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A KINETIC STUDY OF SOME HOMOGENEOUS REACTIONS OF
MOLECULAR HYDROGEN WITH METAL IONS IN
AQUEOUS SOLUTION

ABSTRACT

The kinetics of the silver ion catalysed reduction of dichromate by mole-
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, + 2Ag* — intermediates — products
giving third order kinetics, and,:
(2) H, + Ag* < AgH + H*
AgH + Ag* — intermediates — 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,O to the aqueous

phase appeared as HD 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 magmtude of the effect follows the order
acetate, ethylene diamine, H,O.

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

H, + MnO,~ — MnO,— + 2H+

was proposed to account for the kinetics in both acidic and basic solutions.
Silver perchlorate was found to act as 2 homogeneous catalyst for this reduction.
The mechanism of the catalysed reaction may be,

Agt + MnO,~ & AgMnO, (fast)
AgMnO, 4+ H, — intermediates — products
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ABSTRACT

The kinetips of the silver ion catalysed reduction of Cr207= by molecular
hydrogen in aqueous solution were investigated over a wide range of conditions
between 309 and 1209C. The rate was found to be independent of Cr20,7= at
sufficiently high concentrations of this oxidizing agent. The observed
kinetics were consistent with the existence of two simultaneous reaction.
paths,

+ kI
(l) H2 + 2 Ag _— intermediates —>products,

giving third order kinetics, and,
k

(2) Hy+as" == g« E
k
-1
| + k2 '
AgH + Az —~——  intermediates —3 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 deuteriﬁm, added as D2O to the
aqueous phase, appeared as HD in the gas phase during the course of the '
reaction. As the Cr(VI) 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 nucleil of metal particles.

The precipitation by hydrogen of silver metal from silver perchlorate,
acetate, and ethylene dismine solutions was examined. The basic complexing
agents aqceleraﬁed the reaction, probably by stabilizing the prot;n released
in the first stép of reaction (2). The magnitude of the effect followed

the order, acetate > ethylene diamine ) HZO'

4

range. The initial.step,

Reduction of Mn0O, by molecularvhydfogen was studied over a wide pH



ii

- 4
— Mn04 + 2 H

-

4

was proposed to account for the kinetics in both acid apnd basic solutions.

\

Silver perchloréte was found to be a homogeneous catalyst for this reduction.

HZ + MnO

The mechanism of the catalysed reaction may be,
Ag" + M0, T= Aghno, (fast)

AgMnO4 + H2 —% intermediates — products.
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A KINETIC STUDY OF SOME HOMOGENEOUS REACTIONS OF
MOLECULAR HYDROGEN WITH METAL IONS IN
AQUEOUS SOLUTION

ABSTRACT

The kinetics of the silver jon catalysed reduction of dichromate by mole-
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; 4 2Ag* — intermediates — -products
giving third order kinetics, and, -
(2) H, + Ag*t < AgH + Hf
‘AgH + Agt — intermediates — 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,O to the aqueous

phase appeared as HD 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*t 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;0.' '

The reduction of permanganate by moleculdr hydrogen was studied over a
wide pH range. The initial step,

H, .+ MnO,~ — MnO,~ 4+ 2Ht

was proposed to account for the kinetics in both acidic and bisic solutions.
Silver perchlorfate was found to act as a homogeneous catalyst-for ‘this reduction.
The mechanism-of the-catalysed reaction may be;

Ag*t + MnO,— < AgMnO, (fast)
AgMnO, + H, — intermediates — products
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A KINETIC STUDY 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 qf hxdrogen with cupric, mercuric, and mercurous salts,.and is
here extended to salts of silver and of permanganate.

This extenéive investigation of the reactions of hydrogen with in-
organic substanqes was undertaken for three principal reasons: (1) the
importance of hydrogen as a reducing agent in hydrometallurgy, (2) the
simila?ities which might be expected $o exist between the homogeneous and
heterogéneous reactions of hydrogen, and (}) the importance of the reactions
of hydrogen in the investigation of the principles governing the kinetics. and
mechanisms of chemical reactions in general.

In hydromefallurgy? 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
in;tiation by sbme nucleating agent, proceeds by heterogeneous catalysis on
fhe surface of the metal particles present in the solution. The reaction
between cupric salts gnd 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



be seléctively 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 VQO and U02, respectively, in the presence of nickel powder

3
whigh functions:as a catalyst. In connection with reactions such as these,
it 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 amenahle
to ihterpretatibn than those of heterogeneous reactions.

Some parallelism betwqen the-homogeneous and heterogeneous .reactions
of hydrogen was anticipated 6n 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 haé been discussed previously (8); For
heterogeneous qétalysts 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, 11). Support for this view is provided by the de-
crease in the paramagnetic susceptibility of such metals (which indicates
the filling of the 4 bands) upon the adsorption of hydrogen (12), by the
decrease in Qatélytic activity upon alloying the catalyst with a secoﬁd
metal of higher valence which donétes electrons to fill the d bands- (13, 14),
and by the poisoning of the cataiysts by strongly adsorbed electron.
donating molecules such as alkyl sulphides (15, 16). Very strong ad-
sorption by a rééctant or prodyct in the catalysed reaction will also

poison the catalyst (17). = It has been pointed out (8) that the reactions



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 "isoelectroﬁic" with atoms of the metals which, in the
'solid state, are catalysts for hydrogenation reactions. The“decrease ih
reactivity of cﬁpric and mercuric ions which takes place on complexing with
ethylene diamine can be attributed to the filling of the electron acceptiﬁg
orbitals, Jjust és poisoning by sulphides was attributed to the gilling of
the d band holes of heterogeneous catalysts.

The importance 6f.the reactions of hydrogen.in the general studx of
chemical kinetics and mechanisms lies principally in the relati&e simplicity
of the hydrogenvmolecule. In hydrogenation processes difficulties due to
side reactions énd bond rearrangements will be minimized, and hence ﬁhere'
will be a greater probability that‘the mechanism of the hydrogenétion 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 hompgeneous
hydrogenation réactions in their proper perspective a few examp%es of
different types of reactions of hydrogen Qill be reviewed briefly. .

In the gas phase, thexreaction between H2 and Br,, (18) is governed by
a chain mechanism involving H and Br atoms as chain carriers (19). Because
of the high dissociation energy of the hydrogen molecule (103 kcg%;/mole)

chain initiation by the thermal reaction, H, —* 2H is unlikely, thus in the

3

H2--Br2 reaction, the chain initiation step is probably Br2

the homogeneous hydrogenation of ethylene (20) the first stage is believed

=~ 2Br, while in

to be

—>
H + C2H4 H+ 02H5 ’

with an activation energy of about 60 or 70 keal./mole (21, 22).
|



Molecular hydrogen may however be dissociated by collision with photo-
excited atoms, for example,
e en, — 28+ E.
The H atoms so froduqed may then react with.ethylene (23).  On the other
énd I

hand, as in the formation of HI from H 0 reactions of hydrogen may

2
involve a simple bimolecular mechanism. The chain me¢hanism does not
compete with the direct reaction in this system (18) bécéuse of the high
endothermicity (ca. 33 kcal./mole) of the step,

H2 + 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 métals, hydrogen will react much more readily. For
~ example, the apbarent activation energy is 43 kcél./mole in the gas phase
for the hydrogenation of ethylene, but only 11l keal./mole on a.nickél
surface (25). Some aspects of this type of catalysis were_discussea
above. Certain semi—conductqrs (26) such as 2Zn0 (27) and Cr203 (28, 29)
alsé will catalyse hydrogenation reactions. In this connection it has
been reported tﬁat an increase in the number of free electrons, inthe
case of 4n0 (n—type), or decrease in the number of holes, in the céée of
2—D2 exchange.

The opposite would be expected if the actiwation involved the transfer

Cr203 (p~type), increases the activity of the catalyst for H

6f electrons from the hydrogen to the catalyst as was postulated feor

the trarisition metal catalysts. However, the adsorption of hydrogen

at 3009C on p-type semi- .onductors reduces conductivity, while adéorption
on an n—type semi-conductQr increases conductivity (30); this is as would
be expected for‘the donation of electrons from the hydrogen to the oxide.

The reasohs for these conflicting indications in the case of semi-conducting



cataiysts are net understood.

Among the heterogeneous reactions of hydrogen en oxide surfaces are
those in which fhe oxide itself is reduced (i.e, to a metal and water)
(31, 32, 33). {These reactione are generally‘autocatalytic,.but attempts
to relate their?ratee 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 (54, 35),
which has been shown to catalyse the hydfogena%ion.of fumarate? and

the H2 - D2 exchange. Homogeneous activation of hydrogen may also

be effected by ¢ertain metallic salts in aqueous or non-aqueous solution,‘
The salt may itself 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 OF MOLECULAR HYDROGEN IN SOLUTION

A number of systems in which hydrogen reacts homogeneously in a
liquid phase (both aqueous and organie) have been described and studied |
kinetically. The hydrogen-activating species in these systems is
generally a metai ion or a metal contaiﬁing complex. The results of
these kihetic investigations have been repently reviewed (36, 37) and
are here summarized in Tabies I and II. During the investigation‘of
these reactions some.effects of variation of solvent ah@ of complexing
agents have been studied; the relative rates obtained with various
ligands attacheé to Cu++ (57) and Hg‘Mr (61, 62) ions in-aqueous solution

are listed in Table III.
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TABLE I

molecular hydrogen in organic solvents

Hydrogenation Catalyst Solvent Kinetics AH* ' AS* Temp. Proposed Mechanism Refs.
Reaction ' -1 -1 -1 :
‘ kcal.mole ™ - cal. deg. mole °C.
AgOAc — Ag® - pyridine k[Hgl[AgOAc] 12-14 =25 25 to 78 AgOAc + H, X, AgH + HOAc (38)(39)
AgH + Ag0Ae £29% 5 pp 4+ HOAc
Cu(0Ac) o™ CuOAc CuOAc pyridine k[H2][CuOAc] 100 CulOAc + Hz'g*-* CuH + HOAc (38)
| ' | Cull + 2Cu(OAc), Lasty30004c + HOAc
Cu(0Ac) s+ CulAc CuOAc quinoline k[H?][CuOAc]2 13-16 -20 25 to 117 H, + 2Cu(I) £ ocu(n)H (40)(41)
- p-benzoquinone Cu(I)H + Cu(II) iﬁQCn(I) + H (42)(43)
- quinhydrone . fast
. Cu(I)H + substrate —=-3 products (44)(45)
o-p H, conversion + Cu(I) ' '
| Dz-)IID |
C,H, + B CH, Pt012_(023 4)2 acetone -30 to O 2PtCL2(C2H4)2+2H2—9(PtC1202H 4)2+202H6 (47)
(PtC1,C,H 4)2+202H i 2.Ptc:1~2(<:2H 4)2
Hydroformylation 002(00)8 benzene, klkBPH2[Co][X] 90 to 200 cog(co)8 + xv--——kl-’coz(co)7x + CO (48)(49)
) ether : Ko
Hydrogenation of k3P, + ky Fog Co (co),,x + HZ--k—%cQz(co) ¢ * HXCHO  (50)(51)
a-B unsaturated T :
carbonyl compounds C‘02(CO) 6 * 200—-9002(0,0)8
' [ M i
Py D N, m3 k[NH2 ][H2] =50 D, + NE, — D+ DNH2 (52)
o-p H2 conversion D * HNHQ——) HD + NHQ’—




TABLE II

Summary of homogeneous reactions of

aHF

molecular hydrogen in aqueous solution

2

Hydrogenation Catalyst Kinetics R AS# Temp. Proposed Mechanism Refs.
Reaction . =1 -1 =1 .
kcal.mole cal.deg. “mole Ko
o +4 \ ++.2 | . k3
ol gl 10 R (53) (50)
- (k_, 7k, J(H* J+[Cut* -
1051, B A \ cult® + cutt %25 000" + B (55)
Ce(IV)-»Ce(III) Cut + substrate —£23%y cutt 4 products
cr(vI)—=cr(ITI) Cu(0ac), kicu(oae),ll,] 24 ol 80 107140 Cu(0hc), + H, —5> Culi” + HOAc + OAc (56) ( 58)
26u(04c) 57 Cu 0 Cui” + Cu(II)—> 2 cu(I) + H (59)
o ' ' ' ' ' o ' T v M v T Bl
++ ++ : o
2Hg —Hg, - k[Hg ][H ) 18 -12 65 t0 100 Hg'" + H,—»Hg + 211" (8) (60)
Hg + Hg++ fasta Hg
ey O ++ o . ' B
H52++-92Hg_. - k[HgQ» ][Hz]. .20 -10 65 .t0:100 Hg2+* + quiﬁa»zHg + 20" (8) (60)
. | 255 =% 2 g
. _ ' | 3 " " ’ _ +,A 7 - :
Mn0 "M, | - 0,18, ) 16 12 6to25  Mn0,” + H2—>Mno4 + 2 H (63) (64)
Mn0 = fast, Mo, (65)
quinone
+
vQH + Co(NH3)2 —+Q + Co + 2NH4
D;HD oF"  k(H,l[on") 23 ~1 80 to 110 D, + OH —D" + DOH (66) -

o-p H, conversion

2

HOH + D - OH + HD




TABLE IIT

 Relative reactivities of complexes of Cu(II) and of Hg(II)

don

(a) Rate of activation of

- (b) Stability constant, Kst

References:

4[MBn]
(Mi[B]"

(8), (57), (69), (70), (11), (76).

ig:;iQXlng P H, (relative to hyd-— Naq. of ligands %1°ngt (e) -
rated ion per camplex
1 2 ca(II)  Hg(II) cu(1I) Hg(II) Cu(II) Hg(II)

_Ethylene 7.2 10.0 0.1 0.001 2 2 10,01 11.71

Diamine .

