows, in which identification is made between k^ and k^^, and 

between the ratio k -jAg and k j j . 

From the known expression for k^^ i t follows that the step represented 

by equation (8) takes place with AH* = 2 3 - 2 kcal. mole - 1 and AS* = -6 - 5 

cal. deg.^mole"1 at 110°C (standard states are hypothetical 1 mole l i t e r ^ 1 ) . 

This entropy of activation appears to be_, within experimental error, normal 

for a second order reaction (82). 

This interpretation requires that the endothermicity of reaction (8) 

should not be greater than the activation energy assigned to this step, i.e. 

23 - 2 kcal. mole - 1. The endothermicity of the reaction, 

Ag + + H 0 * AgH + H + 

^ aq 2 g • ^ g aq 

may be estimated as 42 kcal. mole"1 from thermochemical data (83). The 

principal uncertainty i n this calculation is in the heat of formation of 

AgH , estimated to be - 6 kcal> mole"1 (84). The heat of solvation of 

the "silver hydride" may be reasonably large, since i t is possible that 
'6+6-

the molecule is quite polar, AgH; the endothermicity of the reaction 

forming AgH & ^ would then be much lower than the 42 kcal. quoted above, 

i.e. consistent with an activation energy of 23 r 2 kcal. mole"1. In this 

connection i t should be noted that the intermediate AgH has also been pro­

posed in a mechanism for the reduction of AgOAc in pyridine (39). 
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+ 

Other schemes for the f i r s t reaction step between Ag and Hg correspond 

to even higher endothermicities, and- are- therefore even more difficult to 

reconcile with the experimental results, for example, 

Ag + + H 0 > Ag° +H + H + AH = +95 kcal. 

aq 2 g g g aq 

It is unlikely that the -solvation energies of the atomic species Ag° and H 

are very large. A reaction of the type, 

Ag + + H 0 » Ag° + H* AH = +179 kcal. 
g 2 g 2 g 

would be unlikely since the difference between the solvation energies of 

Ag + and Hg+ would probably be too small to lower the endothermicity to the 

point where i t would be consistent with the observed activation energy. 

In the proposed mechanism {reactions (8), (8a), and (9) ) the ratio 

k ^/kg is the quotient of two bimolecular rate constants, which might be 

expected to have frequency factors-of comparable magnitude. However, the 
experimental values of k ^ lead to a value of the ratio A^/Ag of the 

7 

order of 2 X 10 , which corresponds to a.difference of activation entropies 

AS* 1 - AS*g = 34 - 10 cal. deg.^mole - 1. The difference between the 

apparent enthalpies of activation i s correspondingly high, AH*^ - AHg* = 

1 4 - 4 kcal. mole - 1. A possible explanation of the large apparent 

difference in frequency factors is that the formation of the activated 

complex from AgH and H + is accompanied by an abnormal entropy increase 

resulting from "desolvation of the proton", while the reverse effect (i.e. 

an abnormal entropy decrease resulting from "incipient proton hydration" 

in the activated complex) may accompany-the competing reaction between AgH 

and Ag +. A pre-equilibrlum in this reaction of the type, 

AgH + Ag + ^ K s AggH* (exothermic) 
followed by, k, f a s t 

AggH+ "> intermediates > products. 
where kg = K kg, might be possible. If the formation of AggH+ were exo-



thermic and the activation energy of were small, k^ could have a 

negative temperature coefficient. Here again a low entropy of active 

ation would have to be assumed. It - is impossible, however, to verify 

i.n detail any schemes pf this type. The. determination of the temp-

erature dependence of the ratio k. ̂ /k^ for. the Cu catalysed reduction 
r 

of dichromate would be of interest. 

( i i ) Low dichromate concentration 

In the region of low dichromate concentration at 11C-8C, the 

mechanism can only be discussed qualitatively. The complexity of the 

reaction, exemplified by the high order dependence upon AgClO^ con­

centration, and the uncertainty in the exact form of the Cr(VI), 

preclude any detailed treatment. It would appear, however, that the 

following points should be considered in. a treatment of the variation 

of K . 
o 

(1) There appears to be a back reaction competing with Cr^)^~ 

for the reaction intermediates. 

(2) The marked decrease in K q with increasing HCIO^ indicates 

that the back reaction involves H+. 

(3) The high order dependence of (? q on AgClO^ concentration indi­

cates the aggregation of a number of Ag + ions into an intermediate. 

Such an aggregation is to be expected for. a process involving incipient 

nucleation (85). 

(4) The aggregation process is not of the type, intermediate plus 

intermediate, since the rate is directly, proportional to the partial 

pressure of hydrogen. 

These general points may be summarized by a formal scheme, 
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intermediate / , \, 
n Ag+ + H 2 ^ - = * [ A g ^ ] ^ 1 ^ + H + 

steps 
fast 

[AgnH ]n"" + Ag —> [Ag n + 1H] — r> reaction; products 

The mean value of "n" attained i n the aggregation process will depend on 

the concentrations of Cr(¥l) and ac^d. 

Reference to Table X will show that the observed values of K q[E^] 

(i.e. the final rates as Cr(Vl) —» 0) may be less than the calculated 

values of - dCH^J/dtJ^. This would indicate that the reaction (i) 

is also reversible under conditions of low Cr(¥l) concentration and high 

temperature. 

( i i i ) Mechanism of path (i) 

The kinetics of the reaction path ( i ) , 

•d[H2] 
dt = k T[Ag +] 2DH.] 

I 
indicate a termolecular process involving, two Ag + ions and one H 2 

molecule. The intermediate produced by this combination would then react 

rapidly with c**20^= to yield the observed products. The entropy of 

activation, -25 - 2 cal. deg.'^mole"1 would.appear reasonable for a ter­

molecular process. 

An alternative to a termolecular step would be a scheme such as, 

2 Ag + ^ Ag 2
+ + (fast) 

++ 
Ag 2 + H 2 —> intermediates — * products 

This would not be kinetically distinguishable from the termolecular process 
++ 

unless the dimer Ag 2 were present in quite high concentration. Evidence 

from the Raman spectra of solutions of silver salts indicates that no dimer 

is present in concentrations greater than 0.1% of the total silver (86). 
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TABLB-X 

A comparison of observed values of K &n(i calculated 

values of - dtRgl/dtJj at 110°C, 4.0 atm. H 2 

AgC104 X 10 2 

M. 

HC10. 4 
M.­

K AzJ x 108 

0 2 
, , -1 -1 

mole 1. sec. 

- d[E2\/dt]1 X 10 8 

mole 1. sec. 

0.763 O.I 1.2 5.1 

1.67 0.1 17.4 24.4 

0.506 0.03 0.69 2.2 

1.25 0.03 20.3 13.6 
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This mechanism is not intrinsically any more probable than a termolecular 

step (87). A pre-equilibTi^™""involving.AgHg+ would appear unlikely, since 

this species would be expected to- form AgH + H+. 

The product of the rate controlling step cannot be known precisely, 

but might possibly be approximated by one of the schemes, 

(1) Ag 2H 2
+ + (2)Ag 2H + + H + (3) 2 (AgH+) 

(4) 2 Ag° + 2 H + or (5) Agg + 2 H + , 

Formulations involving H atoms have been neglected since these probably 

would be energetically unfavourable. The intermediate (l) would probably 

be unstable with respect to (2) on account of the high energy of solvation 

of the proton. The species in (4) and (5) are improbable on energetic 

grounds; the reactions producing 2 Ag 9 and Agg with 2 H + ions are endo-

thermic by 88 and 47 kcal. mole - 1, respectively*, neglecting solvation of 

the Ag° or Agg. By analogy with the species CuH+, which is believed to 
++ + 

be the intermediate in the-activation of Hg by c u and Cu , representation 

(3), i.e. AgH+ appears to be a reasonable possibility. Energetically, 

2 AgH+ would probably be favoured over AggH* since the Ag - H bond (84) 

is stronger than the Ag r- Ag bond (88): by about 16 kcal. 

The essential independence of the rate, within f a i r l y wide limits, 

pf H + and ClO^" concentrations provides some support for the conclusion 

that the observed activity is associated with Ag + ions, rather than with 

OH" or ClO^" complexes, whose concentrations in these solutions i s prpbably 

small. The apparent absence of a salt effect is inconclusive since the 

measurements refer to a concentration region in which the Debye - Huckel 

theory does not apply. The commonly noted tendency fpr the aptivity 

* Calculated cn the basis pf thermpchemical data (83) and the spectro­
scopic dissociation energy of Ag_ (88). 
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coefficients of many electrolytes (89), particularly salts of polyvalent 

cations (which the activated complex would approximate) to increase at 

very high ionic strength'may account for the ob/served slight decrease 

in rate when.the NaCIO, concentration was increased above 1 M. A 
4 

salting out of Hg under these- conditions: might also contribute to a 

decreased rate. 

B. EXCHANGE EXPMHJENTS 

An examination of the mechanism proposed for the activation of 

hydrogen by silver ions given in equations (8'), (8a), and (9) will 

indicate that the presence of deuterium oxide in the aqueous solvent 

should give rise to HD according to the reaction, 
D 

• + , 

D + AgH 1 Ag + HD ( l l ) 

The HD produced would accumulate in the gas phase above the solution. 

A set of four experiments was carried out to investigate this 

exchange. The results of these experiments were interpreted on the 

basis of the following assumptions. 

(1) The total acid (HQIG^) added = [H+] + [D +], where [H+] and [D+] 

are the effective cpncentratipns of "acidic" hydrogen and deuterium. 
H D 

(2) There is no isotope effect, i.e. k ̂  = k^. This assumption 
is not justified a priori, but is made to facilitate calculation in the 

H D 

absence of information on the" magnitude of the ratio k_^/k . This 

point will be reconsidered in the discussion of the results. 

(3) Reactions such as, 

HD + Ag + — * AgH + D+ 

or HD + Ag + -—> AgD + H + 
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may be neglected because of the low HD content of the gas. 

The following notation will be employed, 

T q = rate of reaction, -r d[Hg]/dt, mole 1. ''"sec. 1 (at 1 atm. Hg 

pressure) extrapolated to [H*] = 0 on the basis of results 

of Section A. 

r = rate of reaction, - d[Hg]/dt, mole 1. ^sec.^ "(at 1 atm. Hg 

pressure; for the H and Ag. ion concentrations under con­

sideration, as determined from results.of Section A. 

v = volume of reacting solution in l i t e r s . 

? = volume of gas in l i t e r s . 

n [P+3 , the fraction of the "acid" which is present 
WTTW1 1 

as deuterium. 

N = number of moles of HD in the gas phase. 

x = mole fraction of HD in the gas phase. 

Other symbols have their usual meaning. 

The rate of formation of HD will depend on the-rate of the back 

reaction, ( r Q - r) ; hence, 

d N = (r - r) Pvn. 
"St 0 

Since, N = x P V , 
E T 

then, dx = (r - r) v n R T dt ' ' (12) 
0 V 

Prom this relationship the expected HD content of the gas, x, may be 

estimated for any time, as illustrated in Appendix B. The values of "n" 

were determined on the- basis of the known deuterium content of the 

solution and the following- thermodynamic data: 
(i) B° for D2 | D+ = -3.4 mv. (90), 
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from which ̂  = PD 2 [H +] 2 =1 .31 

2 

( i i ) D2 g + H20 1 ^ H 2 g + D20 x 

K 2 = PH 2 [D20] = 13.51 

P B [HO] 
2 * 

assuming H20 and D,>0 form ideal solutions (77). 

( i i i ) D20 1 + H20 1 === 2 HDO ± 

K
5 = 3.78 

assuming the vapour pressure of HDO to be the geometric 

mean of the vapour pressures of E^O and D20 (77). 

The calculated values of "n" were found for 20BC, and in the absence 

of data for the temperature dependence of E° _+ these figures were used 

for 110°C. The true values of "n" will probably be larger than those 

used here. 

A comparison of the observed" and calculated HD contents of the 

hydrogen gas is given in Table XI. The observed data is plotted in Pig. 

27 together with the rate curves for the reduction of dichromate. i t 

will be seen that the results of the exchange experiments lend some 

support to the mechanism postulated for the activation of H 2 by silver 

ion. Although exact quantitative agreement was not obtained, si.nri.lar 

trends are shown by the- observed and calculated exchange rates. The 

absence of exchange in the absence of AgClQ^ indicates that the effect 

is due to the presence of silver ion. The rate of the exchange, for a 

given AgClO^ concentration, increases with increasing acid concentration. 

This observation is consistent with a back reaction involving hydrogen ion. 

http://si.nri.lar
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TABLE XI 

(a) Exchange Experiments - HD content of the gas phase 

Expr. Time x X 10 2 calc. X / obs. x 

min. calc. i 15% obs. - 0.02 

A 35 o 0.03 
155 0 0.01 

B 35 0.10 0.05 2.0 + 0.8 
85 0.25 0.10 2.5 0.6 
145 0.43 0.20 2.2 + 0.5 

C 45 0.18 0.05 2.8 + 0.8 
90 0.36 0.18 2.0 + 0.8 

. 140 0.56 0.32 1.8 + 0.3 

D 60 0.18 0.07,- 2.4 + 1 
120 0.36 0.24 1.5 0.5 
180 0.54 0.32 1.7 + 0.3 

Mean 2.1 + 0.6 

(b) Exchange Experiments - Rates of reaction 

Expr. AgClO. BC10. D r X 10 7 r X 10 7 

4 4 H + D in H20 - DgO in HO 

M. M. mole f r . m. 1. ^sec. "'"atm. 1 , -1 -1 . -1 m. 1. sec. atm. 

A 0 0.1 0.242 -
B 0.010 0.03 0.198 1.74 1.77 

C 0.010 0.10 0.180 1.09 0.86 

D 0.0075 0.10 0.175 0.48 0.49 

E 0.010 0.10 0.198 0.87 0.85 
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o B 0.01 0.03 
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F i g . 27 Deuterium exchange and reduction of C r 2 0 7 i n D 2 0 enriched 
solutions. Temp. 110°C. I n i t i a l conditions: 4 . 0 atm. H 2, 
solution volume 3 l i t e r , gas volume 1 .74 l i t e r . D 20 content 
of solvent approx. 20 mole per cent. 
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Also, for a given acid concentration, the rate of exchange decreases, 

with decreasing silver ion concentration, less rapidly than the rate of 

reduction of Cr^O^. This is consistent with competition between Ag+ 

and acid for an intermediate. Thus the results are in qualitative 

agreement with the postulated mechanism. Quantitatively, i t would 

appear that the observed HP contents are low by a factor of 2; this 

factor would probably have been larger i f data applicable to 110° could 

have been used in calculating "n". 

An apparent discrepancy of this order could be accounted for on 

the basis of an isotope effect in the back reaction leading to the 

formation of HD, i.e. i f , as might be expected for a proton transfer, 

kD, < k H
n. No indication of such an isotope effect (except for - 1 - 1 

experiment c) i s , however, observed from the measured values of the rates 

of reduction of CTgCy (see Table XI (b) ). If k ^ were greater than k 

the net rate of reaction in the deuterium enriched water would be greater 

than the rate in light water (assuming that the other rate constants are 
H D 

not affected by added PgO). An isotope effect (k^/k^) of about 2 

would result in an increase in the overall reduction rates of about 3%, 

7%, and 10% for experiments B, C, and D» respectively. Since this is 

of the order of the experimental- error (about - 5% in the rate measurements) 

the results are inconclusive in this respect, and. the possibility of an 

isotope effect cannot be rejected. Errors in gas sampling might also 

contribute to such a discrepancy i f the diffusion of the HD to the 

exhaust valve of the autoclave were slow. 



C. SILVER PRECIPITATION FROM PERCHLORATE SOLUTION 

In the previous sect/ions a mechanism for the homogeneous activation 

of Hg by Ag + ion was proposed' on the basis of a kinetic study of the silver 

perchlorate catalysed reduction of dichromate. If a reducible substrate, 

such as dichromate, is not present, silver metal will be precipitated. In 

this section a brief examination of the kinetics of precipitation of silver 

from perchlorate solution at 110°C will be reported. 

The reduction of Ag + by Hg takes place according to the equation, 

2 Ag+ + Hg > 2 Ag + 2 H + (13) 

Figure 28 shows the results of an experiment in which both the Ag + and 

H+ ion concentrations were determined; the plot of [Ag+] against [H+] 

has a slope of +1 i n accord with equation (l3)» Rate curves for the 

precipitation pf silver under various conditions are shown in Fig. 29, 

while in Table XII observed' and calculated rates are compared. The 

observed rates were determined by drawing tangents to the rate curves; 

this procedure is at best exude, giving errors of the order of - 15%. 

For comparison, rates were calculated using equations (3) to (5) and 

the determined values of k^, k^, and k^; the acid concentrations used 

in these calculations were found- from the i n i t i a l concentrations with 

corrections applied for the acid produced during the course of the reaction. 

The rates of precipitation and of hydrogen activation (as measured by 

Crg07~ reduction) follow the .same trends, decreasing with increasing acid 

concentration. However,'the"^calculated, rates are irt a l l cases higher (by 

about 20 to 60%) than the observed rates. 

A rate curve for"the- reduction of dichromate followed by the precipit­

ation of silver is shown" in"Fig. 30. No precipitation of the silver occurred 

until a l l of the dichromate had disappeared. It is seen that the rate of 

precipitation of silver i s greater than the limiting reduction rate of 
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TABLE XII 

Comparison of observed rates of silver precipitation with rates 

calculated on the basis of the results of Section A. 

H Pressure, 4.0 atm.; Temp., 110°C. 

Expr. [Ag+] X 102 

mole l i t e r 1 

- d[Ag+]/dt X 10 6 

mole l i t e r ^sec. 1 

obs. calc. 
calc./ obs. 

A 2.5 5.1 6.5 1.2 . 
1.4 2.0 5-0 1.5 
0.8 0.8 1.2 1.4 

B 1.4 1.8 2.4 1.5 
0.95 0.9 1.2 1.5 
0.7 0.4 0.7 1.6 

C 2.0 5-1 5-7 1.2 
1.4 1.7 2.0 1.2 
0.8 0.6 0.7 1.2 

D 1.6 1.2 1.6 1-5 
1.2 0.7 0.9 1.5 
0.8 0.5 0.5 1.6 

Initial conditions: 

Expr. AgClO. X 10 2 HC10 

M. M. 

A 2.48 0.005 

B 1.54 0.051 

C 2.61 0.051 

D 1.75 0.102 
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H+ X 10 2 -r MOLE LITER"1 

Fig. 28. Precipitation of silver from silver perchlorate 
solution. A plot of silver ion concentration against 
hydrogen ion concentration as determined at various times 
during the reaction. Solution 0.003 M. HCIÔ . i n i t i a l l y . 
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Fig. 29. Rate plots for the precipitation of silver from perchlorate solution. Temp. 110 
H 2 pressure, 4.0 atm. 
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i 

TIME - MINUTES 

Fig. 30. Rate plot for dichromate reduction followed by silver 
precipitation. I n i t i a l solution composition: 0.77 X 10~3 equiv. 
l i t e r " 1 Crz0^; 17.3 X 10 - 3 M. AgCIO*; 0.102 M. HCIO^. H 2 

pressure, 4.0 atm. Temp. 110°C. 
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dichromate as [Cr^O^]—* 0 . This probably indicates that the reactive 

intermediates become stabilized on the surface of the silver crystals and 

do not participate in back reactions. The comparison of the observed and 

calculated rates indicates that this "stabilization" is not complete. It 

is apparent from Fig. 30 that any induction period, due to nucleation of 

the metallic phase, in the precipitation of silver must be very small. 