Glycine  2.34 9.78 0.5 - 2 - 777 -

Butyrate 4.81 - 150 0 - 2 - - -

Propionﬁte 4.87 - 150 0.04 2 - - -

Acetate 4.76 - 120 o.o4,‘ 2 2 1.65 4.21

Sulphate -  1.92 7 1.8 1 1 0.6 ©  1.34

Water _ - - 1 1 ~ - - -
Bromide = -~ - - 0.0017 - 2 - 7.54
‘Chloride = - 2.7 0.0025 4 2 -1.15 6,61
(a) K, = - log [BI[ET)

| fe8")



On the basis of their kinetic bhehaviour the homogeneous  hydrogenation
._'reactions involving copper, mercury, and silver ions may be classified
~ into two types, i.e. those reactions in which two metal atoms participate
in thé activation process and those which .involve only one metal atom.
 The’activation of hydrogen by mercurous ions (60) in aqueous solutiﬁn
and cuﬁrous acetate (40-45) in quinoline is of the former type, while
,reéctionS'in which hydrogen is activated by mercuric (60) and cupric (54)
ions iﬁ'aqueous solution and by silver and cuprous acetates (38) in
 pyridine are of the latter type. It is likely that the initial activ-
- étion process in some of these reactions.involves the release of a proton,

iee.,

W or H, — M+ H .

The presence of a suitable baée (which may be either a solvent
‘molecule or a complexing agent) adjacent to the metal ion wili tend to
.stabilize this proton and may thus accelerate the reaction-and prevent
”VPQSSible back reactions (57, él, 67): On the other hand,.very'strong
comﬁlexing_of thé cation appears to inhibit the reaction; this may be

due to filling of the low energy orbitals in the ion by electrons from

" the ligand.

~ Some of the other reactions listed in Tables I and II possess

o féatures of spécial interest. The reactions catalysed by ethylene

- :plafinous chloride (47) and dicobalt octacarbonyl (51) are the oﬁly ones
‘which involve the hydrogenation 6f unsaturated C:C double bonds. The
1raté of the ethyiene platinoué chloride reaction appears £o fall off
 §h§rplf'above -1590; The deuterium exchange reactions observed in basic

aqﬁeous.(66) and  ammoniacal- (52) solutions appear unique in that no metal

ion is involved in the catalysis. It 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 trangfer (66). Only a qualitative account {68) has been
'given of the reduction of cobaltous sulphate in the preéence of hydro-
quinene. The permanganate reaction (63) appgarsvto be the only reported
.case of the homdgeneous uncatalysed redgction.of an’ oxy-anion by hydrogen.

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

PREVIQUS INVESTIGATIONS OF HYDROGENATIONS INVOLVING SILVER AND
PERMANGANATE SALTS

It has been known fpr'many years (72),that,hydrogen will precipitate
- gsilver from aqueous solutions of silver nitrate and ammoniagal silver
chloride. - No kinetic measurements on. this system had been reported at
the time that tﬁis investigatioﬂ was undertaken. A few measurements
,'reported recently (73) using silver sulphate solution suggest that the
xreaction, following an induction period, is .first order in the silver salt
and has an activation energy of ébout 20 kcal./mole. Qualitative
"observations have also been made (39) which indicate that silver is slowly
precipitated by hydrogen at atmospheric pressure fromiaqﬁeous solutions
‘containing silver acetate and silver-pyridine complexes; The reduction
of silver acetafe in pyridine solution by hydrogen ﬂ39) wag found to be
first order in the concentration of Az(1).

" The ability of silver salts to promote fhe.absgyppion of hydrogen
by neutral agqueous permanganate solutions has been demqnstrated (74, 15).
.'A precipitate, reported to consist of Ag2Mn205 and AgZMn204, was formed
.which apparently catalysed heterqgensously the permanganate reduction

reaction. The rate measurements, however, indicated that there was some
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' contribution from & homogeneous reaction involving silver ion as a catalyst.
i'Since it aﬁpeared that this catalytic effect was larger'thén that observed
_in the reduction of dichromate (vide infra), an investigation of this
system was undertaeken using acid solutions where complications dué.to hetero-
geneous catalytic contributions were minimized. Preliminary to this in- A
‘vestigation, a kinetic study of the uncatalysed reduction of permanganate
.by hydrogen in écid solution was necessary. .This reaction has been
previously examined in some detail in neutral solution (63) where the
' kiﬁetics were réported to be first order.in. permanganate concentration
"and first order in hydrogen pressure. Some early results have also been
| reborted for acid and alkaline solutions (64, 65), but these weré quali-

tative and of a contradictory nature.

OBJECT AND SCOPE OF THIS INVES?IGATION

The kinetics of the homogeneous reactions;of.hydrogen in aqueous
solution with cﬁpric, mercuric, and mercurous ions, and some of their
complexes have been previously investigated in detail, as reported above,
: and mechaniéms for these reactions have been proposed. An;extensién of
these3investigations to the reaction of a simple uqivalent cation appeared
v Qesiréble and silver salts, which were found to react.wi%h hydrogen at
»ratés convenienf for study and without undue complications, appeared to
be a logicél choice for this purpose. The first part of this thesis,
v.therefore, descfibes a kinetic investigétion of the activation of hydrogen
iin aqueous solution by silver salts (principally the perchlorate), as
revealed by their catalytic effect on the reduction of dichromate,'ﬁhose
' uncatalysed rea¢tion with hydrogen is negligibly slow. Some of the

:details of the mechanism were elucidated by using an agueous solvent
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eprichedbwith D20 and measuring the rate ofufor@ation"of HD. The kigetiés
of the precipitation of metallic silver from.solutions of various silver
salts by reduction with hydrogen were &lso examined, particularly to
obtain informatién about the effect of complexing.on the activation of
hydroéep by silﬁer ions.

| Tﬁe second ﬁart of this thesis relates. to thethomogeneous reduction
of permangapate:in aqueous solution by hydrogen.~  'The kinetics of this
reaction were investigated over a wider pH range than previpusly, and in

addition, its catalysis by silver salts was examined in detail.
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PART 1 - THE HOMOGENEOUS ACTIVATION OF HYDROGEN

BY SILVER SALTS

EXPERIMENTAL

MATERTALS

| The perchlorate salts used in this investigatién,.AgGlO , NaClO4,
andeQ(q104)4 were G.F. Smith Co. rgagent,grade.pyoducts.. Hydrogen and
ﬁitrogen‘gases were obtained from the Canadian Liquid Air Co. Ethylene
diamihe was Eastman Kodak "White Label" grade. The deuterium oxide
(99.5%) was supplied by the Stuart Oxygen.Co. All“qther chemicals.were
éither Baker and Adaméon or B.D.H. reagent grade products. In some
3experiments Ag0104 and Na@lO4 solutions were prepared by neutraiizing
perchloric acid with silver oxide and sodium hydroxide, respectively.

The'experimental solutions were prepared by diluting aliquots of

standardized stock solutions.

 ANALYSTS
Dichromate concentrations were determined spectrophotometrically

at 350-my, using a Beckman DU or DK-2 spectrophotometer. Changes in
| the extinction coefficient with acid concentration were determined
éxpenimentally; a small correction was applied. to compensate for the
‘abserption'of the product Cr(;II). Silver concentrations were determined
- by KCNS titration in acid solution using a ferric ind@bator. In reactions
_.in&olviﬁg precipitation of silver the solutions were filtered before
titrétion. When Gé(IV) was used in place oflCr2Q7:>§§ the reducible
substrate, its concentration was found by the addition\of excess

sténdardized FeS0, and back titration with Ce(HSO4)4. . In the determination

4
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" of the acidity 5f solutions containing a high concentration of Gr(III)
‘ (ffbm the reduction of Cr207=), corrections were applied to compénsate
for apid‘consumed during the reductioh and. for base consumed by the
‘precipitation of Cr203. Hydrogen - nitrogen gas mixtures were analysed
’:'By oxidation of.the hydrogen over CuO.

The deuferium content of the solvent used in the exchange
experiments was determined by specific gravity measurements (77) before
the addition of'solutes. _The concentration of the final solution was

. calculated, allowance being made for H,_ O added with the reagents. The

2

‘H2 - HD gas samples were analysed using a 90° Nier type mass spectrometer*.
'Thgvobserved,ratios of mass B/mass 2 peaks were corrected for the contri-

‘bution of the H * ions by subtracting the experimentally determined mass 3/

3

méss 2 ratio for ordinary hydrogen. The variation of this ratio with ion

current is shown in Appendix B.

PROCEbURE

For the low temperature investigations (30Q to 70°C) the glass appa-.
ratus shown schematically in Fig. 1 was immersed in a water bath thermo-
stated to ¥ 0.039. The hydrogen gas was passed through a NaNO3 solution
to establish the required partial pressure of watér vapour, and was
then dispersed through a sintered glass‘plate<into;thé reacting solution.
> It was determingd that the hydrogen flow rate did not affect the oﬁserved
reéction 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.
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A NaNOj3 Solution C Reacting Solution

B Sintered Glass Plate D Sampling Tube

E H, Inlet

Fig. 1. Apparétus for EXperiments at 30° to 70°C.

-QI_
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composition in the apparatus, the system was allowed to attain thermal
equilibrium. The solution was sampled twice to determine its 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'vap§ur pressure of
;the solution, estimated on the basis of recorded'datavfor uni-uni valent
electrolytes. Variation of the hydrogen partial pressure was achieved,-
when desired, by using analysed hydrogen g.nitrogen.m;xtgres.

For the high temperéture studies a stainle;s steel autoclave
‘fitted'with a'tifanium liner, sampling tube, impeller, thermometer well,
-and thermoregulator'well was used (Fig.v2). A teflon shield prevented.
1splashing onto the roof of the autoclave. The apparatus was heated by
an externgl gas burner. The temperature was controlled to p 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 autoclawve was controlled by a standard gas regulator and measured by
‘e Bourdon type gauge; corrections were .applied for the vapour pressure
-of the solution. The solution was stirred by an iapeller of 5 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 liters of solution of the desired éomposition were placed in

the autoclave and heated to temperature ﬁnﬁer.a:nitrbéen atmosphere.
‘The solution was held under nitrogen, generally for 15 to 30 minutes,

and sampled to determine its 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; gumixture of
A 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. 3, was fitted to the exhaust valve of the éutoclave.
After release ffom the autociave, the gas.sample was passéd into the
evacuated train'whiéh 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. Thevgéneral 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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Fig. 2. Stainless Steel Autoclave,
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Fige. 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 AgGlO4, Cr207= was found to react with H2, over
.a wide range of conditions, according to the following stoichiometric
relation,
Cr,0," + 3 H, + 8 H — o™ 4+ 7 HO  eeeen (1).
In no case was there any indication of the formation of metallic silver
until after the reduction of dighromate had goneito,completion. Further-~
_more, no réductiqn of dichromate took place in.the absence of the catalyst.
For convenience the férmula Cr207= will be employed to denote all the
’Cr(Vﬁ) in solution. It is probable, however, that other forms of Cr(VI),
in particular HCrO4‘, 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(VI) is not of importance. Also, since Cr207= does not
ganerally enter into the rate determining step of the reaction, it is
more appropriaté, in accord with the usual convention, to formulate the
rate law in térms of the rate of reaction of hydrogen (represented
formally as —d[Hz]/dt). This rate of reaction is related to the measured

:.rate of reduction of dichromate by the stoichiometry of equation (1), i.e.,
d[H2] o 3 d[c:1~2o7 ]

2 .21 | ceenen (2).
dt dt

-—

The kinefics of the reaction (1) were studied under two sets of
conditions, conveniently designated as "low temperature'" and "high
temperature'; the range of veriables covered in the two regions of the

investigation can be summarized as,



21~

Low temperature region High temperature region

Temperature 30@ -~ 700°C 859 ~ 1209C
Ag0104 ' 0.02 - 0.11 M. . 0.005 -~ 0.028 M.
HClO4 0.1 - 1.0 M. 0.02 - 0.1 M.
Hydrogen Pressure 0 - 0.9 atm. 0 - 4 atm.

Temperature of most
detailed study 50¢C 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,

a[H,] +42
-2 k. [Ag 1°(H,]
— ] = 1 2 cosees (3)
I
"at low temperatures, and of the form,
+12
alH,) ko lag" )7 [H,]
- dt = + B + LIS SN (4)
voJdIz kp[H'] + [4g7)

~at high fempera#ures. The rate law (3), it will be noted, is similar to
the one proposed for the activation of hydrogen by CuOAc in quinoline, and
the rate law (45 is similar to the one found for the activation of hydrogen
by cu'™ in percﬁloric acid- solution. The two rate laws apparently apply

- to two independént processes which proceed simultapeously, and hence the

total rate is given by,

alny) _ almyd]  als,] eeee (5)
Tat | —dt-_ji_ 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 (II) was fawoured in the high

temperature region.
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The procedure followed in evaluating the constants in these equations
was as follows,

l. An approximat? Arrhenius exprsession for'kI was calculated using
the experimentai results'of the low temperature study.