The precipitate produced was identified as silver by X-ray diffraction 

(Appendix C). When formed in acid solution this precipitate consisted 

mainly of pellets about 0 .5 to 2 mm. in diameter. These pellets, as 

shown by the photomicrographs in Appendix C, were composed of very small 

particles about 5 in diameter. The product from the solution i n i t i a l l y 

0.003 M. in HCIQ^ formed principally as a sponge adhering to the walls and 

fittings of the autoclave. 

The results of this cursory examination of the precipitation of silver 

are consistent with the view that both the precipitation reaction and the 

catalysed reduction of dichromate proceed by essentially the same mechanism. 

Complications in the case of the precipitation appear to arise from the 

presence- of some back, reaction, possibly similar to that observed in the 

reduction of CrgO^- at low CrgO^"- concentration. The extent of this back 

reaction may be governed by the presence of silver crystals. Similar dis­

crepancies between observed rates of metal precipitation and rates of 

activation of hydrogen have been found in the Cu - Hg system (,4J. 

D. SILVER PRECIPITATION PROM SOLUTIONS CONTAINING COMPLEXES OF SILVER 

In the cupric and mercuric systems (see Table III)j large differences 

in rates of activation of hydrogen were observed between the simple hydrated 

ions and ions present as complexes (57, 6 l ) . In view of this behaviour, 
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a brief examination- of the reactivity pf two different silver complexes 

was undertaken. Acetate and ethylene diamine complexes were chosen as 

representative of carboxyiic acid and amine type compounds. 

The activation of Hg by the acetate complex could not be investigated 

by the dichromate method because of the insolubility of AgCrO^ at acid 

concentrations where the silver acetate complex is stable. The reaction 

was followed, therefore, by observing the precipitation of silver. In 

the studies on the perchlorate solutions i t was noted that the rate of 

reaction of hydrogen in the precipitation process was less than in the 

dichromate reduction. This discrepancy, i f due to a back reaction, would 

probably not be so serious in the case of silver complexes with basic 

ligands on account of the proton stabilization. 

Acetate- System 

Rate plots.for the precipitation of silver from solutions containing 

acetate are shown in Fig. 31; the plots indicate apparent f i r s t order 

behaviour to about 85% reaction. If i t is assumed that the rates are 

proportional to the partial pressure of Hg, the rate equation becomes, 

D [ H 2 3 ' 1 dCAg(l)j k [Ag(l)][Hj h A ) 

dt = 2 dt ~ * * U 4 ; 

The results presented in Table XIII (a) indicate that no change in rate 

was produced by a three fold change in acetic acid concentration at 

constant NaOAc concentration. On the other hand an increase in the 

sodium acetate concentration produced a marked increase in rate. The 

rate constants determined at various NaOAc concentrations are plotted in 

Fig. 32. 

The fine granular precipitate was identified as silver by X-ray 

diffraction. 
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TABLE XIII 

Precipitation of silver by hydrogen from solutions of silver complexes 

(a) Acetate-Complexes 

Temp. 7Q°C.; Initial AgClO. 9.8 X 10 M. Determinations at 4 atm. H 

HQAc NaOAc HOAc / NaOAc k X 10 2 pH 

M. M. l.mole ''"sec.1-1 

0.30 0.10 3 3-65 4.1 

0.10 0.10 1 3.68 4.5 

0.20 0.20 I 6.14 4.5 

0.30 0.30 1 7.98 4.6 

3.4 X 10~5 - - 0.80 6.0 - 5.0 * 

* Silver added as AgOAc. 

(b) Ethylene Diamine Complexes 

Temp. 70»C ; Initial AgC104 1.2 X l O - 2 M.i Determinations at 4 atm. 

EDA EDA.HC10,, 4 NaOH k PH 

M. M. M. l.mole "'"sec 

0.18 0.06 - 0.026 10.5 

0.36 0.12 - 0.028 10.6 

0.21 - 0.047 0.136 -
0.21 - 0.093 0.251 -
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HOAc NaOAc 
M. M. 

^iK-Ha INTRODUCED O 3.4X10 

(T "~'
 ! 100 ~ 200 

TIME - MINUTES 

Fig. 31. Rate plots for the precipitation of silver from acetate 
solutions by reduction with hydrogen. Temp. 70° C; H 2 pressure, 
4.0 atm. 
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Fig. 3 2 . Effect of sodium acetate on the rate of precipitation 
of silver by hydrogen. Temp. 70°C. 
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Any cotftplete discussion of the kinetics would require a knowledge pf 

the various species preser^t in.solution. Unfortunately silver acetate 

complexity constants' have-••been determined only at room temperature, hence 

the following- discussion can at best be only semi-quantitative. Further­

more, this room-temperature data (91) indicates that the solutions studied 

a l l contained appreciable concentrations of at least two of Ag+, AgOAc, 

and Ag(0kc)^~. However, even at the lowest acetate concentration used, 

i t i s probable that not more than 15% of the observed rate could be due to 

activation of Hg by uncomplexed Ag . As the NaOAc concentration is 

increased, the formation of the complexed species is favoured; i t may 

therefore be concluded that the reactivity of the silver acetate complexes 

is much higher- than that of the uncomplexed silver ion. Using room 

temperature-equilibrium data, k for the reaction of AgOAc was estimated 
+ • —2 —1 —1 as approximately (9 - 2) X 10 l.mole - sec. A similar accelerating 

effect due to acetate ligands was observed in the cupric system (56). 

In the silver system, as in the mercuric system (6l), the reactivity pf 

the diacetate complex- seems to be greater than that of the monoacetate 

complex. 

Ethylene Diamine System 

The reduction of the silver - ethylene diamine (EDA) complex pro­

ceeded with kinetics essentially f i r s t order in Ag(l), as the rate plots 

in Fig. 33 indicate. Second order rate constants, calculated assuming 

the ratestro-be" proportionajl, to hydrogen pressure, are given in Table 

XIII (b). It"is seen that doubling the ethylene diamine concentration 

at constant pH produced only a small change in rate. Increasing the 

hydroxide ion- concentration, however, produced a very marked increase in 

rate; the variation of the rate constant with NaOH concentration is shown 
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in Fig. 34. 

•The precipitated.product was identified as silver by X-ray diffraction. 

This precipitate.was darker in colour than the precipitate from acetate 

solutions; i t consisted of very fine particles, as indicated by the photo­

micrographs in Appendix C. 

Room temperature complexity constants for the silver - ethylene diamine 

system (92) indicate that there is essentially complete complexing of the 

silver as Ag(EDA)g+ in the solutions considered here. Unlike the ethylene 

diamine complexes of cupric and mercuric ions, Ag(EDA)2
+ l s r e c n i c e < l more 

rapidly by hydrogen than th§ uncomplexed Ag + ion, This difference is 

possibly a reflection of the relatively lower stability of the silver 

complex; thus the strength of the metal ligand bond does not overcome the 

proton stabilizing effect qf the amine. The hydroxyl ion acceleration 

of the reaction is si^iiilar to that observed in the mercuric •-r ethylene 

diamine system (61.). In the case of cobalt amine complexes (93). 

an equilibrium of the type, 

: M-NH5
+n + 0H~ M=NH2

+^n_1^ + H20 

has been proposed to explain" certain kinetic results. A similar equi­

librium might account for the effect of OH oh the reaction rates of 

silver and mercuric amine complexes, on the grounds that NH(CH2)2NH2 

would'probably be a stronger base than NH 2(CH 2) 2NH 2« 

The result of one experiment indicated that the Ag(GN)2 complex 

is not reduced" under 4; atm. H 2 at a measurable rate at 70°C. This 

inactivity may be attributed to the strong Agr-C; binding, reflected in 

the high stability of this complex. 

Some results have been reported for the reduction of silver sulphate 

(73) which indicate that a reaction f i r s t order in Ag(l) takes place, as 
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observed here for acetate and EDA complexes. However, the Hg pressure 

dependence-was given as (P2*^ - 2.25) and an induction period was noted. 
H 2 

The former effect may; have been due to catalysis by the Pt electrodes present 

in the solution for conductivity measurements. 
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Fig. 33. Rate plots for the reduction of silve r from solutions 
containing ethylene diamine. Temp. 70°C. H 2 pressure, 4.0 
atm. 
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Fig. 34. Effect, of NaOH on the rate of precipitation of 
silver from silver - ethylene diamine complexes. 
Temp. 70'°C. 
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PART II - REDUCTION OF PERMANGANATE BY MOLECULAR HYDROGEN 

EXPERIMENTAL 

Most of the- reagents used were described in Part I. Perchlorate salts 

were obtained from the G.F. Smith Co. Vanadyl perchlorate was prepared 

from perchloric acid and sodium vanadate; thallium.(ill) perchlorate 

solution Was prepared: from thallium (i) nitrate by oxidation with NaBrO^, 

precipitation as hydroxide, and solution in perchloric acid. KMnÔ  

solutions were prepared in the customary manner by boiling and fil t e r i n g 

through glass wool. 