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

I
the approximate values of - d[HQ]/dt]I were determined. These values
were subtracted from the observed rates in this region to éive an

approximation of - d(HQ]/dt]II from which. Arrhenius expressions for k.

and kiI could be determined.

3. The values of kI and kiI were extrapolated to lower temperatures
and used to calculate values of - d[H2]/dt]II which could be applied as
corrections to - d[H2]/dt, giving a better approximation of - d[H2]/dt]I.

4. Steps li to 3. of this procedure were repeated to self consistency,
i.e. until there was nn‘further change in vaiues of the constants kI,
kII’ and kiI’

The detailed result; will be considered in two parts, first for the
low temperature region, and thep 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 ofltypical rate plots determined at!SO“C is shown in Fig. 4.
The rate of disappearance of Cr207= is seen to be essentially zero order
"with respect to the changing concentration of Cr207= and unaffgcted by
variations in thé initial concentration. Additien of Cr(ClO4)3 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 H2 in the presence of AgClO4 at 509C.
Temp. Reactant x 107 HC10 NaC10, k. X 10°
N 4 4 1
initial conc.
°C M. M. M. 1.%mole %gec. 7L

4906. 1067‘ K2CI'207 Oolo 0090 6079
49.6 1.67 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
4906 ) 1067 K2CI'207 0050 0000 7-08
49.6 1.67 0.50 0.50 6.83
49.6 1.67 0.50 1.00 6063
49.6 1067 0‘050 1050 6.21
49.6 1.67 0.50- 2,00 5.53
4906 1067 K20r207 Oa50 0300 7011
49.6 1.67 0,50 0.00 6,91 (a)
50.0 0.67 K,Cr,0, 0.50 0.00 6.96 (b)
50.0 1.00 “. 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(ClO4)4 0.50 0.00 6.68 (f)

(a) Reaction vessel packed with 2.2 grams of Pyrex glass wool.
(v) Hydrogen flow rate: 0.35 liter mj_n.""l
(C) 1t " " . 0,09 noooon

(d) 1 1" L 0.21 1 1"

(e) Solution 2 x 1074

M. in Cr(ClO4)3.

(f) Rate corrected for rate of decomposition of Ce(IV) in the presence
of AgCl0, without hydrogen, and also for a small apparent rate of
reaction of Ce(IV) with hydrogen in absence of AgClO4.
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period was noted at the commencement of most of the reactions, before the
final zero order rate was.attainéd. This may be an apparent effect due
to the presence in the solution of a trace amount of an impurity which
reduces preferentially to Cr207=. For example, it is estimated that less

than lO“5 M. ClOB- could account for the observed effect. It may be con-

cluded that Cr207= does not participate in the rate determining step

although its reduction serves as a convenient measure of the rate of
reaction of hydrogen in solution. Values of - d[HZ]/dt were calculated

from the measured zero order rate of disappearance of Cr207= and were

generally reproducible to within = 5%.
Evidence for the absence of any large degree of interaction, such

as complex formation between Agf and Cr207? in solution, is provided by

=

the observation that the absorption spectra‘of Cr20 . and Ag+ are almost

7
additive, as shown in Fig. 5.
20-7= does not,take‘part in the rate determining

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

The suggestion that Cr

Ce++++ was substituted for Cr207= as 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 Cr,0. .

Evidence for the homogeneous character of the reaction is prowided
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 for1the figures in the text are tabulated in Appendix A.
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Fig. 5. Absorption spectra of K Crp0;, AgClO,, and a mixed solution of K5Cr,07
and AgClO4. Solutions 0.5 M. HC1O4.
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the partial pressure of hydrogen. Since the solubility of hydrogen in
water in this region obeys Henry's law. (79) it may also be concluded that
the rate is proportional to the concentration of hydrogen in solution, [H2].
Wiebe and Gaddy's data (80) for the solubility of hydrogen in water were
used for the evaluation of rate constants expressed in.concentration units.
The small effect of the electrolytes on.the solubility of hydrogen was
neglected in the absence of data for solutionms' of the compositions employed
in this investigation.

The catalytic influence of Agf on the reaction is clearly demonstrated
in Fig. 7 which shows rate plots for the reduction of Cr207= by H, in
solutions containing various amounts of AgClO4- No reaction could be
detected in the absence of Ag+, while progressively higher rates were
obtained as the Ag+ conceﬁtration was increaéed'up to 0.108 M. The
nature of the dependence is shown more explicitly in Fig. 8, where the
reaction rates determined at 409, 509, and 709C 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
it is observed that the results conform approximately'éo a second order
plot, the rate being roughly proportional to [Ag+]2- Detailed inspection
reveals a deviation from this relation in the direction of lower order,
reflected in the fact that the plots of rate against [Ag+]2 are not
exactly linear. However, when the finally determined values of -~ d[H-Q]/dt]II
are ‘subtracted from the observed rates to give - d[Hz]/dt]I, these
deviations are removed, as the plots, also shown in Fig. 9, demonstrate.

Results similar to those reported apqve-were obtained in a series of
experiments at SQ°C in which nitrate was substituted for perchlorate. The

slope of the nearly linear plot of rate against [AgNO3]2 shown in Fig. 10,
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is about 10% lower than that for comparable perchlorate solutions, possibly
3

small salt effect on the reaction or on the solubility of H2.

the result of some complexing between Ag+ and NO, or the influence of a

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

rate was observed when HC10, concentration was varied between 0.1 and 1.0 M.

4
(the total ionic strength being held constant at 1.1 by simultaneous

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

4

observed when the NaCl0 6 concentration was varied between zero and 1.0 M.

4
in the presence of constant concentrations of 0.1 M. AgC‘lO4 and 0.5 M.

HC10,. At higher NaCl0, concentrations (1.5 -'2.0 M.) a slight decrease

4 4
in the rate was noted. Unfortunately no measurements of the salt effect
could be made in solutions of much lower ionic strength (i.e. ((Ll)
because of the need to maintain critical minimum concentrations of both
AgC10

and HC1l0, in the solution in order to obtain measurable reaction

4 4
rates and to prevent the precipitation of the slightly soluble silver
chromate.

The rates measured at five different temperatures from 309 to 70¢C
gave the Arrhenius plot shown in Fig. lla From the slope of this plot
an apparent acti&ation energy of 14.7 T 0.5 kecal./mole was calculated.

From the results presented above it may be concluded that the
relationship giwven by équation (3) adequately describes the kinetics of
the reaction in the low temperature region, after corrections have been
applied for the contribution of - d[H2]/dt]II. The expression for kI

was found to be,

7 -1

kp = 6.8X 10 exp [- 14.7 X 103/ RT] 1liter mole™ sec
The corresponding values of the entropy and enthalpy of activation are

AS* =-25 %2 cal. degofl mole-l and AEF = 14.1 T 0.5 keal. mole-l,
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the standard states being hypothetical.l mole l:i.ter-1 (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 as.those found in the'glass.apparafus (see
Fig. 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'thisﬂconnection it 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 experimental error.

The typical rate plots for thewreductiop of. dichromate at 1109C,
shown in Fig. 13, differ from those“obtginedkat the. low temperatures, in

277

but show a positive dependence:.on: the Cr207.= concentration.

that at low Cr. 0. concentrations the rates are no longer zero order in

207

The investigation of the kinetics in- the high temperatﬁre region

Cr

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

P 1 .
region in which the rate is independent: of the Cr207= concentration, and
207?ﬁconcentrations. Experimentally

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

the second with the region of low Cr

which are more easily interpreted,. will.be considered first,

3

(i) High dichromate concentration

From the slopes of the initial linear portions of the rate plots
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TABLE V

Comparison of rates in autoclave and in glass apparatus

Initial Cr.0, concentration, 1.67 1074 m.

277
HC"lO4 concentration, 0.5 M.
Apparatus AgClO4 H2 Pressure Temp. - d[H2]/dt ' - d[H2]/dt
M. atm. eC mole l._lsec:..l mole ]..“lsec.“1
-8 -7
glass 0.0402 0.705 70,0 3.64 X 10 7 1.79 X 10 * *
autoclave  0.0381 4.0 69.7  1.59 X 107/ 1.59 X 107/
autoclave  0.0389 4.0 69.7 1.67X 107"  (1.60 X 107)

* Rate converted to 4.0 atm. H,; 69.7°C; 0.0381 M. AgCl0
of kinetics previously determined.

4 on the basis
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- Fig., 12. Rate plot for the reduction of Cr20: by Hp at 69.7°C.

Experiment carried out in autoclave (cf. Fig. 4 for rate plots
determined using glass apparatus). Solution 0.0389 M., AgClO.,;
H, pressure, 4.0 atm.
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shown in Fig. 13 the rates of.reduction of Cr207?.by hydrogen can pe
calculated. These observed rates were expressed in terms of - d[H2]/dt
as discussed previously. The results presented in Table VI indicate that
the rates increase as the initial dichromate concentration is raised.
It’appegrs, however, that a limiting rate is approached, as may be seen
by reference to Fig. 14, in which.the‘ﬁariation‘of the rate is_plotted
against initial Cr207= concentration. = An endeavour was made to conduct
the experiments under conditions such that the observed rates were cloée
to this limiting rate. Solutions.initially 2.5 X 10_5 M. in Cr207=
were generally employed, this upper limit”of“the concentration being
fixed by the solubility of silver chromate. From Fig. 14 it may be
estimated that errors dﬁe to failure to-attain the limiting rate may be
about 10%.

Fig. 15 shows the rate of the reaction to be direétly proportiohal
‘to the partial pressure of hydrogen. at 1109C, in agreement with observ-
ations reﬁofted for 50°C.l It may be.péﬁcluded,.asAin the low temper—
ature investigation, that the rate is also proportional to the con-

\

centration of H, in solution; this concentration was calculated as

2
described earlier.¥*

The rate curves plotted in Fig. 16 indicate the effect of Agc164
on the reaction at.110903' When the rates Qetefmined from the liﬁear
portions of these curves are plotted'(Fig,»}7), the dependenée of
- d[Hé]/dt on AgC10, concentration is shown more clearly. From'a
comparison of the results for solutions 0.03 and 0,1 M. in HQlO4, it is

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

* Extrapolation of Wiebe and Gaddy's values,(BO) gave Bunsen absorption
coefficients of 0.0188 and 0.0198 at 110? and 1209, respectively.
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TABLE VI

Rates of reaction of hydrogen in the presence of AgClO4 at 110°C, as deter-

ined from the initial linear portions of the rate plots.

H, Pressure, 4.

2

Ofatm;

——— Y

Initial Cr.0.~ X 10° 46010, X 10° © HC10

X 10° - d[H2]/dt X 107

2°7 4

M. M. ) M.(a) mole 1.7} sec.”1
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 cdncentfation;
to equation (1).

(v) solution 0.27 M.. in NaClO

—

acid is consumed d

40

(¢c) Impeller rotated at 900 r.p.me.

(@ "M 750 T.p.m.

uring the reaction according
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Fig. 15. Depéndence of the rate on H, partial pressure at 110°C.
Solutions 9.6 X 103 M, AgClO,; 0.03 M, HC1O4.
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';ikineticsfat’high.temperatures.. This is in marked contrast to the behaviour
‘-i.of the system at 509C (see Table IV). -
VH The results can be treated more- quantltatlvely by application of
’eiequation (4),
e _d [Hzl] kII[Ag )%(8,]
8 k65 + ")

This equation may be rearranged to give,

a2’ ko] - |
; = , 1 sesese (6
dh‘z‘] = o e (9

, +
5 kII[HQIEAg ] _II 2

( B II
A plot of [AgCIO ]/rate against l/[AgClO } at constant acid concentration
~ should be linear, -according to equation (6). Fig. 18 shows plots of this

“type for both - dlH,l/at and ~ d{H,]/dt) values of the latter were found

1’
fﬁith the aid of the finally'determinedaexpfession for - d[H,J/at);. It is
cseen that the plots for - d[H ]/dt] -are -indeed linear.
J Equation (6) suggests also that l/ - d[H ]/dt] should be linearly
sdepencent upon [HClO4]_at constant Agf concentration. The results plotted
1in Fig. 19;(obtained at constant”ionic.strength) are ir accord with this.
"Increasing'the ionic strength fromno 04 to O.31 by the addition of"
sodlum perchlorate (see Table VI) produced a slight decrease in the rate.
,»Examlnatlon of equatlon (6) reveals that values of kII and kiI can be
‘:‘calculated from the slopes and interceptS'of,the.plots shown in Figs. 18
,_an& 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
'tootalned by varlation.of the AgClO4"concentrat10ns are in reasonable

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

vH0104 concentration are somewhat lower. . This may be due in part to the
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| TABLE VII
Values of kII and kiI determined ait temperatures from 85¢ to 1209C.
Temp. ko X 10° Kb Determined by variation of
oC 1l.mole tsec.™t |
: 110,0- 4.1 0.39  [4g010,)5 with [Ec10,) = 0.03 M.
110,00 4.3 0.44 . [AgC10,); with [HC10,) = 0.10 M.
110.0 3.3 0.33  [HC10,); with [AgC10,) ='9.5 107M. U = 0.31
18540 ’ 0.44 0.11 [Aéelo4]; with [HC104] = 0;03.M.
ipo.s 1.8 ©0.25 [4gC10,); with [HC10,] =.0.03 M,

. 120.3 8.7 0.62  [4g010,]; with [HC10,) = 0.03 M.

s
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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 inherenf in the

method which must be used to evaluate kii‘and kiI’

The rate plots shown in Fig, 20 were determined at teﬁperaturés from
859 to 1209C. It will be noted that the magnitude of the deviations from
linearity decrease as the temperature is. lowered; that ié, the rate plots
approach the zero order plots observed in the studies made between 30?2 and

T0°C. By varying the AgCIlo4 concentration, while holding the HClO4

concentration constant, serieS‘of'rates at different temperatures were
obtained and plotted according to equation (6) (see Fig. 21). The values

.okaII and kiI listed in Table VII were then determined. From these data =~

~ “the plots of log k.. and log k! agginst;l/T, shown in Fig. 22, were

IT ™ IT =
constructed. The expressions'forjthese:constants were found to be,

+
k 1.2 X 10(12 - l)"exp'[-(24 Ix 103 / RT] l.mole-lse,c:*.-l

II

+ .
kiI 2.3 X 10(7 - 2) expl~(14 * 4) % 10° / RT) .