The apparatus used for the low temperature silver catalysed dichromate 

reduction work was employed in the permanganate study. It was established 

that the reaction rate was independent of Hg flow rates from 0.3 to 0.6 

l i t e r min. - 1 Solution concentrations of hydrogen were estimated as 

described in Part I. 

In acid solutions, MnOg was found to be the only product of reduction 

in the presence of MnO^-. To follow the reaction, samples of the solution 

(after removal of the precipitated MnOg by centrifuging) were analysed for 

MnO^- by adding an :aliquot of standard ferrous ammonium sulphate solution 

and back titrating with KMnO^ In a few experiments the MnÔ  was deter­

mined spectrophotometricaily (using the 526 m p, peak); the rates deter­

mined by the two methods were in good agreement (see Table XIV). To 

determine experimentally the apparent valence of the manganese product, 

Hg was passed through a known volume of solution, without removing any 

samples, until the- reduction of MnO^ was just complete. The whole 

reaction mixture (including the precipitated product) was added to a known 
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volume of standard ferrous solution, and the excess ferrous content was 

determined by titration with KMnÔ . The apparent valence of the manganese 

product wasthus found to be 4.0 for both the uncatalysed and silver cata­

lysed reactions. When reduction was continued beyond the disappearance ••• 

of the permanganate in'the presence of AgClO^, the apparent valence of the 

manganese f e l l to 3«0. 

The reduction; of MnQ^ in i n i t i a l l y neutral solutions also yielded 

MnOg as the only product. The pH of such solutions rose slightly as a 

result of the reaction, but not sufficiently to permit the formation, of 

detectable amounts of MnO^-. This was demonstrated by an experiment in 

which the samples were acidified (to decompose any MnÔ ") before centric 

fuging; the observed rate agreed with the rates determined by the usual 

procedure (Table XV). With solutions containing added electrolyte 

(e.g. NaClO^) the same analytical procedure as for acid solution was 

employed to follow the reaction. In the absence of an added electrolyte, 

the MnOg product remained uniformly dispersed in the solution as a 

colloidal suspension. The reaction was then followed by determining 

the total oxidizing capacity of the suspension (using standard ferrous 

solution), assuming the manganese to be present as a mixture of MnÔ " and 

MnOg. Using the same procedure as for acid solutions the apparent valence 

of the manganese product was found experimentally to be 4.0. 

In basic solution (containing i n i t i a l l y from 0.3 to 0.6 M. NaOH), 

MnO^- was reduced to MnO^- which was stable and remained in solution. 

Manganese dioxide began to form only after this reduction had proceeded 

to the extent of about 85%. The reaction was usually followed by deter-r 

mining the decrease in total oxidizing capacity of the solution volumetrically, 

assuming a l l the manganese to be present as MnO. and MnO ~. The results 
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obtained were in agreement with those obtained by an alternative/procedure 

in which MnÔ " alone was determined following precipitation of the MnO^-

with Ba + +. Spectra,of a basic solution before reduction and after 95% 

reduction are shown in Fig. 35; these spectra are of the form reported 

for permanganate and. manganate, respectively (94). Measured rate 

constants were generally reproducible to within - 5% for the uncatalysed 

reaction and to within % jfo for the silver catalysed reaction. 



WAVE LENGTH - mji. 

Fig. 35. Absorption spectra of a basic KMnÔ  solution before and after reduction by_ 
hydrogen. I n i t i a l solution composition: 4.0 X 10**3 M , MnÔ  ; 0.4 X 10~3 M. MnO£; 
0,30 M. NaOH. Samples diluted 10 X with 0.3 M. NaOH solution for spectral 
determinations. 
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RESULTS AND DISCUSSION 

Reaction in Acid Solution 

In keeping with the observation that MnOg is the only reduction 

product, i t is concluded that the stoichiometry of the reaction between 

MnÔ " and Hg in acid solutions is represented by the equation, 

2 Mn04" + 3 H 2 + 2 H + — * 2 MnOg + 4 HgO . (15) 

Possible complications might have arisen due to the competing spontaneous 

decomposition of MnO^-, i.e. 

4 Mn04"" + 4 H + ~ * 4 MnOg + 3 0 g + 2 HgO ( l 6 ) 

which is known to occur in acid solutions especially in the presence of 

MnOg which acts as a catalyst. However, this reaction was found to be 

negligibly slow compared with the reduction of Mn04 by Hg under the 

experimental conditions employed. No spontaneous decomposition of MnO^ 

was detected prior to the introduction of Hg in any of the experiments. 

Furthermore i t was found, in an experiment at 0.3 M. HC104, that even 

after 60% of the Mn04"" i n i t i a l l y present had been reduced by Hg to MnOg 

(which was allowed to remain in contact with the solution) the apparent 

rate of spontaneous decomposition of Mn04 under Ng was only about 2% 

of its rate of reaction with Hg under the same conditions. The effect 

was therefore neglected. 

At constant temperature and Hg partial pressure, the rate of reaction 

between Mn04~" and Hg was found to be f i r s t order in Mn04~, as shown by 

the rate plots in Fig. 36. Furthermore, reference to Fig. 37 will 

indicate that the slopes of these plots are directly proportional to 

the partial pressure of Hg, and hence to the concentration of Hg in 

solution. T^e reaction, therefore, appears to be second order. 
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T A B L E XI? 

Reduction of permanganate by hydrogen in acid solution at 50°C. 

Initial KMnÔ  X 10 5 HC104 NaClO. 4 k 

M. M. M. l i t e r mole - 1 sec.""'' 

4.1 0.3 0.82 
2.0 0.3 - 0.82 
0.8 0.3 - 0.83 
0.4 0.3 — 0.92 (a) 

2.0 0.3 0.78 (b) 
1.9 0.3 - 0.81 (c),(d) 
2.2 0.3 - 0.80 (e) 
2.0 0.3 - 0.82 (a) 
2.0 0.3 -. 0.98 (f) 

2.2 0.1 0.9 0.72 
2.2 0.3 0.7 0.75 
2.2 0.5 0.5 0.81 
2.2 0.7 0.3 0.88 
2.2 1.0 — 0.97 

2.2 0.3 0.2 0.79 
2.1 0.3 0.5 0.78 
2.2 0.3 0.8 0.76 
2.1 0.3 1.1 0.77 
2.2 0.3 1.4 0.77 

(a) Pyrex glass wool added to reaction vessel. 
(b) H- flow rate 0.2 1. min. - 1 

(c) R"2 flow rate 0.6 1. min. 
(d) Analysis by spectrophotometric method. 
(e) Analysis by volumetric method. 
(f) 0.004 mole 1. Mn0o added i n i t i a l l y . 
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I 

TIME - MINUTES 

Fig. 3 6 . Typical rate plots for the reduction of permanganate by 
by hydrogen in acid solution. Solutions 0 .3 M. HCIO^; Temp. 
50°C. H 2 partial pressure, 0.88 atm. 



37. Dependence of the rate of reduction of permanganate 
H 2 pressure. Solutions 0.3 M. HCIO^. Temp. 50°C. 
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1 i ; _ J L _ 1— 
2.9 3.0 3.1 3.2 3.3 

1000 

Fig. 38. Arrhenius plot for the reduction of permanganate by 
hydrogen i n 0.3 M. HCIO^. 
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The convention, adopted in Part I, of expressing the rate laws in 

terms of the rate of reaction of hydrogen will also be employed here. 

Hence, using the known stoichiometry of the reaction, the rate equation 

becomes, 

d[Hj 1.5 d[MnO.~] k [H.][MnD "] 
dt " dt " { l f ) 

Values of k, determined from the slopes of the apparent f i r s t order 

plots by means of equation (17) were substantially unaffected by vari­

ations in the i n i t i a l KMnÔ  concentration between 0.0008 and 0.004 M., 

and by the addition of up to 1.4 M. NaClO^. On the other hand, k 

increased slightly as the HCIO^ concentration was raised from 0.1 to 1.0 M. 

(see Table XIV). 

The results in Table XIV also provide evidence for the homogeneous 

character of the reaction. Packing the reaction vessel with Pyrex 

glass wool did not increase the rate significantly. The addition of 

0.004 mole l i t e r - 1 MnOg to a solution containing 0.002 M. MnÔ  increased 

the apparent rate by only about 20%, suggesting that the MnOg normally 

formed during the reaction would have only a small effect, especially 

during the i n i t i a l stages of the reaction. This is in accord with the 

fact that no significant deviations from linearity of the f i r s t order 

rate plots were generally observed until after at least 90% of the 

MnÔ " i n i t i a l l y present had been reduced (see Fig. 36). 

Values of k, determined at various temperatures from 30° to 70°C 

gave the Arrhenius plot shown in Fig. 38 . This plot was fitted by the 

equation, 

k = 4.2 X 109 exp[(-14700 i 500)/RT] 1. mole^sec." 1 

with AH* = 14 t 0.5 kcal.mole - 1 and AS* = -17 - 2 cal. deg. _ 1mole _ 1. 
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Reaction in Neutral Solution 

The reaction between MnÔ  and Hg in neutral solution may be represented 

as, 

2 Mn04~ + 3 H 2 —r-* 2 MnOg + 2 H20 + 2 OH" . 

The kinetics were found to be of f i r s t order in permanganate concentration in 

agreement with the results reported by Just and Kauko (63). The rate con­

stants reported by these authors at 6», 159, and 25°C were extrapolated to 

50°C to give a value of k = 0.76 1. mole ''"sec. \ about 20% higher than 

the result reported here. 

The values of k given in Table XV indicate that the rate in neutral 

solution was about 15% lower than in weakly acid solution and was unaffected 

by the addition of up to 1 M. NaClO^. 

Reaction in Basic Solution 

In solutions containing 0«3 and 0.6 M. NaOH, the i n i t i a l reaction 

between MnÔ  and Hg was found to be 

2 Mn04" + Hg + 2 0H~ — » 2 Mn04
= + 2 HgO (l8) 

Rate plots depicting the changing concentrations of Mn04 and Mn04~ are 

shown in Fig. 39. The total manganese concentration in solution does 

not begin to f a l l off, due to the formation of MnOg, until about 80% of the 

Mn04~ i n i t i a l l y present is reduced to Mn04*~. The altered stoichiometry of 

the reaction required the use of a different equation to relate the rate of 

reaction of Hg to the measured rate of disappearance of Mn04 , i.e., 

d[H0] 0.5 d[Mn0."j k [HJ[MnO„~] 
2- - 1 - 2 4 (19). 

•dt dt 

Otherwise, the .kinetics are apparently of the same form as in acid solution 

(equation (17) ), assuming the rate to be proportional to the hydrogen 

pressure. The values of k listed in Table XVI are seen to be of the same 
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TABLE XV 

Rates of reduction of permanganate by hydrogen in neutral solution 

Temp. NaC10„ 4 k 
, ., -1 _ i M. l.mole sec. 

50 0.62 
50 0 .3 0.64 
50 1.0 0.62 
50 0.3 0.61 * 
40 0 .3 0.31 

* Samples acidified.to decompose any MnO. before centrifuging. 

TABLE XVI 

Rates of reduction of permanganate by hydrogen in basic solution 

Initial KMnO X NaOH NaClO. Temp. k 

M. M. M. °C l.mole "'"sec. 

4.1 0.3 40 0.32 
8.0 0.3 - 40 0.33 
15.4 0.3 - 40 0.32 

3.8 0.3 - 40 0.-33 (a) 
4.1 0.3 - 40 0.32 (b) 
4.0 0.6 - 40 0.33 
4.0 0.3 -r 50 0.67 
3-9 0.6 0.4 50 0.69 
1.7 0.3 0.7 50 0.70 

-1 

(a) Both MnO ~ and MnO. determined. 
4 4 

(b) Ba(C10 ) added to solution. 



Fig. 39. Rate plots for the reduction of permanganate by hydrogen i n 0.3 M. NaOH 
at 40°C; H 2 pressure, 0.93 atm. Manganate and permanganate both determined. 
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TIME -. MINUTES 

Fig. 40. Rate plots for the reduction of permanganate by hydrogen 
in 0.3 M. NaOH at 40°C. H 2 pressure, 0.92 atm. Total oxidizing 
capacity of the solutions determined; manganese assumed to be 
present as Mn0£ and MnO]̂  only. 
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order as those- for neutral and acid solutions and to be unaffected by 

variations in; i n i t i a l MnÔ "" concentration, NaOH concentration, and by the 

addition of up to 0.7 M. NaClO^. 

The fact/ that the f i r s t order plots (Pig. 40) are consistently 

linear to at least 70% reaction suggests that the MnO^- produced in the 

reaction does: not contribute appreciably to the activation of Ĥ . This 

conclusion is also supported by the results of an experiment (Table XVI) 

in which excess Ba(C10 4) 2 was added i n i t i a l l y to the solution to pre­

cipitate the Mn04~ product as i t formed during the reaction. The rate 
++ 

was the same as in the absence of Ba . 

No kinetic measurements were made at OH concentrations above 0.6 M. 

because of the increasing instability of MnÔ " under these conditions. 

Throughout the pH range investigated (l.O H*to 0.6 M. NaOH) the 

kinetics of the uncatalysed reaction were represented essentially by 

equations (17) and (l9). The measured values of k, plotted in Fig. 41, 

varied slightly over this range. The predominant trend was for k to 

increase with increasing acidity, but the variation was not sufficient to 

indicate a significant change in mechanism. 

Effect of Added Salts on the Reaction in Acid Solution 

Several salts were tested for possible catalytic or inhibitory 

influences on the reaction in acid solution (Table XVIl). The additions 

of Cu(C104)2, Co(C104)2, V02C104, and Tl(C10 4)^ were without significant 

effect on the rate. In the presence of 0.3 M. NaF, the apparent rate, 

following a short induction period, was about 10% faster than normal; 

this may be due to the temporary formation of a complex between Mn(lV) 

and F~ which subsequently decomposes to MnOg. The addition of Je(ClO^)^ 

caused a, small increase in the apparent rate which could be traced, in part, 
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TABLE XVII 

Effect of various salts on the rate of reduction of permanganate 

by hydrogen in acid solution 

Temp. 

°C M. 

Added Salt k 

l.mole sec. 

40 0.3 - 0.40 

40 0.3 1.0 M. Cu(C10 4) 2 0.36 

40 0.3 0.2 M. Co(CiP 4) 2 0.40 

40 0.3 0.05 M. V02C104 0.40 

40 0.3 0.37 M. Pe(G10 4) 5 0.50 

40 0.3 0.04 M. Hg(d0 4) 2 0.62 * 

40 0.3 0.02 M. AgCl0 4 1.40 

40 1.28 - 0.49 

40 1.33 0.03 M. Tl(C10 4) 5 0.47 

50 0.3 - . 0.82 

50 °-5 0.3 M. NaP 0.89 

* k calculated from rate at MnO ~ = 2.2 X 10"^ M. 
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to an induced decomposition of MnÔ  rather than to catalysis of the 

reaction with Hg. The small effect on the hydrogenation it s e l f was not 

reproducible and may have been caused by colloidal ferric hydroxide. 

Hgv̂ ClÔ jjg exhibited a small catalytic effect on the reaction whose 

magnitude was of the order expected on the basis of previous measurements 

of the rate of activation of Hg by Hg + + (6o) (see Table II). The 

mechanism of the catalysed reaction is probably, 

Hg + + + H 2 » Hg + 2 H + (slow) 

Hg. + MnÔ "* —> Hg + + + products (fast). 

Of a l l the salts tested, AgClO^ was found to have by far the greatest 

catalytic influence on the reaction. The effect was much greater than 

could be explained on the basis of the activation of Hg by Ag + reported 

i n Part I. 

Silver Ton Catalysed Reaction 

To avoid complications due to heterogeneous effects such as those 

occurring in. neutral solution (74, 75) kinetic measurements on the Ag + 

catalysed reaction between MnÔ " and Hg were confined to acid solutions. 

The presence of silver salts had no effect on the stoichiometry of the 

reaction and no silver could be detected in the MnOg product, in contrast 

to neutral.solutions where the product is apparently AggMn̂ Ô  (75). 

As in the:.uncatalysed reaction, the disappearance of MnO^- in the 

presence- of AgGlO^ was apparently f i r s t order in MnÔ  , as the rate plots 

in Pig. 42 indicate. The plots are i n i t i a l l y linear, but show deviations 

after about 50% reaction, presumably due to heterogeneous catalysis by the 

precipitated MnOg. This is supported by the results of an experiment 

(see Table XVIIl) in which MnQg, added i n i t i a l l y to the solution, was 

found to cause an increase in the rate. On the other hand, packing the 
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TABLE XVIII 

Kinetic data on the silver catalysed reduction of permanganate 

by hydrogen at 40°C. 

Initial , 
KMn04 X 10^ AgC104 HC104 NaC'10, 4 k' k k 

c 
M. M. M. M. , -1 -1 x.m. sec. x.m. sec. ,2 -2 -1 x.m. sec. 

0v5 0.0186 0.3 0.88 0.45 23 (a) 
0.8 0.0183 0.3 - 0'.84 0.41 24 
2.3 0.0184 0.3 - 0.80 0.40 22 
4.0 0.0183 0.3 - 0.83 0.40 24 

2.3 0.0184 0.3 _ 0.85 0.40 24 (a) 
1.9 0.0184 0.3 - 1.02 0.48 29 (b) 

2.3 0.0186 0.3 0.4 0.76 0.38 20 
2.3 0.0185 0.3 0.7 0.73 0.38 19 
2.3 0.0186 0.3 1.0 0.70 0.37 18 
2.3 0.0185 1.0 — 0.82 0.48 18 

(a) Reaction vessel packed with Pyrex glass wool. 

(b) 0.004 mole l i t e r " MnO added i n i t i a l l y . 

Comparison of reduction rates of dichromate and of permanganate 

in the presence of AgClO. (at 1 atm. H„) 

Temp. - d[H 2]/ dt X 10' mole l . ' s e c . 

°C for c^20rJ~ r e d u c ' f c l o n f o r Mn04~ reduction 
at [MnO "] = 10"5 M. 

AgC104 

M. 

0.0187 

0.0559 

60 

40 

0.12 

0.10 

13.1 

8.7 
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Fig. 42. Rate plots for the reduction of permanganate by hydrogen 
in the presence of 0.0185 M. AgC104 at 40°C. Solutions 0.3 M. 
HClO^j H 2 pressure, 0.92 atm. 
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reaction vessel with glass wool had no effect on the rate. The i n i t i a l 

slopes of the rate plots were found to be directly proportional to the 

partial pressure of hydrogen (Fig. 43) at constant AgClO^ concentration. 