The unce?tainties,in the determination of kII and k!, are intrinsi-

II
cally large. The values of - d[Hz]/dt may be somewhat dependent upon

the initial dichromate concentration, as noted previously.' There are
uncertainties in the magnitude of - d[H,)/at]}; which is determined,
essentially, by extrapolation from low temperature. The evaluation of

kII involves a quite large extrapolation, while determination of kiI

. depends both upon the value of kii and the measurement of the slope of
the plot made according to equation‘(G)‘(see Figs. 18 and 19). It is

estimated that the possible errors are generally about I 15% for Kig

+ of ]
and - 255 for kII'
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(ii) Low dichromate concentration

From an examipation of FPigs. 13,-16, and 20, it may be.concluded
qualitatively that the deviatian'from linearity in the rate plots
increase with (l) increasing acid concentration, (2) increasing temperature,
and (3) decreasing silver iqn copcentration. A more detailed investig-
ation of the rates at low dichroﬁate concentrations was carried out using

-4

solutions with about 1.67 X 10 " mole lii:er-'1 of Cr.0." initially present.

277
In Fig. 23 are found typical rate plots obtained in this investigation.

These méy be represented empirically by an equation of the form,
-v-i[,H_%].».-. (k_+ Kk [cry0.7)) [H,] (7)

. dt - o 1 27 2 sees e
.‘The data.preseﬁted in Table.VIII indicate that k o and kl are independent
of the hydrogen presgsure (and'concentration)"and.of the initial Gr2o7=
coﬁcenfration, at least up to 3.35 X 1074 M. Gr2‘7=. It is apparent that
this reiationship canﬁot.hold at high dichromate concentrations since in
that region the raté is independent of the concentration of the oxidizing
‘agent. The Cr(VI) concentration is still formally represented by Cr207=
in moles liter-l, but it shouid be realized that this is not the only
species present; It has been suggested (78) that the principal equi-
 1ibrium invoiving Cr(VI)'species under these conditions is,

| B)Q + ¢r207= = 2 HOr0,~
Other measurements (81) indicate that the formation of H2Cr04 and HCr207-
may also take place. The interpretation.of the kinetic results can be’
simplified somewhat by considering only k’o, which is essentially inde-
pendent of the form in which the Cr(VI) is bresent. Determinations of K _

and kl were reproducible to about I 5.

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

Rates of reaction between Cr207? andeQ.at low Cr207= concentrations

Temp. 1109C.

Initial , H 4gC10, X 103 HClO0, NaClO, K 5 X 10° k, X 10%
Gr207‘ X 10 Pressure
M. atm. M M. M. sec.”t l.mole"lsec.-l_
e '
0.98 4.0 9.55 0.0 - . 0.78 0.97
1.67 4.0 9,57 010 -  0.78  0.97
3.35 40 9.59 0.0 = 0.81 0.95
167 1.0  9.44 0.03 - 2.1 3.0
167 20 948 0.03 - 2.3 2.8
1.67 3.0  9.56 | 0.05 - 2.3 2.8
1.67 4.0 9.54 0.05 - 2.3 2.7
1.67 4.0 9.55  0.05  0.03 2.5 2.6
1.67 40 9.58 0.03  0.07 2.7 2.3
1.67 4.0 9.52 0.03  0.17 2.9 2.1
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AgClO4 concentrationé; the large effect of a.relatively small change in
silver concentration will be noted. Valﬁes of koibbtained.from these

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

iog’ k and log [AgClQ4] is indicated. From Pig. 25 the empiricalveQuationé,

(3 1% sec.™, witn [HC10,] = 0.1 M.

60 [AgCIO
and,

K =6.8X 10° [Agc104]3’7 sec.”™, with [HC10,) = 0,03 M.

o]

for Ko-were found.
" The dependence of lj'ko on*thg\HClO4 concentration ‘is shown in Fig. 263
'ffrom this plot the empirical equation,
. ‘ .

3 14.4 X107 sec.
=14 134 [HClo ]

with [AgClO ) =9.6X 107 M. may be. deduced. ‘Reference to Table VIIT

~ indicates that with increasing ionic strength Ko increases ahd K 1

décreases. 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 Cr207=

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

of - d[H }/dt calculated using. the expressions for k, ki, and kII given

earlier*.. The good agreement between*the,observed and calculated values

I

*  More explicitly, the follo;ihg'éxpressions were used,

14750 (Liter mole Tsec.™)
4.576 T ( N

- 23640 liter mole "sec,

= 12.078 a5T6 T o

13650
= 7.366 G516 T .

log k = T7.83%33% —
-1)
log kII

log kII
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Fig., 26. Dependénce of 1/k, on HC1O, concentration, 4Solutions
1.67 X 10~% M, Cr,05 initially; 9.6 X 1073 M, AgClO4; p = 0.31.
Temp. 110°C; determinations made at 4.0 atm, Hp.
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TABLE IX
A comparison of some observed“ratesfof'neaction of hydrogen

in the presence of AgClO4 with- the corresponding éalculated rates

yo— T — o— — T —— - —

Temp. AgCl0, KC10, - P Calculated Rates ;  Obs.R tes

4 H _ = R _1.Discrepancy
2 mole liter “sec. m.l. “sec. :
vd[HQJ] —d[??;] -d[HZ] ed[HQJ
. . : dts. I dt8 I dta dt .
°C M. M. atm. X 10 X1~ X1 X10
-30 - 0.100 0.5'. 10.948 1.16 0.08  1.24 1.22 +2%
50 0.0395 0.5  0.878 -0.72 0.27 099  1.05 -4
70 0.0402 0.5.'V 0.705 2.28 1.37 3.65 ° 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  2L.3  21.0 +1%
'85 0.0279 0.0324 4.0 15.8 33.4  49.2  46.8 +5%
110 '9.00995 0.1014 4.0 8.76 26.9 357 35.0 +2%
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over a wide range of conditions may be' seen from the selection of the fesults
presented. It will be‘noted"that;this.agreement,hqlds for rates which are
composed of contributions of comparablé“magnitude:from both - d[Hé]/dt]I

and - é[HZ]/dt]II. The'poasibility“gxists; of course, that some other rate
1aw might bé constrmucted which would fit the. observations, but it is unlikely
that it would have as simple a fp;m‘aS'fhe.rate law considered here.

The formulation of the rate equation ésvthe sum of two terms implies
the existence of two parallel'méchaﬁisms, It will be convenient to éon;
sider fhe mechanisms in-a*s;ight%y'different order from the sequence in
‘whiéh the results were presgnpedﬂ First, the mechanism (II),,correqunding
%0 - d[H2]/dt]II, will be“discussed, followed by an“interpretafion qf'the
;;esuits at low ér207= concentr@tion;'-finally the mechanism (I) will be

considered.

(i) Mechanism of path (II) . .-
The form of the rate-expréssion,

d[HQJ] pglasVlm,)

At o T 5] 4 [ae”
IT o kpy [B]+ lag7]

suggests a mechanism similar to that proposed for thé cutt - H2 reaction
in perchloric acid (55). ° The:first step in such a scheme is the formation

of an intermediate hydride”With"fhe*release of a proton,

' k
+ o 1 : +
by tE, T e W eeene (8)

. 4 W
Silver ion then competes with hydrogen ion for this intermediate,

B + Ag  — s+ B, veeees (82)

. 32 . fast _ v
Ag' + AgH ~—=— intermediates —> products .. (9)

In the presence of the Cr207=;;the intermediates in equation (9) reduce
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cr(VI) to Cr(II;) with the regeneration of. silver ions. Since the postu-

lated intermediate AgH will be unstable, it will not be present in macro-

scopic cohcentration;' the steady state condition, - dlagHl/dt = 0, may

therefore be applied, ~The rate equation,
+12

_ d[H2]] | k, (ag71%(8,]

Tl Tk /)E) + ae']

eevess (20)

then follows, in which identification is made between kl and kII’ and

II°

From the known expression for k

betweeﬁ the ratio k_l/k2 and k
7 it follows that the step represented
by equation (8) takes place with aH¥ = 25 £ 2 keal. mole™ and a5F = -6 £ 5
cal. deg.’lmole-l at 110°C (standard states are hypothetical 1 méle 1iter’l).
. This entropy of activation appears to be, within experimental error, nofmal
for a second order rgaction'(82).

This.interpreﬁation'reQuireswthat the endothermicity of reaction (8)
'j_ should not be gfeater than'theigctivgtion energy assigned to this step, i.e.
23 Io kcal.»mole-l. The“en@pphermicity of the reaction,

’ + +

‘ +H = —> H + H
Ag_aq 2g. - Ag g

aq

.may-be estimated as 42 keal. méle_l fro;'thermochemical data (83). The
principa; uhcertainty in'thié~calculation.is in the heat of formation of
'AgH o estiméted tobe L 6 kcal:_mole-l (84). The heat of solvation of
the "silver:hydride" may be reasonably'large,'Since it is possible that

the méiecule is quite polar,GZgg;' the'endothermicify of the réaction
forming'AgH aq would then be much lower than the 42 kcal. quoted above,
i.e. consistent with an activation energy of 23_: 2 keal. mole-l. “In this

connection it 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 first reaction step between Ag+ and H2 correspond
to even higher endothermicities, and'arejtherefore even more difficult to
reconcile with the experimental results, for example,

+ +

o
Ag aq + H2 g — Ag g + H z + H aq AH = +95 keal.

It is unlikely that the “solvation energies of the atomic species Ago and H
are very large. A reaction of the type,
A +H, —> A +8]" AH = +179 keal
g 2 g 28 - )
would be unlikely since the difference between the solvation energies of
Ag+ and H2+ would probably be too small to lower the endothermicity to the
point where it would be consistent with the observed activation energy.

In the proposed mechanism {reactions (8), (8a), and (9) ) the ratio
k—l/kQ is the'quotient'ofAtWO'bimolecular rate constants, which might be
expected to have frequency -factors  of comparable magnitude. However, the
experimental values of kiI‘lead_tO'a'value of the ratio A—l/A2 of the

7

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

.Ast_l - AS*2 = %4 ; 10 cal. deg.—lmole-l; The difference between the
apparent enthalpies of activation is correspondingly high, AH*_l - AHQ* =
14 : 4 kcél. mole-l. A possible explanation of the large apparent
difference in frequency factors is that fhe formation of the activated
complex from AgH and gt is‘&écompanied'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-equilibrium in this reaction of the type,

AgH + Ag” ;:gée.Ang*“ ’ (exothermic)
followed by, . k! fast
AgH —2 intermediates —> products.

where k2 =K ké, might be possible. If the formation of Ag2H+ were exo-
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1

2

negative temperature coefficient. Here again a.low entropy of activ-

thermi§ and the acfivation energy of k! were small, k2 could have é
étion would have to be assumed. It"iS“impossiblg, however, to verify
in detail any schemeé'of this tyPe.‘ TheAdetgrmination of the temp;
erature dependence of the’ratio.k;l/ké for.the'0§++'catalysed rqductign.
of dichromate wéuld'be'of interest. [
(ii) wa dichromate congentration

In the region of low‘dichrohate'concenxration at 110°C, the
.mechanism can only be discussed-qualitatively. The pomplexity'of the
reaction, exéﬁplified‘by the high order &ependence upon AgClO4 COnN=-
¢entration, and the uncertainty in ﬁhe exact form of the Cr(VI),“
'preclude any detailed treatment, - It wou;d appear, however, that the

following points should”bq:gqgsidered'in.a“treatment of the variation

of k.
(1) There. appears to be{a back reaction competing with Cr207=
for the reaction intermediates.
(2) The marked decreasgy?q.*(o with. increasing HClO4 indicates

that the back reaction involves .

(3) The high order dependence of Ko on AgC10, concentration indi-
-cates the aggregation of'a"numbef’of Ag+tions into an intermediate.
Such an aggregation is to be expected for a process invqlving incipient
nucleation (85).

(4) The aggregatipn”proogss'is_not of the type, intermediate plus
ihtefmediate, since the'rgtg‘iSPdirectly.proportional to the paitial
pressure of hydrogen. .

These genefal points may be summarized by a formal scheme,
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“intermediate

n Ag + Hz \—:'—i::;:_" [Ag H](n-l)+ + H
' "steps
1 + fast
[Agnﬂ ]n T+ Ag —_ [Ag ]n -1} reaction products

The mean value of "n" attained‘in'the_aggregation ﬁroéess'will depend on
the concentrations of Cr(VI)-and acid.

Reference to Table X .will show that the observed values of K Q[HZI
(i.e. the final rates as Cr(VI)— 0) may be less than the calculated
values of - d[HZ]/dt]‘I. This would.indicafge that the reaction ‘(I,‘)
is also reversible under conditions of low Cr(VI) concentration and high

.température.

(iii)‘Mechahism,of path (I)
The kinetics of the.reactién'pétﬂ"(I),
L di ]]I‘ =,'1.§.I‘v[:Ag+]2['H2]
indicate a térmolecular process involving two Ag' ions and one E,
 'molecu1e. The intermediate produced'by thié combipation would then react
rapidly with Cr207= to yield the observed’produ§ﬁé. The entropy of
‘éctivatipn, -25 : 2 cal. degf.—-]'-mole_l would.appegr feasoﬁable for a ter=-
molecular process.v 
An alternative to a termolecular step would be a scheme such as,
2 a8t 2 Ag2++ - (fast) |
Agz++ +.H2 — intermediates —> products
This would not be kinetically'distinguishabie from the tefmoleculat process
unless the dimer Ag2++.were present'in'quite_high conéentration. | Evidence

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

is'present,ih concentrations greater than O.l% of the total silver (86).
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TABLE X
A comparison of observed values of K o[H2] and . calculated

~ values of - d[H,J/dt]; at 1109C, 4.0 atm. H,

2

N 2| T - v I 8 | ’ LA 8

AgC10, X 10°- HC10, Kk [H,] X 10 - - a[H,]/at) X 10
M. o M. - : . mole lo-lSGCc—l mo,].'e ln-lSBCQ-l

. o — —

0,763 - 0.l : 1.2 5.1
.67 = 0.1 . 17.4 o 24.4
0,506 . 0.03 ‘ 0.69 22

A

1,25 0.03 203 13.6
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This méchanism is not'intrinsically_any moﬁe'probable than a termolecular
step (87). A pre*equilibrium“involvinguAgH2+ would appeér unlikely, since
this specieé would be expected'tO“form“AgH‘+ Hf.

The product of the'rate'controiling.step cannot be known precisely,

' buf might possibly be apﬁro;imgtedtby'onevof the schemes, |
(1) rg,™ () g+ E (3) 2 (aei")
(4) 2 8° + 25 or (5) Ag,+2EH .

Fprmuiations involving'H atoms have been -neglected since these probably
would be eneréefically unfavoﬁrable. The interm@diaté (1) Wonld probably
be uﬁstable with respect to (2) on account of the high energy of solvation.
of fhe proton. " The species in (4) and (5) are improbable on enérgetic
grounds; thewfeactions producing 2 Ago and Ag, with 2 H ions are endo-
v-therﬁic by 88 and 47 kcal.lmole-l, reséectivel&*, neglecting solvation of
-_ the 4g° or Ag,. By amalogy with the species Culi’, which is believed to
be the ,iﬁtémediéte in the activation of H, by cu™ and cu', representation |

(3), ie.e. Ag}f+ appears to:be“a'reasohable.possibility. Ene:gétiCally,

2 AgH" would probably be favoured over Ag,H' since the Ag - H bond (84)
is stronger than the Ag - Ag bond (88): by. about 16 keal.

The essential independenge'qf the rate, within fairly wide limits,
6f H+‘and Q104— cohcentratipné#prowides some support fof the conclusioﬁ' -
‘that the‘obse:ved activity'iS‘assqciatéd with Ag+ ions rather than with
1QH'.or 0104- complexes,iwhpse cpncentratidns in.thése sblﬁfions is‘probabl&
small. The appareﬁt gbsencelof a salt effect is incbnclusive since the
. measurements refer to a éoncentration region in which the Debye 51Hﬂcke1

theory does nof apply. Thé‘dommonly noted tendency for the activity

—p— ——— g

* Calculated on the basis of thermochemical data (83) and the specfro-
scopic dissociation energy of Ag, (88).
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coefficients of many”electrolthS"(89), particularly salts of polyvalent
 cations (which the activated complex would.approximate) to increase at |
very high ionic strength may account for the Obéérved slight decreéée

in raté when\thg NaClO4 cdncentration,was,increased aboye 1M. A

underJthese“conditionStmight»&lso contribute tb a

salting out of H2

decreased rate.

' B.  EXCHANGE EXPERIMENTS

 _An examination of the mechanism proposed for the activatioﬁ of
vhydrbgen.by silvér ions given in equations (8),‘(8a), and (9) will'
indicate that the presence of deuterium oxide in the -aqueous solvent

shoyld give rise to HD according to the reaction,
D

D" + AgH -—E=l§ At +ED ceeess (11)
The HD produced would a#cumulate in the gas phase above the solution. |
A set of four expefimentS“waS'carried out to invéstigate this
exchange. Thé resﬁlts of these-experiments were interpreted on the
bagis of the following assumptions.
(1) The total ééidl(ﬂClQ4) added = (E') + [D'], where [E'] and [0*]
are thé effective concentrations of "acidic" hydrogen and-deuterium.
. (2) There is no isotope effect,‘i.e..kgl ﬁ'k?l. " This assumption
is not justified a priori, but is made té.facilitate calculation in the
absence of ihformation'on“the‘magnitudqxof the ratio kﬁl/kfl'v This
point will be reconsidered in the discussion of the results.
(3) ReéctionS'ngh as,
HD + Ag" — AgH + D'

or HD+ Agt —> 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, = rate of reaction, - d[H2]/dt, mole 1-_lsec_.'-l (at 1 atm. H
pressure) extrapolated to [H') = O on the basis of results
_of Section A;

r = rate of reaction, - d[Hz]/dt, mole l.-lsec.“lm(at 1 afm. H
pressure) forithewH+ and Agf ion concentrations under con-
.sideration, as determined'frOM’resultsiof Section A.

v = volume of reacting solution in liters.

V = volume of gas;in liters.

‘ﬁ 5 | ‘D+ s the fraction of the "acid" which is present

R tD*] o -
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.

2

2

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

‘reaction, (ro - r); hence,

aN = (r, - r) Pwm.

dt
Since, N=xPV ’
RT
then, dx = (ro -r) vaRT dt ) R

v

'From 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‘thermddynamic data:

(1)

E° for D, D" = ~3.4 mv. (90),



-70~

from which K, = PD2 [H+]2 = 1.31

l A ———————

Py [p*)?
2 .
(_n) D2g+H201<_ H2g+D201
P
Ky = B (D01 =135
P. [H.0]
D2 2 °
assuming H,0 and D,0 form ideal solutions (77).

(iii) D0 4 + H0 | = 2 HO
K = 08

assuming the vapour pressure of HDO to be the geometric

mean of the vapour pressures of H,0 and D0 (77).

2

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

+ these figures were used
D2, .

for 1109¢, The true values of 'n" will probably be larger than those

of data for the temperature dependence of E°

used he:e.

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 dichromafe. It |
_ will be seen that the results of the exchange experiments lend some
support'to the mechanism postulated for the activation of H2 by silver
ion. - Although exact quantitative agreement was not obtained, similar
trends are shown by the observed and calculated exchange rates. The
absence of exchange in the absence of AgGlQ4 indicates that the effect
. is due to the presence of silver ion. The rate of the exchange, for a
given AgClO4 concentrafion, increases with increasing acid concentration.

~This observation is consistent with a back reaction involving hydrogen jon.
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TABLE XI

'(a)AExchange Experiments -~ HD content of the gas phase

Expr. Time x X 102 | ‘ calec. x / obs. x
min. calc. A 15% obs. : 0.02
A 35 o 0.0% -
155 0 0.01 -
B 35 0.10 0.05 2.0 T 0.8
85 0.25 0.10 2.5 Iy 0.6
145 0.43% 0.20 " 2.2 = 0.5
c 5 0.18 0.05 2.8 T 0.8
90 Oo36 0018 200 ; 008
D 60 0.18 0.07, 2.4 21
180 0.54 0.32 1.7 - 0.3
Mean 2.1 ¥ 0.6

(b) Exchange Experiments - Rates of reaction

Bxpr. ACl0, HCl0, _D r X 10 r X 107
' H+D in H0 - D0 . in H O
2 2 2
M. M. mole fr. m. 1. 7. Tatm ™ 1.flsec.-latm,—l
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

B 0.010 0.10 0.198 0.87 0.85
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Fig. 27 Deuterium exchange and reduction of CrZO: in Dy0 énriched

solutions, Temp. 110°C. Initial conditions: 4.0 atm. Hjp,
solution volume 3 liter, gas volume 1.74 liter. D0 content
of solvent approx. 20 mole per cent.



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, 7=. This is consistent with compeéition between Ag
and acid for an intermediate. Thus the results are in qualitative
agreement with the postulated mechanism. Quantitati;ely, it would
appear that the observed HD contents are low by a factor of 2; this
factor would probabiy have been larger if data applicable to 1109 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. if, as might be expected for a proton transfér,
k?l < kﬁl' No indication of such an isotope effect (éxcepﬁ for
experiment ) is, howevgr,~observed from the measured values of the rates
of reduction of Cr207? (see Table XI (b) ). If kﬁl were greater than k?l
the net fate of reaction in the deuterium enriched water would be greater
than the rate in light’water'(assumingvthat the other rate constants are
not affected by“added'DZO). An isotope effect (k?l/kfl) 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 if the diffusion of the HD to the

exhaust valve of thevautoclave’were slow.
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C. SILVER PRECIEiTATION‘FROM PERCHLORATE SOLUTION

In the previous sections a mechanism for the homogeneous activation
of H2 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 1109C will be reported.

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

2
2 agt + Hzf —> 2ag+ 2/ evees (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 in accord with equation (131. Rate curves for the
precipitation of silver under various condifions are shown in Fig. 29,
while in Table XII observed and calculated rates are compared. The
observed rates were determined by drawing taﬁgepts to the rate curves;
this §rocedure iS‘at'bestJérude, giving errors of the order of it 19%{
For comparison, ratéS’were‘calculated'using equations (3) fob(S) and
I’ kII’ and kiI; the acid concentrations used

in these calculations were found from the initial concentrations with

the determined values of k

correctionsvappliéd'fqr'the acid produced during the éourse'of the reaction.
The rates of precipitation and of hydrogen activation (as measured by
Cr207= reduction) follow: the same trehds,.decreasing’with increaging acid
concentration. However, the calculated.rates are in all cases higher (by
‘about 20 to 60%) than the observed rates.

-A rate curve forwthe-reduétion of dichromate followed byvthé precipit-
ation of silver is shown in Fig. 30. No precipitation of the silver occurred

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

precipitation of silver is greater than the limiting reduction rate of
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TABLE XTI
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., 1109°C,

Expr. lag’) x 10° - a[ag")/at x 10°
mole liter mole liter-.lsec.._1 calc./ obs.
obs. 3 calce.
A 23 5.1 6.3 1.2
19'4 200 3-0 105
0.8 0.8 1.2 l.4
B 1.4 “l.8 2.4 1.3
0.95 0.9 1.2 1.3
0.7 0.4 0.7 1.6
C 2.0 3.1 3.7 1.2
1.4 1.7 2.0 1.2
0-8 Oo6 007 102
D 1.6 1.2 1.6 1.3
1.2 0.7 0.9 1.3
0.8 0.3 " 0.5 1.6
Initial conditions:
Expr.  4gCl0, X 10°  ° HC10 s
M. M.
A 2.48 0.003
B 1.54 0.031
C © o 2.61 0.031

D 1.73 0.102
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dichromate as [Cr20{=}—*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 fhat 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 initially

0.003 M. in HC10 formed principally as a- sponge adhering to the walls and

4
fittings of the autoclave.

The results of this cursory examination of the precipitation of silver
are consis%ent with the view that both the precipitatioh reaction‘and the
' catalysed reduction Qf dichrbmate proceed by essentially the same mechanism.
Complications invthe‘case of the precipitation appear to arise from the
presence of some back: reaction, possibly similar to that observed in the
reduction of Cr207= at low Cr207= 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 cutt - H, system (4).

D. SILVER PRECIPITATION FROM SOLUTIONS CONTAINING COMPLEXES OF SILVER
In the cupric and mercuric systems (see Table III); large differences
in rates of activation of hydrogen were observed between the simple hydrated

ions and ions present as complexes (57, 61). In view of this behaviour,
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a brief examination of the reactivity of two different silver complexes
was undertaken. Acetate and ethylene diamine complexes werevchosen as
representative of carboxylic-acid and amine type compounds.

The activation of H, by the acetate complex could not be investigated

2
by the dichromate method because of the insolubility of AgCrO, at acid

4
concentrétionS'where“the“silver acetate complex is stable. The reaction
was followed, therefore, by observing the précipitation of silver. In
the studies on the‘perchlorate.solutions it was noted that the rate of
reaction of.hydrogen in the precipitation process was less than in the
dichromate reduction. This discrepancy, if due to a back reaction, would

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

ligands on account of the proton stabilization.