The kinetics of the reaction, which appears to be homogeneous during 

the i n i t i a l stages, are thus represented by, 

d[H23 k' [H21 [Mn04'j (20) 
"dt = 

Values of k', estimated from i n i t i a l slopes of the rate plots are reported 

in Table XVIII. The dependence of k' on the concentration of Ag+ is 

depicted in Fig. 44, and is seen to be of the form, 

k' = k + k [Ag+] (21) 

where k is the same constant as in equation (l7) and k is the third order 
c 

rate constant of the silver catalysed reaction whose kinetics are of the 

form, 

d[H2] k c [H 2J [Mn04"j [Ag+] (22) 
~ I t = 

Values of k , calculated from values of k1 and of k determined from c 
the results: reported previously, are listed in Table XVIII and are seen to 

be essentially independent of the i n i t i a l concentration of Mn04~ (between 

0.0005' and 0.004 M.) and HC104 (between 0.3 and 1.0 M.). On the other 

hand, k was found to decrease slightly on addition of NaClO.. 

Measurements of k at different temperatures from 30° to 60°C gave c 
the Arrhenius plot shown in Fig. 45 which is fitted by the equation, 

k = 7.5 X 10 7 exp[(-9300 - 500)/RT] l. 2mole" 2sec. _ 1 

c 

with AH* = 9-0.5 kcal. mole"1 and AS* = -25 - 2 cal. deg.^mole."1. 

The rates of reaction of H 2 with silver ion by the mechanism studied 

in Part I are small enough to be neglected in comparison to the rates of 

the silver catalysed reduction of permanganate (see Table XVIIl). 
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Fig. 43. Dependence of the rate of reduction of permanganate i n the 
presence of 0.0185 M. AgC104 on hydrogen pressure. Solutions 
0.3 M. HCIÔ .; Temp. 40°C. 
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Fig. 44. Dependence-of k« on the concentration of AgClO^ i 
0.3 M. HC104 at 40°C 
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Discussion of the Uncatalysed Reaction 

The kinetics suggest that the rate determining step is a bimolecular 

reaction involving one Hg molecule and one MnÔ " ion giving an intermediate 

Mn species: which undergoes further rapid reactions to yield the stable pro­

ducts, MnOg in acid and neutral solutions and MnO^- in basic solution. 

The absence of an appreciable salt effect is normal for a reaction between 

an ion and.an uncharged molecule. The increase in rate with increasing 

acidity may reflect the formation of some undissociated HMnÔ  which is 

more reactive than MnÔ ". 

The absence of an induction period and fluoride retardation support 

the view that the reaction does not propeed through a Mn(lll) intermediate. 

Such an intermediate has been suggested for the oxidation of oxalic acid 

(95, 96) and certain other reactions (97, 98). . The fluoride inhibition 

in these processes has been attributed to the formation of an Mn(lll) - F~ 

complex. 

Possible intermediates are Mn(Vl) and Mn(v) both of which would be 

expected to react rapidly under the experimental conditions to give the 

observed products. Of the two possibilities, the latter is considered 

more likely since the formation of Mn(Vl) by reaction between MnÔ " and Hg, 

i.e., 

21 kcal. mole (83, 89). In the absence of a OH concentration dependenoe, 

the step, 

which has been proposed for certain permanganate reactions (lOO) would 

appear unlikely. On the other hand, the formation of Mn(v) through one 

is accompanied by the formation of an H atom and is endothermic by about 
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of the following reactions seems plausible, 

Mn04" + H 2 — * Mn04
= + 2 H + (24) 

MnO." + BL — » MnO," + H_0 (25) 
4 <L 3 <L 

The process represented by equation (24) is exothermic by about 56 kcal. 

mole-"1' (99). The suggestion that the reaction between MnC>4 and H~2 

proceeds through the intermediate formation of Mn(?) was originally made 

by Just and Kauko (63). The existence of Mn(v) in solution i s well 

established (94) and this species has also been postulated as an inter­

mediate in the reaction of MnC^- with certain organic compounds (101, 102, 

103, 104). The rather low frequency factor of the reaction, corresponding 

to an apparent activation entropy of -17 cal. deg. "'"mole \ might find an 

explanation on the basis of the mechanism represented by equation (24) 

since the activated complex in this case would probably be more ionic, and 

hence more highly hydrated, than the reactants. 

Discussion of the Silver Catalysed Reaction 

Prom an examination of equation (23), i t would appear possible that 

the' formation of Mn(vi) would be favoured by the presence of another species 

which readily accepts an electron or combines with an H atom. The catalytic 

activity of Ag + in this reaction may be due to it s f u l f i l l i n g this role, and 

the-rate determing step of the catalysed reaction may be, 

Ag* + Mn04
- + H 2 » AgH+ + Mn04

= + H + (26) 

or alternatively, 

AgMn04 + H 2 > AgH+ + MnQ ~ + H + (27) 

preceeded by the equilibrium, 

Ag + + MnO~ AgMn04 (28) 

In either case the rate determining step would be followed by rapid reactions 

of Mn04"~ and of AgH+ to give the observed products. Both possibilities are 
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consistent with the third order kinetics and, providing that the equilibrium 

concentration of AgMnÔ  is small, they are not readily distinguishable. 

Results of spectrophotometric measurements made at 270 mo, are 

summarized in-Fig. 46. ( Dtotal ~ DAg +^ ^ MnC^4 i s E 1 0 ^ ® ^ against silver 

ion concentration for solutions in which [Ag +]» [MnÔ  ]. Although the 

scatter is large, an enhancement of the MnÔ  absorption is apparent, 

providing some evidence for the formation of undissociated AgMnÔ . The 

formation of this species was also suggested by Hein (75) to account, in 

part, for the silver catalysed hydrogenation of permanganate in neutral 

solution. 

The slight negative salt effect is consistent with a mechanism 

involving two ions of opposite charge. 

The species AgH+ has been suggested in Part I as an intermediate in 

mechanism (i) for the Ag + catalysed reaction between H"2 and GT^O^. There 

is a resemblance between this mechanism, involving the activation of 
+ 

hydrogen"by interaction with two silver ions, and the Ag catalysed 

hydrogenation of MnÔ  . In the latter system, MnÔ  effectively replaces 

one of the Ag + ions as an acceptor for an H atom (or an electron). This 

reaction path is favoured because of it s low activation energy (ca. 9 kcal. 

mole - 1), presumably reflecting the high electron affinity of MnO^-. 

. Alternative mechanisms might involve pre-equilibria giving b i - or 

trivalenir silver ions which would react with Ĥ , i.e., 

Ag + + Mn04
- > Ag + + + Mn04

= (29) 

Ag + + Mn04
- • Ag + + + + Mn04= (jo) 

Ag + + Mn04
- — > AgO+ + Mn05" (31) 

-1 However, AF° for process (29) is about +32 kcal. mole- (105) while AF* of 

activation for the reaction studied is only +17 kcal. mole - 1. The 
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Fig. 4 6 . V a r i a t i o n of MnC£ absorption at 270 m ^ w i t h s i l v e r 
c o n c e n t r a t i o n . 
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equilibria involving trivalent silver would probably be even more un­

favourable. It is believed that either Ag+++- (106, 107) or Ag + + (108) 

is an intermediate in the silver ion catalysed SgOg- oxidations; in these 

reactions, however,, the rate is found to be essentially independent of the 

concentration- of the reducing agent (106, 107). It would appear, therefore, 

that such a "mechanism is unlikely in the present instance. 
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G-ENERAL DISCUSSION 

It would appear that'hydrogen can react in the presence of silver 

ion by at least three different mechanisms: reactions which involve in 

the i n i t i a l step (a) two silver ions and one hydrogen molecule, (b) one 

silver ion and one hydrogen molecule, and (c) a silver ion acting in 

combination with a specific oxidizing agent (MnÔ  ) as a specific catalyst 

for reduction of the latter. 

The f i r s t type of reaction, giving third order kinetics, is similar 

to the activation of hydrogen by CuOAc in quinoline. An activated 
++ 

complex of the form Ag2^2 l s i * 1 ^ 0 ^ ^ ; this may decompose to inter­

mediates such as 2 AgH+. Since no proton is released in this process, 

the absence of large acid or base effects on the kinetics appears 

reasonable. 

The second type of reaction resembles the activation of hydrogen by 

Cu and the- reduction of AgOAc in pyridine. The i n i t i a l step probably 

involves- the formation of a hydride intermediate, AgH, and the release 

of a proton. Stabilization of this proton by a base increases the rate 

of reaction and prevents back reactions; the relative rates of reaction 

of the complexes are indicated in Table XIX. 

The f i r s t two types of reaction are represented schematically by the 

potential energy diagrams shown in Fig. 47; uncertainties in the energies 

of intermediates precludes any attempt to make the representation quanti­

tative. 

These two reactions may, perhaps, be differentiated on the basis of 

the mechanism whereby the molecular hydrogen becomes activated, i.e., 

homolytic fission in which the hydrogen splits symmetrically forming 2 AgH+, 
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TABLE XIX 

Relative reactivities of complexes of Ag(l) 

Complexing Agent pK^ 

1 2 

Rate of activation 
of relative to 
hydrated ion 

N 
No. of ligands 
per complex 

N l 0 g K s t 

Ethylene diamine 7.2 10.0 25 i 3 * 2 3.9 
Cyanide 9.4 <0.5 2 9.2 

Acetate 4.76 80 - 20 * 1 0.73 
Water - - 1 - -

* k at 70°C divided by ku calculated, for 70»C. 

pKA = - log [B] [H+] K s t = [MBj 
[ B H + ] [M] [ B j n 

References: (69), (70), (9l), (93), (l05). 
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and heterolytic fission in which the hydrogen splits asymmetrically forming 

AgH and H+. It has been suggested (36) that such a classification may 

apply to other hydrogenation reactions, e.g. homolytic fission of Hg in 

reaction with Hgg + +, and heterolytic fission of Hg in reaction with Cu + + in 

aqueous solution. In the Ag(l) system activation by both mechanisms 

appears to take place simultaneously. 