Acetateijstem.
Rafe plots.for the precipitation of silver. from solutions cqntaining
acetate are shown in Fig. 31; the plots indicate apparent first order
behaviour tO‘aboutVBS% reaction. If it is assumed that the rates are
proportional £0'thé'partial pressure of H2, the rate equation becomes,
af#,]”

dfAag(1)] k [Ag(I)][H2]
T dt .

1
2- h d't = voco.on (14)

The results presented in Table XIIT (a) indicate that no change in rate
was produced by a three fold change in acetic acid cpncentration.at
constant NaDAc concentration. On the other hand an increase in the
sodium acetate concentration produced a marked increase in rate. The
rate constants‘determined at various NaQAc 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 §olutiohs of silver complexes
(a) Acetate- Complexes

Temp. 709C.; Initial AgClO4 9.8 X 10“3 M, Determinations at 4 atm. H

2
HOAG NaOAc HOAc / NaOAc kX 10° PR
M. M. A _ l.mqleflsecfpll
0.30 0.10 3 3,65 4.1
0.10 . 0.10 1 3.68 4.5
0.20 0.20 1 6.14 4.5
0.30 0.30 1 7.98 4.6
3.4 X 10_5 - - 0080 6.0 - 5.0 *‘

7 o " " T ™ g - —

* Silver added as AgOAc.

(b) Ethylene Diamine Complexes

Temp. 709C.; Initial AgClO4 1.2 X II,O"2 M.; .Determinations at 4 atm. H2

EDA EDA.HCIO4 NaOH k ' pH
M. ‘ M. M. l.mole-lsec.-l

0.18 0.06 - 0.026 10.5
0.36 - 0,12 - o 0.028 1 10.6
0.21 - 0.047 0.136 -

0021 - Oc095 . 00251 —
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Fig. 31. Rate plots for the precipitation of silver from acetate
solutions by reduction with hydrogen. Temp. 70°C; H, pressure,
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Fig. 32. Effect of sodium acetate on the rate of precipitatioh
' of silver by hydrogen. Temp. 70°C..
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Any coﬂplete discussion‘of-the kinetics would require a kmowledge of

' the various species present in solution, Unfortunately silver acetate
comp;exity”constant3”h5ve“been deterﬁined ohly at room'temperature, hehce»
the following“discussion”cah at best be only semi-quantitgtive. vFurther—
more, this room tempsrature data (91) indicates that the solutions studied
all contained appreciable concentrations of at least two of Ag+, AgOAc,
and Ag(QAc)éT‘_ However, even at the lowest acetate concentration used,

it is pfqbablewthat*not more than 15% of the observed rate could be due to
activation of H2iby.uncomp1exed'Ag+.. ‘As the NaOAc qoncentratibn ;s
increased,'the'formation of the compiexed species is favoufed; it may
_theréfore'be“concludad;that the reacti#ity of the silver acetate comp}exesu
i"is much higher-than-that of the uncomplexed silver ion. Using room.
temperature*eéuilibriumﬁdata, k for the reaction of‘AgOAc was,estiméted

2 1.mole sec:™t A similar accelerating

as approximately (9L 2) X 10
.effect due to acetate ligands was observed in the cupric system (56).
In the silver system, as in the mercuric system (61), the reactivity of

the diacetate“complex5seems’to be greater than that of the ménoacetate

complex.

Ethylene Dismine System

- The reduction of the silver - ethylene diamihe (EDA) complex pro-
ceeded with”kinetiﬁéfessentially first ordér in Ag(I), as the rate plots
in Pig. 33'indicate; Second order rate constants, calculated asSuming‘
the.rateS“toﬂbe“proportional to hydrogen pressure, are given iﬁ Table
XIII (b). It is-seen that doubling the ethylene diamine concentration
at constant pH produced only a small change in rate. Inoreaéing the
hydroxide ion concentration, however, produced a very marked increase in’

rate; the variation of the rate constant with NaOH concentrétion 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; it consisted of very fine particles, as indicated by the photo~
micrographs  in Appendix C.

Room temperature"complexity constants for thé éilver ~ ethylene diamine
system (92)*indicate.thét there is essentially complete complexing of the
silver aS'Ag(EDA)2+ in the solutions considered here. Unlike the ethylene
diamine complexes of cupric and mercuri¢ ions, Ag(EDA_)é+ is reduced more’
possibly'a”rgfléction.of the relatively lower stability of the silver
complex; thps the strength of the metal ligand bond does not overcome the
pfoton stabiliiingveffeqt of the amine. The hydroxyl ion acceleration
of the reaction is similar to that.observed in the mercuric - ethyiene
diamine systgm"(6;). In the case of cobalt_gmine complexes (93).
an equilibrium:qfethe type, |

+(n-1)

MR oHT = MaNH, + H.0

3 2

has been proposed to explain certain kinetic results. A similar equi-
librium might- account for the effect of OH on the reaction rates of

) NH

silver and mercuric amine cpmplexes, on the grounds that -ﬁ.H(CH2 o

2)2NH2"

The result of one experiment indicated that the Ag(GN)z’ complex

would- probably “be a stronger base than NHZ(CH

is not reduced under-4 atm. H, at a measurable rate at 709C. This
inactivity may be attributed to the strong Ag~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 first order in Ag(I) takes place, as
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observed here for-acetate and EDA complexes. However, the H2 pressure
dependence'was“givehias'( 3'5 - 2.25) and an‘induction period was noted.
. 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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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,(III) perchlorate

solution was prepared: from thallium (I) nitrate by oxidation with NaBrO3,

precipitation as hydroxide, and solution in perchloric acid. KMnO4

solutions were prepared in the cﬁstomary manner by boiling and filteriné
through glass wool.

The apparatusxused for the low temperature silver catalysed dichromate
'feduction work was employed in the permanganate study. If was éstablished

 that the reaction réte was independent of H, flow rates from 0.3 to 0.6

2

: liter min."'l Solution concentrations of hydrogen were estimated as
described in Part I.
In acid solutions, Mn02‘was found to be the only product of reduction-

in the presence of MnO To follow the reaction, samples of the solution ‘

4 -
(after removai-of:theiprecipitated.MnOZ by centrifuging) were analysed for

Mn04- by‘addinglan‘aliquot of standard ferrous ammonium sulphate solution

and back- titrating with KMnO

4 In a few experimehts the MnO4 was deter-
mined spectrophotometrically (using the 526 m’L peak); the rates deter-
mined by the-two methods were in goqd'agreement (see Table XIv). To

determine-experimentallj the apparent valence of the manganese product,

2

samples, until the reduction of MnO

H, was passed through a known wolume of solution, without removing any

4' was just complete. The whole

reaction mixture (including the pfecipitated product) was added to a known
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_volume of standard”ferrouS'sqlution; and the excess'ferréus content was

determined by titration with KMnO4. The apparent valence of the manganese
product-was“thqsvfound’tO'be 4.0 for both the uncétalysed and silver cata-
iysed reéctions;’ When reduction was continued beyond the disappearance -
of the permanganate;in‘the presence of AgClO4, the apparent valence of the
manganese fell tqgj.o.

The reduction of Mn§4’ in initially neutral solutions also yielded
Mnoz'és the oply product. .The pH of such solutions rose slightly as a
‘resdlt of the reaction, but not sufficiently to permit the fofmatioq;of
.detectable amounts Qf Mn04=. This was demonstrated by an experimgﬁt in
" which the samples were acidified (tq decompose any Mnoaz) before centriq
fugiﬁg; the obseryed rate agreed with the rates determined by the usual
procedure {Table XV). With solutions containing added electrolyte
(e.gf NaClO4)'the-same analytical procedure as for acid solution was
employed‘to fqllpwrthe reaction. In the absence of an added electrolyte,

the MnO, product remained uniformly dispersed in the solution as a

2

colloidal suspension. The reaction was then followed by determining

"~ the total'oxidiZing.capacity of the suspension (using standard ferrous

4

Mn02. Using the same procedure as for acid solutions thé apparent valence

of the manganese  product was found experimentally to be 4f0.

solution),”assuming“the”manganese to be present as a mixture of MnO  and

In basic solution (containing initially from 0.3 to 0.6 M, NaOH),

| MnO,” was reduced to MnO = which was stable and remained in solution.

4 4
Manganese dioxide began to form only after this reduction had proceeded
to the extent of about 85%. The reaction was usually followed by deter-

mining the decrease in total oxidizing capacity of the solution volumetrically,

" assuming all the manganese to be present as'Mn04— and Mn04=. The results
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obtained wereﬁin‘agreement with those obtained by an alternative procedure
in which Mn04—-alone‘was detérmined following precipitatign of the Mn04=
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 pérmanganate,and,manganate, respectively (94). Measured rate

constants were generally reproducible to within : 5% for the uncatalysed

reaction and to within I % for the silver catalysed reaction.
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Fig. 35. Absorption spectra of a basic KMnO, solution before and after redugtion by
hydrogen, Initial solution composition: 4.0 X 10-3 M, MnOs 3 O.4 X 1077 M. MnOjy;
0.30 M, NaOH, Samples diluted 10 X with 0.3 M, NaOH solution for spectral
determinations. :
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RESULTS AND DISCUSSION

Reactioq in Acid Solution

In keeping with the observation that Mn0, is the only reduction
product, it is concluded that the stoichiometry of the reaction between

Mn04- and'H2 in acid solutions is represented by the equation,

4

Possible complications might have arisen due to the competing spontaneous

2Mn0," + 3Hy+ 2K —> 2Mn0, + 4 HO veenrt (15)

decomposition of'Mn04-, i.e.
4Mn0,” + 4 H = 4 Mn0

4 2

which is known to occur in acid solutions especially in the presence of

+30,+ 2 HO ceee.. (16)

MnO2 which acts as a catalyst. However, this reaction was found to be

negligibly slow compared with the reduction of MnO4 by H., under the

2

experimental conditions employed. No spontaneous decomposition of MhO

, 4

was detected prior to the introduction of H2 in any of the experiments.

Furthermore it was found, in an experiment at 0.3 M. HC10,6, that even

4’
4' initially present had been reduced by H2

(which was ‘allowed to remain in contact with the solution) the apparent

after 60% of the ﬂno to MnO2

rate of spontaneous decomposition of Mn04- unde’r"N2 was only about 2%

of its rate of reaction with H2 under the same conditions. The'effect

was therefore neglected.

At constant temperature and H2 partial pressure, the rate of reaction

4 2
the rate plotS'in_Fig. 36. Furthermore, reference to Fig. 37 will

between MnO-,~ and H. was found to be first order in Mn04-, as shown by

indicate that the slopes of these plots are directly proportional to

* the partial pressure of H_, and hence to the concentration of H, in

2’ 2

solution. The reaction, therefore,'appears to be second order.



TABLE XIV

Reduction of permanganate by hydrogen in acid solution at 509C.

Initial kmmo4 X 100 HC10, NaC10, K
M. M. 4 M, liter mole-l,sec.-'1
401 005 - . 0082
2.0 0.3 - 0.82
0.8 - 0.3 - 0.83
0.4 0.3 - 0.92 (a)
1.9 0.3 - 0.81 (c),(a)
2.2 0.3 - 0.80 (e)
2.0 . 0.3 - 0.82 éa)
2.0 0.3 - 0.98 (f)
2.2 0.1 0.9 0.72
242 0.3 0.7 0.75
2,2 0.5 0.5 0.81
242 007 003 0.88
2.2 1.0 - 0,97
2.2 0.3 042 0.79
2.1 0.3 0.5 0.78
242 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.,
(v) H, flow rate 0.2 1. min,

c) HS flow rate 0.6 1. min.™

gd; Analysis by spectrophotometric method.

e) Analysis by vo}umstric method.

(f) 0.004 mole 1.™ MnO, added initially.
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Fig., 36. Typical rate plots for the reduction of permanganate by
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The convention, adopted in Part I, of expressing the rate laws in
térms-of the rate of reaction of hydrogen will also be employed here.

Hence, using the known stoichiometry of the reaction, the rate equation

beconmes,
ala.] 1.5 d[Mno, "] k [H. )[MnO, "]
2 4 2 4
-— dt - o —-——dt - s o0 s e (17>

Values of k, determined from the slopes of the apparent first order
plots by means of equation (17) were substantially unaffected by vari-

ations in the initial KMnO4 concentration between 0.0008 and 0,004 M.,

and by the addition of up to 1.4 M. NaClO On the other hand, k

40

increased slightly as the HC1lQ0, concentration was raised from 0.l to 1.0 M.

4
(see Table XIV).

ThebresultS“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 liter-l Mn02 to a solution containing 0.002 M. Mn04_ increased

the apparent rate by only about 2Q%, suggesting that the MnO2 normally
formed during'the”reaction would have only a small effect, especiallyb
during thg'initial stages of the reaétion. This is';n accord with the
fact that no significant deviations from linearity of the first order
rate plots were generally observed uﬁtil after at least 90% of the
Mn04_ initially present had been reduced (see Fig. 36).

Values of k, determined at various temperatures from 309 to 709C
gave the Arrhenius plot shown in Fig. 38 . This plot was fitted by the
equation,

9

Kk = 4.2 X 10° expl(-14700 £ 500)/RT) 1. mole ‘sec.™

with ai¥ = 14 £ 0.5 kcal.mole™> and as¥ = -17 ¥ 2 cal. deg.'lmole'l.
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Reaction in Neutral Solution

The reacti?n between MnO4 and H2 in neutral solution may be represented

as,
2M0," + 3H, — 2Mn02+2H20'+ 2 0K .

The kinetics were found to be of first order in permanganate concentration in
agreement with the results reported by Just and Kauko (63). Thé rate con~
stants reported by these authors at 69, 159, and 259C were extrapolated to
509C to give a vaiue of k = 0.76 1. mole-lsec.—l, 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. NaClO4.

Reaction in Basic Solution

In solutions containing 0.3 and 0.6 M. NaOH, the initial reaction

between MnO4 and H2

2 Mn0,” + H,y + 2 0 — 2 M0, + 2 H)0 ceeee. (18)

Rate plots depicting the changing concentrations of MnO

was'found to be

4 and MnO4 are

shown in Fig. 39. The total manganese concentration in solution does

not begin to fall off, due to the formation of Mn0O,, until about 80% of the

2’

MnO,  initially present is reduced to MnO4 The altered stoichiometry of

4

vthe reactidn_required the use of a different equation to relate the rate of

reaction of H2 to the measured rate of disappearance of Mn04-, i.e.,

alH.] 0.5 d[Mn0.") " k [H.}[(Mno,"]
2 4 2 4
——— —— = eeoees (19)

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

Ratés of reduction of permanganate by hydrogen in neutral solution

‘ Temp. NaClO4 k
°C : M. 1.mole Teec.”t
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 MnO4 before centrifuging.

TABLE XVI

Rates of reduction of permanganate by hydrogen in basic solution

Initial KMnO, X 10°  NaoH NaC10, Temp. K
M. M. M. °C l.mole-lsec."l
4.1 0.3 - 40 0.32
8.0 0.3 - 40 0.33
1504 003 - 40 OO52
3.8 0.3 - 40 0.33 (a)
4.1 0.3 - 40 0.32 (b)
4.0 0.6 - 40 0.33
4’00 003 - 50 0067
509 006 004 50 0c69
1.7 0.3 0.7 50 0.70
(a) Both MnO,” and MnO,~ determined.

4 4
(b) Ba(ClO4)2 added to solution.
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order as those for neutral and acid solutions and to be unaffected by

variations inm.initial MnQ - concentration, NgOH concentration, and by the

4

addition of up to 0.7 M. NaClO4.

The fact‘that“the'first'Qrder plots (Fig. 40) are consistently
linear to at least T0% reaction suggests that the Mn04= produced in the

reaction does not contribute appreciably to the activation of H2'

conclusion is also supported by the results of an experiment (Table XVI)

This

in which excess Ba(C10 was added initially to the solution to pre-

4)2
cipitate the‘Mh04= produgt as it formed during the reaction. The rate
was the same as in the absence of Ba++.

I

No kinetic measurements were made at OH concentrations above 0.6 ﬂ.
because of the increasing instability of Mn04’ under these conditions.

Th;oughout’the pH range investigated (1.0 H'to 0.6 M. NaOH) the
kinetics of the uncatalysed reaction were fepresented essentiaily by
equationé (17) and (19). The measﬁred values of k, plotted in Fig. 41,
varied slightly over this range. The predominént 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 Reaétion ;q Acid Solution

Sevefal:salts wefe tested for possible catalytic or inhibitory
influences on thé reaction in acid solution (Table XVII).  The additions
of Cu(C10 4)2, Co(glo 4)2, v0,C10,, and T1(C10 4)3 were without significant
effect-on the rate. In the presence of 0.3 M. NaF, the apparent rate,
following & short induction peried, was about 10% faster than normal;
this may be due to thevtemporary formation of a complex between Mn(IV)V

and F which subsequently decomposes to MnO The addition of Fe(Cl0

2° 4)3

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 o

Added Salt = k

" Temp. - HClOA)
oC M. N ‘ | l.mole_]fsec.—l
40 0.3 - 0.40
40 0.3  1.0M. cu(Cl0,), 0.36
40 0.3 0.2 M. Co(c1o4)2 0.40
40 0.3 0.05 M. V0,010, 0.40
40 0.3 ~ 0.37 M. Fe(C10,), 0.50
40 0.3 0.04 M. Hg(C104)2 0.62 *
40 0.3 0.02 M. AgC10, 1.40
40 1.28 - - 0.49
40 L33 0.03 M. T1(C10,), 0447
50 0.3 R 0.82

50 0.3 0.3M.NeF 0.89

-

- 2.2 %107 1
4.—2.2X10 M.

* k 'calculated‘from rate at MnO
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to an induced decomposition of MnO ~ rather than to catalysis of the

4
._reactibn’with‘Hz. © The small effect on the hydrogenation iﬁself was not
reproducible and may have beén caused by colloidal ferric hydroiide;
Hg(ClO4§2 exhibited a small catalytic effect on the reaction whose
magnitude‘was of the order expécted on the basis of previous measurements
of the rate of a&tivation of H, by Hg'' (60) (see Table II). The

‘mechanism of the catalysed reaction is probably,

Hg'' + H2 —> Hg + 2 ﬁ+ | (slow)

-

4
0f all the salts tested, AgClO4 was found to have by far the greatest

He + Moo~ — He't 4 products (fast).

catalytic influence on the reaction. The effect was much greater than

could be explained on the basis of the activation of H2

by Ag+ :eported

in Part I.

Silverlloanataiysed Reaction
To ' 'avoid complications due to héterogeneous effects such as those

occurring in neutral solution (74, 75) kinetic measurements on the Ag'

catalysed“reaction between Mn04- and H2 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'Mn.O2 product, in contrast

to neutral solutions where the product is apparently Ag,Mn, O (75).

4
presence of Ag0104 was apparently first order in Mn04_, as the rate plots

As' in~the uncatalysed reaction, the disappearance of MnO, in the

in Fig., 42 indicate. The plots are initially linear, but show deviations
after about 50% reaction, presumably due to heterogeneous catalysis by the
" precipitated Mn02. This is supported by the results of an experiment
(see Table XVIII) in which Mn0,, added initially 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 402C.

Initial

10D , ' :
KMnO , ; 10 AgCl0, HC10, NaClO, . k k kg
M. M. M. M. l.m.-'lsec.-'l-Zl.v.m._lsec.-l f%m.—zsec.-l
05 0.0186 0.3 - 0.88 0.45 23 (a
0.8 000185 003 - 0'084 0041 24 ’
2.3 0.0184 0.3 - 0.80 0.40 22
4.0 0.018% 0.3 - 0.83 0.40 24
243 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 1 0.0185 1.0 - 0.82 0.48 18

(a) - Reaction vessel packed with Pyrex glass wool.
~(b) 0.004 mole liter " Mn0, added initially.
Comparison of reduction rates of dichromate and of permanganate

in the presence of AgCl0, (at 1 atm. H2)

AgC10, Temp. - d[H2]/ dt X 107 mole 1.7 sec.”
»M. e _ for Cr207= reductien for Mn04—.reduction
at [Mn0,”) = 1072 M.
0.0187 60 . 0.12 13.1

0.0559 40 0.10 8.7
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Fig. 42, Rate plots for the reduction of permanganate by hydrogen
in the presence of 0.0185 M. AgCl0, at AO C. Solutiens 0.3 M,
HC10,; H, pressure, 0,92 atm.
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reaction vessel with glass wool had no effect on the rate. The initial

slopes of the rate plots were found to be directly proportiongl to the

partial pressure of hydrogén (Fig. 43) at constant AgGlO4 concentration.
The kinetics of the reaction, which appears to be homogenéous during

the initial stages, are thus represented by,

—

d[Hé] - k' [Hzi [Mno4‘] o eerees (20)
it :

Values of k', estimated from initial slopes of the rate plots are ieported
'in Table XVIII. The dependénce of k' on the concentration of Ag+ is
depicted in Fig. 44, and is seen to be of the form,

k' =k + k [ag") | cerees (21)
where k is the same constant as in equation (17) and kc is the>third order
rateigépstant of the silver catalysed reaction whose kinetics are of the
form,

a(g,) K (8,) [0, [ag") ceeens (22)
dt = ‘ ’

Values of kc’ calculated from valges of k' and of k determined from
the results reported previously, are listed in Table XVIII and are seen to
be- essentially independent of the initial concentration of Mn04- (vetween
0.0005 and: 0,004 M.) and HC10, (between 0.3 and 1.0 M.). On the other
hand, kc was found to decrease slightly on addition of Na0104.

Measurements of k, at different temperatureé'from 30¢ to 60°C gave
the- Arrhenius plot shown in Fig. 45 which is fitted by the equation,

7 expl (9300 % 500)/RT] 1.°%mole %sec. T

.kc = T.5 X 10
with B = 9 £ 0.5 keal. mole " and as¥ = -25 £ 2 cal. deg. " mole.”l.
The rates of reaction of‘H2 with silver ion by the mechanism studied
in'PartvI are small enough to be neglected in comparison to the rates of

the silver catalysed reduction of permanganate (see Table XVIII).
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Fig. 43. Dependence of the rate of reduction of permanganate in the

presence of 0,0185 M, AgClO, on hydrogen pressure. Solutions
003 M. HC]—OL‘,; Temp. 14.O°c. » .
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Fig. 45, Arrhenius plot. for the silver catalysed reduction of
permanganate in 0.3 M. HC104.
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Discussion of the Uncatalxsed'Reaction

The kinetics suggest that the rate determining step is a bimolecular

reaction involving one H2 molecule and onean04- ion giving an intermediate

Mn species which undergoes further rapid reactions to yield the stable pro-

2 in acid and neutral solutions and Mno4= in basic solution.

The absence of an appreciable salt effect is normal for a reaction between

ducts, MnO

aﬁ ion‘and.an uncharged molecule. The increase in rate with increasiﬁg
acidity may reflect the formation of some undissociated HMqO4 which is
more reactive than Mn04-.'

Thexabsenqe of an induction period and fluoride retardation support
the view that the reaction does not progeed through a Mn(III) intermediate.
Such an“intermediate has been suggesfed 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(III) - F~
complef;r |

Possible intermediates are Mn(VI) and Mn(V) both of which would be

expected to react rapidly under the experimental conditions to give the

observed products. 0f the two possibilities, the latter is considered

mq:e'likely since the formation of Mn(VI) by reaction between MnO4 and H

X
Lle€o, v

Mn04-+‘H2 — Mn04=+H+H+‘ | Ceeenes (23)
is' accompanied by the formation of an H atom and is endothermic by about
2;fk°al; mole (83, 89). In the absence of a OH concentration dependenoe,
the sfep,

Mno4‘ + 0H — Mn04',—' + *OH

"which has been proposed for certain permanganate reactions (100) would

appear unlikely. On the other hand, the formation of Mn(V) through one
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of the following reactions seems plausible,

Mno4 +H, — M0, +2H ceenes (24)

Mno4 +H, — Mno3 + H,0 ceesns (25)

The process’ represented by equation (24) is exothermic by about 56 keal.

4 and H2

proceeds through the intermediate formation of Mn(V) was originally made

mole > (99). The suggestion that the reaction between MnO

by Just and Kauko (63). The existence of Mn(V) in solution is well
established (94) and this species has also been postulated as an inter-
mediate in the reaction of Mn04’ with certain organic compounds (101, 102,
103, 104). The rather low frequency factor of the reaction, cofresponding
to an apparenf activation entropy of =17 cal. deg._lmole-%, 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

From an examination of equation (23), it would appear possible that
the' formation of Mn(VI) would bé favoured by the presence of another species
which .readily accepts an electron or combines with an H atom. Thé catalytic
actiy@?y‘of Ag+ in this reaction may be due to its fulfilling this role, and

the. rate determing step of the catalysed reaction may be,

‘Ag++Mn04-+ R, — AeH + Mn0,” + g vevee. (26)
or alternatively,
Aghn0, + H, — AgH++MnO4_+H+ : venene (27)

preceeded by the equilibrium,
Ag*‘quo;r = ghno, Ceene.. (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, praviding that the equilibrium

concéntrativnvof AgMnOA’is.small, they are not readily distinguishable.

Results of spectrophotometric measurements made at 270 my, are
summarlzeq;;n:Flg.'46. (Dtotal - DAg+) / MnO4 is plotted against silver

ion concentration for solutions in which [Ag+]>> [MnOA—]. Although the

4

providing some evidence for the formation of undissociated AgMnO

scatter is large, an enhancement of the MnO, absorption is apparent,

4 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

'ipvolying'tWO'ions of opposite charge.

The species AgH+ has been suggested in Part I as an intermediaté in

.mechanism (I) for the Ag+ catalysed reaction between H2 and Cr207=.

is a resemblance between this mechanism, involving the activation of

There

hydrogen by interaction with two silver ions, and the Ag+ catalysed

4" In the latter system, Mn.O4 effectively replaces

one'ofrthei.Ag+ ions as an acceptor for an H atom (or an electron). This

hydrogenation of MnO

reaction path is favoured because of its low activation energy (ca. 9 kcal.
4 °

Alternative mechanisms might involve pre-equilibria giving bi- or

mole’l), presumably reflecting the high electron affinity of MnO

trivalent silver ions which would react with H2, i.e.,

-Ag++'Mn04 — Ag+++Mn04= reeens(29)
ag" +m0,” — A"+ M0, F ( eeena(30)
Ag++Mno4' — Ago++‘Mn03‘ o cenoeo(31)
However, a¥° for process (29)-is about +32 kcal. mole.l (105) while AF*'of>
-1

activation for the reaction studied is only +17 kcal. mole ~. The
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Fig. 46. Variation of MnO, absorption at 270 mpwith silver ion
concentration, ' : ‘
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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 thé silver ion catalysed S208= oxidations; in these
reactions, however, the rate is found to be essentially independent of the

concentration of thé reducing agent (106, 107). It would appear, therefore,

~ that such é'mechangsm is unlikely in the present instance.
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GENERAL DISCUSSION

It would appear that hydrogen can react in the presence of silver

‘fon by at least three different mechanisms: reactions which involve in
'thé‘initial'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 (MnO 4')'as a specific catalyst
for reduction of the latter.