The third type of reaction is illustrated by the silver catalysed 

reduction of permanganate. The i n i t i a l step may involve the acceptance 

of an electron by the permanganate and the acceptance of a hydrogen atom 

by the silver ion. A mechanism similar to this may account for the 

catalytic effect of silver salts on the permanganate oxidation of organic 

compounds such as acetone, methanol, and stilbene (75). 

In the reduction of silver perchlorate in the absence of a reducible 

substrate, the nucleation apparently involves a process of high order in 

Ag . The' presence of a base probably results in faster nucleation, 

reflected in a smaller particle size (Fig. 49). 

A comparison of the reduction rates of the oxy-anions MnÔ  , CrO^~, 

and'ClO^" is of interest. The f i r s t i s reduced by hydrogen directly, the 

second is reduced only in the presence of a catalyst, the third i s not 

reduced-at" a l l under the-conditions used in these experiments. In per­

manganate there are vacant 3d orbitals which should be capable of accepting 

electrons fronr the hydrogen. In chromate, iso-electronic with permanganate, 

the energies of these orbitals will be higher on account of the lower nuclear 

charge on chromium. This results in the relative instability of Cr(v) and 

Cr(lV) oxy-anions which might be expected as intermediates. Perchlorate, 

the reduction of which is also favourable thermodynamically, possesses no low 

energy unoccupied orbitals; the f i r s t unoccupied level is the 4s, which has 

a considerably higher energy than the bonding orbitals. 
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APPENDIX A 

SUMMARY OP EXPERIMENTAL RESULTS 

SILVER ION CATALYSED REDUCTION OF DICHROMATE BY HYDROGEN 

(a) Effect of partial pressure of hydrogen. 

Temp. 49.6°C; 0.5 M. HC104; 0.1 M. AgC104 

P_ - d [ H j X 10' 
H2 1 

atm. 

8 

dt 
, -1 -1 m.l. sec. 

d [Hg] 

dt 
X 10 

m.l. sec. 

kj X 10' 

, 2 - 2 -1 I. m. sec. 

0 
0.23 
0.34 
0.47 
0.63 
0.87 

(0.07) 
1.42 
2.16 
2.85 
3.81 
5.30 

1.23 
1.88 
2.49 
3.29 
4.58 

7.5 
7.7 
7.2 
7.2 
7.3 

(b) Effect of variation of silver perchlorate concentration. 

Temp. 50.0°C; 0.5 M. HC10, 

AgCIO, 

M. 

EL 

atm. 

d[Hg] X 10' 
dt 

m.l. sec 

- d[Hg] 
dt 

X 10 8 

(at P„ =1 atm.) 
-1 H2 -1 -1 m.l. sec. 

*1 X 10' 

1. m. sec. 

0.0395 
0.0600 
0.0776 
0.1002 
0.1087 

0.88 
0.87 
0.87 
0.88 
0.88 

1.03 
2.08 
3.44 
5.24 
6.20 

0.87 
1.89 
3.29 
5.11 
6.13 

7.7 
7.2 
7.5 
7.0 
7.2 
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(c) Effect of variation of silver perchlorate concentration. 

Temp. 40.0-0C; 0.5 M. HC104 

AgCIO, 

M. 

H, 

atm. 

d[H2] X 10° - d[H2] 
dt dt 

X 10 

(at P_ = 1 atm.) 
Jag , -1 -1 , -1 -1 m.l. sec. m.l. sec. 

kj X 10' 

. , 2 - 2 - 1 l . m. sec. 

0.0397 
0.0602 
0.0803 
0.1002 
0.1082 

0.93 
0.93 
0.94 
0.90 
0.93 

0.51 
1.07 
1.80 
2.52 
3.00 

0.45 
0.99 
1.69 
2.54 
2.95 

3.6 
3.7 
3-5 
3.4 
3.4 

(d) Effect of variation of silver perchlorate concentration. 

Temp. 70.0°C; 0.5 M. HG10. 

AgCIO, 

M. 

X 

atm. 

8 d[H2] X 10 
~dt 

m.l. sec. 

- d[H2] 
dt 

X 10 8 

( a t PH 2 = 1 atm.) 
-. -1 -1 m.l. sec. 

10' 

, 2 - 2 -1 1. m. sec. 

0.0198 
0.0402 
0.0604 
0.0796 
0.1001 
0.1005 

0.69 
0.71 
0.71 
0.69 
0.69 
0.70 

1.02 
3.6 
7.5 

12.1 
17.7 
17.9 

0.87 
3-4 
7.5 

12.7 
19.8 ' 
19.8 

31 
29 
29 
28 
27 
27 
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(e) Effect of variation of silver nitrate concentration. 

Temp. 50.0°C; 0.5 M. HN05 

AgNO, 
3 \ - d[Hj X 10 8 - d[H2] X 10 8 

dt dt- • 
(at P„ = 1 atm.) 

M. atm. T -1 "I 
m.l. sec. 

n -?2 -1 m.l. sec. 

0.0399 0.88 0.92 1.04 
0.0600 0.88 1.89 2.14 
0.0798 0.88 3.24 3.69 
0.1001 0.88 4.80 5.45 
0.1079 0.88 5.52 6.26 

(f) Effect of temperature. 

0.100 M. AgC104 

Temp. \ -d[H2J X 10 8 - d[H2r X 10 8 X 10 5 

\ dt dt J 
»C atm. , -1 -1 m.l. sec. m.l. sec. •1 i 2 —2 -1 1. m. sec. 

30.0 0.95 1.22 1.14 1.57 
49.6 0.88 5.29 4.54 7.1 
60.0 0.80 9.94 8.00 14.2 

(g) Effect of partial pressure of hydrogen. 

Temp. 110.0°C; 0.03 M. HC104 

C r 2 0 7
= x 10 3 P H AgC104 X 10 5 . - d[H2J X 10 7 

Initial dt 
M. atm. M. i -1 -1 m.l. sec. 

1.67 
1.67 
1.67 
2.50 

1.0 
2.0 
3-0 
4.0 

9.6 
9.5 
9.5 
9.6 

1.4 
2.9 
4.4 
6.5 
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Effect of variation of silver perchlorate concentration. 

Temp. 110.0°C; H g pressure 4.0 atm.; 0 .03 M. HC104 

2.5 X 10"5 M. C r 2 0 ?
= i n i t i a l l y 

AgC104 X 10 5 -d[H2] X 10 7 ^d[H2]"| X 10 7 

, -1 -1 , -1 "I 
M. m.l. sec. m.l. sec. 

2.48 
5.02 
7.58 
9.52 
12.49 
14.68 

0.54 
2.23 
4.55 
6.5 
10.0 
12.9 

0.49 
2.01 
4.05 
5.7 
8.7 
11.0 

Effect of variation of silver perchlorate concentration. 

Temp. 110.0°C; H 2 pressure 4.0 atm.; 0.102 M. HC104 

2.5 X 10~5 M. C r 2 0 7
= i n i t i a l l y 

AgC104 X 10 3 -d[H2] X 10 7 -d[H 2n X 10 7 

M. m.l. sec. m.l. sec. 

7.51 1.97 1.48 
9.95 3.50 2.63 
12.48 5.35 3.99 
15.13 7.6 5.6 
17.63 10.0 7.3 
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(j) Effect of variation of perchloric acid concentration. 
,-3 Temp. 110.0°C; Hg pressure 4.0 atm.; 9.5 X 10 M, AgC104 

2.5 X 10~5 M. Cr 20 ? i n i t i a l l y 

HC10, 

M. 

NaCIO, 

M. 

- d[Hg] X 10 7 

dt 

, -1 -1 m.l. sec. 

- d[H2] 
dt 

X 10 1 

II 
T -1 "I 

m.l. sec. 

0.0199 
0.0301 
0.0522 
0.0770 
0.1041 

0.28 
0.27 
0.25 
0.22 
0.20 

6.9 
5.8 
4.6 
3.5 
3.0 

6.1 
5.0 
3-8 
2.7 
2.2 

(k) Effect of variation of silver perchlorate concentration. 

Temp. 85.09C; H 2 pressure 4.0 atm.; 0.031 M. HC104 

0.83 X K f 5 M. C r 2 0 7
= i n i t i a l l y 

AgC104 X 10 

M. 

d[H2] X 10 7 

~dt 
, -1 -1 m.l. sec. 

- d[H2] 
dt 

X 10' 

II , -1 -1 m.l. sec. 

1.01 
1.26 
1.51 
2.00 
2.50 
2.50 
2.79 

1.20 
1.65 
2.10 
3.11 
4.07 
4.16 
4.68 

0.99 
1.33 
1.64 
2.30 
2.79 
2.88 
3-09 
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(l) Effect of variation of silver perchlorate concentration. 

Temp. 100.8«C; B"2 pressure 4.0 atm.; 0.0J1 ,M. HC10 

2.5 X 10~5 M. C r 2 0 7
= i n i t i a l l y 

AgC104 X 105 - d[H2J X 10 7 - d[H2]" 7 
X 10' 

dt dt J II 
M. i -1 -1 m.l. sec. - . -1. -1 m.l. sec. 

5.02 1.32 1.19 
7.51 2.57 2.28 
10.0 3-99 3.47 
12.5 5.4 4.6 
13.5 6.0 5.1 
14.7 6.9 5.8 

(m) Effect of variation of silver perchlorate concentration. 

Temp. 120.3»Cj. H 2 pressure 4.0 atm.; 0.031 M. HC104 

2.5 X 10" 5 M. Cr 20 7~ i n i t i a l l y 

AgC104 X 10 5 - d[Hg] X 10 7 - d[H 2]l X 10 7 

dt., dt II 
M. m.l. sec. m.l. sec. 

7.62 7.5 6.6 
10.1 12.2 10.6 
12.6 17.9 15.5 
15.0 23.5 20.0 
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(n) Effect of variation of silver perchlorate concentration. 

Temp. 110.0°C; 0.10 M. HC104; 1.67 X 10 - 4 C r 2 0 7
= i n i t i a l l y 

AgClO, X 102 fC X 105 K . X 10 4 

^ 4 o 1 
-1 i -1 -1 M. sec. l.m. sec. 

0.763 0.35 0.57 
1.006 0.94 1.13 
1.255 2.04 1.96 
1.530 3.77 3.13 
1.674 5.19 3.88 

(o) Effect of variation of silver perchlorate concentration. 

Temp. 110.0°C; 0.03 M. BELO^ 1.67 X 10~4 C r 2 0 7
= i n i t i a l l y 

Agcio 4 x i o 2 K o X 10 5 K 1 X 10 4 

M. sec. l.m. sec. 

0.506 0.21 0.64 
0.754 0.97 1.66 
0.954, 2.27 2.71 
1.247 6.04 3.94 

(p) Effect of variation of HC104 concentration. 

Temp. 110.0°C; 9.6 X 10~5 M. AgC104; 1.67 X 10~4 M. C r 2 0 7
= i n i t i a l l y 

HC10. KaClO. fC X 101 

4 4 o 
M. M. sec. - 1 

K x i o 4 

, - l - l l.m. sec. 

0.203 0.10 
0.153 0.15 
0.100 0.20 
0.050 0.25 
0.030 0.27 

0.52 0.45 
0.65 0.57 
0.95 0.76 
1.80 1.45 
3.19 2.00 
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REDUCTION OF PERMANGANATE BY HYDROGEN 

(q) Effect of hydrogen partial pressure on permanganate reduction 

Temp. 50 .00CJ 0.30 M. HC10. 

x - d ln[Mn04~J X 10 4 k 
c. • " dt 

atm. -1 -1 -1 atm. sec. l.m. sec. 

0 (0.01) 
0.23 0.95 O.83 
0.40 1.67 0.87 
0.59 2.27 0.80 
0.74 2.85 0.79 
0.88 3-42 0.80 

(r) Effect of temperature on rate of permanganate reduction 

0.30 M. HC10. 

Temp. k 

°C l.m.^sec. 

30.0 0.19 
40.0 0.40 
45.0 0.56 
60.0 i.66 
70.0 3.08 
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(s) Effect of hydrogen pressure on the silver ion catalysed reduction of 

permanganate. 

Temp̂  40.0°C; 0.Q184 M. AgC104; 0.30 M. HG104 

H2 

atm. 

d ln[MnO~] X 10 4 

dt 

sec. 
-1 . ' -1 -1 x.m. sec. -1 "1 x.m. sec. . 2 -r2. -1 X. m. sec. 

0 
0.21 
0.27 
0.38 
0.58 
0.75 
0.92 

(0 .01) 
0.86 
1.03 
1.59 
2.29 
3.Q0 
3.84 

0.82 
0.78 
0.85 
0.80 
0'.81 
0.84 

0.40 
0.40: . 
0.40 
0.40 
0.40 
0.40 

23 
21 
24 
22 
22 
24 

(t) Effect of variation of silver perchlorate concentration on the rate of 

reduction of permanganate. 

Temp. 40.0QC; O . 3 0 M . HC104 

AgC104 X 10-

M. ; -1 -1 
l.m. sec. 

-1 -1 l.m. sec. , 2 - 2 -1 1. m. sec. 

4.5 
9.3 

37.0 
44.3 
55.7 
55.9 

0.49 
0.59 
1.34 
1.54 
1.66 
1.76 

0.40 
0.40 
0.40 
0.40 
0.40 
0.40 

20 
21 
25 
26 
23 
24 
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Effect of temperature on the silver ion catalysed reduction of permanganate 

0.0184 M. AgC104; 0.30 M. HCIO^ 

Temp. k' k k, 
-1 -1 - 1 - 1 2 -2 -1 QQ l.m. sec. l.m. sec. 1. m. sec. 

30.0 0.45 0.19 14 
45.0 - 1.10 0.56 30 
50.0 1.48 0.81 37 
60.0 2.74 1.66 58 
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APPENDIX B 

Sample calculation of exchange rate, using as illustration experiment B. 

Deuterium content of solution. 

density of sample at 20» = 1.0200 

corrected for air buoyancy = 1.0210 

Ad = 0.0228 where id = density of sample 
,p d 1 ± " " H20 

d_ = " " D_0 
d <s 2 

wt. % DO = Ad d2 X 100 = 23-0% Ad = d - d 
a± + Ad d 2 - d x 

2804 ml. of this HgO - DgO mixture were used. 

.*. wt. of H20 = 0.770 X 1.0210 X 2804 = 2204.4 gm. 

(1.246 X 20) - 6.219 = 18.7 gm. (HgO in AgC104 soln.) 

(1.544 X 9.6) - 9.04 = 5.9 gm. (HgO in HCK>4 soln.) 

!g0 used to make 

volume to 3 !•) 

166.4 X 0.9982 = 164.1 gm. (HgO used to make 

Total HgO = 2393.1 gm. 

wt. of DgO = 0.230 X 1.0210 X 2804 = 658.4 gm. 

No. moles.HgO =132.8 

" DgO = 32.9 

mole % D = 19.8 = D X 100 
H + D 

Calculation of "n". 

D | D+ , E° = - 3.4 mv. at 21»C 

hence, 2.3 RT log H ?
 aD + = - 0.0034 

P i. \ v 
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or P D [H +] 2 

2 • • = 1.31 = K, assuming f + st i + M D 

P„ [D,0] 
K9 = 2 = 13.5 

laU! = 1 5 . 5 X 1 # 3 1 [H2O] 
[D +] 2 "[DgOT 

K, = [HDO]2 = 3.78 
5 [H20][D20] 

Now H20 + D20 = 2 EDO 

(0.802 -r a) (0.198 - a) 2a 
2 

(0.198 - a)(0.802 - a) ~ 

a = 0.157 

.'. [H+] 
[D+] 

and n = 
[D+] + [H+] 

16.7 

= 0.0564 at 20«C. 

(3) Calculation of x using equation Ax = (r - r) v n RT At 
0 V 

Time Period 

mm. 

r - r 
0 , -1 -1 . -1 m.l. sec. atm. 

v 
mean 
1. 

n V At 
mean 
1. sec. 

Ax 

0-35 

35-85 

85-145 

1.71 X 10 -7 

1.71 X 10' -7 

1.71 X 10 -7 

2.97 0.0564 

2.95 0.0564 

2.93 0.0564 

1.77 2.10 X 103 0.10 0.10 

1.79 3-00 X 105 0.15 0.25 

1.81 3.60 X 105 0.18 0.43 

r o = kj [AgC10 4r[H 2] + kT1 [AgC104][H2] 

r = kj [AgC104]2[H2] + k I r [AgC104]2[H2] 
.kj-j [HCloJ + [AgC104] 
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using [AgClO^] = 0.0100 M. 

[HC104] = 0.0309 M. 

T = 383.2«G 

[H ] = 0.0188 m.l. - 1 

• 22.4 

(4) Observed values of x 

Sample mass 2 mass 3 Ratio correction * % HD 
peak peak X 30 X 10 2 for H,+ x 
(H 2

+) (H + + HD+) 5 

em. cm. 

B-l 13.8 0.8Q 0.193 0.144 0.05 

B-2 19.25 1.7 0.294 0.195 0.10 

B-3 13.55 1.4 0.344 0.142 0.20 

Determined from Fig. 48. 
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Fig. 48. Ratio of mass 3 peak / mass 2 peak 
mass 2 peak for ordinary hydrogen. 

plotted against 
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APPENDIX C 

X-ray crystallographic examination of the products precipitated from silver 

solutions by hydrogen. 

X-ray diffraction patterns were determined by the Debye-Scherrer method 

using a copper target and nickel•filter. The following results were obtained: 

Material Structure Lattice Parameter X 

Precipitate from perchlorate solution FCC 4.086 

Precipitate from acetate solution FCC 4.086 

Precipitate from EDA solution FCC 4.086 

Precipitate from EDA +NaOH solution FCC 4.086 

The recorded lattice parameter for silver is 4.0856 A* ( l ) . No lines 

other than those of the FCC pattern were observed. 

(l) Barrett, C.S., "Structure of Metals", McGraw-Hill Publishing Co., 
New York, N.Y., 1952, p. 648. 
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(a) Silver precipitated from perchloric acid solution. 
1560 X, KCN : H 20 2 etch. 

(b) Silver precipitated from ethylene diamine complex. 
1560 X, KCN : H 20 2 etch. 

Fig. 49. Photomicrographs of precipitated silver. 