?he first type of reaction, giving third order kinetics, is similar
to the activation of hydrogen by CuOAc in quinoline, An activated
complex of the form A.g,'.2H2++ is indicated; 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
reaspnable;

The second type of reaction resembles the activation of hydrogen by
Qu++ and the reduction of AgOAc in pyridine. The initial step probably
involves*the“formation'of'a'hydride'intermediate, AgH, and the rglease
of a protonm.  ~Stabilization of this protpn by a base increases the rate
of resctiom and prevents back reactions; the relative rates of reaction
of the complexes are indicated in Table XIX.

:The first two types of reaction are represented schematically by the
potential‘énergy diagrams shown in Fig. 47; uncertainties in the.energies
of intermediates precludes any attempt to make the representation éuanti;
tative.

fhese two reactipns 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(T)

Complexing Agent pKA Rate of activation N 1 LogK
of H, relative to No. of ligands N g st
hydrated ion per complex

1 2
Ethylene diamine 7.2 10.0 25 L 3 * 2 3.9
Cyanide 9.4 - 0.5 2 9.2
 Acetate 4.76 - 80 £ 20 * 1 0.73
Water - - 1 - -

* 'k 4t 70°C divided by k.. calculated for T02C.,

II
pKA = - log [B] ‘+[H+l] K, = :[MBn]
(BH" ] [M] [B]n

:Referen’ces: (69), (70), (91), (93), (105).
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Mechanism II - Heterolytic Fission.

Fig. 47. Potential energy curves for the reactions between
silver ion and molecular hydrogen -  all processes refer
to agueous solution.,

(Qualitative only)
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and heterolytic fission in which the hydrogen splits asymmetrically forming'
AgH and H+.. It has been suggested (56) that such a classification may
apply: to other hydrogenation reactions, e.g. homolytiC'fissioh of H2 in
reaction'with.Hg2++j and heterolytic fission of H2 in reaction with Cu++ in
aqueous solution. In the Ag(I) system activation by both mechanisms
appears to take place éimultaneouSly.

The third type of reaction is illustrated by the silver catalysed
reduction of permanganate. The initial 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 ofganic
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

+

Az . The presence of a base probably results in faster nucleation,

reflected in a smaller particle size (Fig. 49).

4-‘_: ’

and'ClO4- is of interest. The first is reduced by hydrogen directly, the

second‘iSfreddced'only in the presence of a catalyst, the third is not

A comparison of the reduction rates of the oxy-anions Mn04—, CrQ

" reduced at-all under the conditions used in these experiments. In per-
manganate there are vacant 3d orbitals which should be capable of accepting
electran'from“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
.Cf(IV) oxy-anions which might be expected as intermediates., Perchloréte,
the reduction of which is also favourable thermodynamically, possesses no low
energy unoccupied orbitals; the first unoccupied level is the 4s, which has

a considerably higher energy than the bonding orbitals.
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APPENDIX A

SUMMARY OF EXPERTMENTAL RESULTS

SILVER ION CATALYSED REDUCTION OF DICHROMATE BY HYDROGEN

(a) Effect of partial pressure of hydrogen.

Temp. 49.69C; 0.5 M. HCIO,; 0.1 M. 4gCl0,

P, - a [8,) x 10° -4 [HQ]} x 10 k. X 10°
2 : -~ I
at e - dt g ,
atm. m.l._lsec,f'l , m.l.-lsec.-l 1.2m.-2sec.-1
o o7y )
0.23 1.42 ‘ 1.23 T.5
0034 2016 ] 1.88 ’ 7.7
0.47 2.85 | | 2.49 7.2
0.63 3.81 3.29 7.2
0c87 5030 . 4.58 703

(v) Effect of wariation of silver perchlorate: concentration.

Temp. 50.09C; 0.5 M. HClO4
AeC10 P -4lE) x10®  -alm]] x10® 3
4 H, 2 2 ] k1 x 10
at dt
: - - I
- (at-PHz«; 1 atm.) -

M. atm. m.1l. lsec. ™t mol. tsec. ™t 1.%m.%gec.”
0.03%95 0.88 1.03 0.87 TT
0.0600 0.87 » 2.08 '1.89 Te2
0-0776 0%87 3-44 ) .3029‘ . ] 705
0.1002 0088 i 5024 -5011 700
0.1087 0.88 6.20 T2

6.13
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(c) Effect of variation of gsilver perchlorate concentration.

Temp. 40.09C; 0.5 M. HC10

4
8 8 3
AgC10 P -d[n) x10°0 -a[HE,]] x 10 k., X 10
4 H, ALty 2 1
at T -
(at PHQ = ‘1 atm.)

M. atm. m.l.-lsec;*l m.l.-lsec,il 1.“m. “sec.”
0.0397 0.93  0.51 - 0.45 3.6
0.0602 - 0.93 1.07 0.99 37
0.080% 0.94 1.80 1.69 3.5
0.1002 0.90 2.52 2.54 34
0.1082 0.93% 3.00 2.95 3.4
(d) Effect of variation of silver perchlorate concentration.

Temp. 700090; 005 M. HC104
AgC10 P - dlH,] 1 - afe, 1] x 108 kX 107
194 H, i, 2] !
dt S dt
I
(85 Py _ 1 atm.)

M. _atm. m.l. “sec. m.1.  sec,t 1.%m.250c.”
0.0198 0.69 1.02 0.87 31
0.0402 0.71 3.6 3.4 29
0.0604 0.71 T.5 Te5 29
0.0796 0.69 12.1 12.7 28
0.1001 0.69 17.7 19.8 27
0.1005 0.70 17.9 19.8 27
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(e) Effect of variation of silver nitrate concentration.

Temp. 50,0%C;

0.5 M. HNO,
AgNo; PH2 - aly,) x 108 - alE,) X 10°
at - Tae
(at P \ =1 atm.)
M. _ atm. m.1.  sec. m.1. " gec. ™
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 5452 6.26
(f) Effect of temperature.
0,100 M. 4gC10,
8 8 3
Temp. Py ~d(H,) X 10 - d[Hz]] X 10 k; X 10
2 at A
°C atm. m.l."lsec."l m.1. Fsec. ! 1.2m.—2sec.-
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. 110.09C; 0.03 M. HCLO,
cr.0.= x 10° P AgC10, X 10° - alE.] x 107
277 H, gLtV & Sy L
Tnitial : at
' -1 A
M. atm. M. m.l, “sec.
1.67 1.0 9.6 1.4
1.67 2.0 9.5 2.9
1.67 3.0 9.5 4.4
2.50 4.0. 9.6 6.5
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(h) Effect of variation of silver perchlorate concentration.

~ Temp. 110.0°C; H, pressure 4.0 atm.;  0.03 M, HCI10

2 4
2.5 X 107 M. Cr,0," initially |
AgC10, X 10 -d[HZ] X 10 -d[H2]] X 10
dt._l N dt o
M. v molo SQC. ‘ molo lsec.
2.48 0.54 0.49
5.02 2.23 2.01
7.58 4.55 4.05
9.52 6.5 5.7
12.49 10.0 8.7
(i) Effect of variation of silver perchlorate c¢oncentration.
Temp. 110.09C; H2 pressure 4.0 atm.; 0.102 M. HClO4
| 2.5 X 107 M. Cr,0,° initially
3 7 7
AgC10, X 10 -d[H2] X 10 —d[H2]] X 10
at e g
M. m.l.-lsec.- m.l._lsec.-l

7.51 1.97 1.48
9.95 3.50 2.63

© 12448 5435 3.99
15.13 7.6 5.6
0.0 7.3

17.63 1




-131~

(j) Effect of variation of perchlbric acid cdncentratioq.
Temp. 110.09C;  H, pressure 4.0 atm.; 9.5 X 107 M. 4gC10,

2.5 X 107 M. Cr 0. initially

‘ 7 . 7

HC10, NaC10, - d[H2] X 10 q[HZ]} X 10
at . Tt -
o II

M. M. | xln.l.‘_lsec.-'l m.l.-lsec._
0.0199 ‘ 0.28 6.9 6.1
0.0301 - 0.27 5.8 5.0
0.0522 0.25 4.6 3,8
0.0770 0.22 3.5 2.7
0.1041 0.20 3,0 2.2

(k) Effect of variation of silver perchlorate concentration.

Temp. 85.0¢C; H2 pressure 4.0 atm.; 0.031 M. HClO4

0.83 X 10™° M. Cr.0.~ initially

%7
46010, X 102 - al,) X 107 - d[H2]] X 107
Tt it
a1 A 2l 4
M. mel. “Sec. m.l. “sec.
1.26 1.65 1.33
1.51 2.10  1.64
2.00 3.1 2,30
2.50 |  4.07 2.79
2.50 4.16 2.88
2.79 4.68 3.09
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' (1) Effect of variation of silver perchlorate concentration.

Temp. 100.89C; H, pressure 4.0 atm.; 0.031‘M.~EClO4

2.5 X 1077 M. Cr,0," initially

46010, X 10° - alg,]) x 107 - d[HQ]] X 107
| it @ I,
M. m1. Ysec. ml. Vec, ™t
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. 120.39C; H2 pressure 4.0 atm.; 0.031 M. HC10

2.5 X 107 M. Cr207= initially
3 | 7 T
AgC10, X 10 - a[H,) X 10 - d[H2]] X 10
dt. - | at Sy

M. ' N m.l.-lsec,_;A m.1. Veec. t
7062 7'5 606
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. 110.09C; 0.10 M. HC10,; 1.67 X 1074 ¢r, 0.7 initially

277
102 5 R
AgC10, X 10 k_x10 K, X10
M. 7 sec.flv l.m.—;sec -1
0.763 0.3 0457
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. 110.09C; 0.03 M. HO10,; 1.67 X 1074 Cr,0,” initially
2 5 N
4010, X 10 K , X 10 K , X10
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 HCIO4 concentration.
Temp. 110.09C; 9.6 X 107> M. AgC10,; 1.67 X 1074 . Cr 0.~ initially
HC10 NaCl0 kK x10° k. x10
4 4 ) 1
M. M. sec.”t _ 1.m. teee. ™t
0.203 0.10 0.52 0.45
0.153 0.15 0.65 0.57
0.100 ‘ 0.20 } 0.95 ‘ - 0.76
0.050 0.25 1.80 1.45
0.030 0.27 3,19 2,00
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REDUCTION OF PERMANGANATE»BY HYDROGEN

(q) Effect of hydrogen partial pressure on permanganate reduction

- Temp, 50.09C; 0.30 M. H0104

4

PH2 - d 1n[Mno,"] X107 &k
Tdt

atm. sec.”t 1.m. tsec.™t
0 (0.01) S -

0.23 - 0.95 _ 0.83

0.40 1.67 0.87

0.59 2.27 . - 0.80

0.74 o 285 0.79

0.88 - 3.42 ' 0.80

(r) Effect of temperature on rate of permanganate reduction

0.30 M. Hc:104 '

Temp. . k

oC o lomo—lSGCO—l
30.0 09
40.0 0.40
45.0 . 0.56
60.0 1.66

70.0 3.08
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(s) Bffect of hydrogen pressuré on the silver ion catalysed reduction of

permanganate.

Temps 40.0°C; = 0.0184 M. AgC10,; 0.30 M. HC10

4
Py - @ (M0, "] X 104 k' K k_
2 .Lat . - ‘ .
atm.. sec. lom. Ysec.™t l,m."lsec."1 1.2m.’ sec.
e = - - - ‘ — ———
0 - - (0.01)° - _
0.38 1.59 0.85 0.40 24
0.75 . 3.00 . 0,81 0.4Q 22
0.92 3.84 0.84 0.40 24

(t) Effect of variation of silver per¢hlorate conqentration on the rate of

reduction of permanganate.

- Temp. 40.0°C; = 0.30 M. HC1O

M. lome lsec.” " ]..m."'lsec,:,_l 1.%m.%ge0.”
4.5 0.49 ' 0.40 20
9.3 0.59 0.40 a2

37.0 1.34 0.40 25

44.3 1.54 0.40 26

55.7 1.66 0.40 23

55.9 1.76 | 0.40 24
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(1) Effect of temperature on the silver ion catalysed reduction of permanganate

0.0184 M, AgC10,;  0.30 M. HC10,
Temp. ‘ k" ] ) ‘ ] k ) '}":C
°C 1.m. Fsec. ™t l.m._lse;:._1 1.%n."%gec. ™t
30.0 0.45 ' - 019 14
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 experimemt B.

(1) Deuterium content of solution.

. density of sample at 20¢ = 1.0200

corrected for air buoyancy = 1.0210

‘Ad = 0.0228 ~ %" whereid = density of sample
T doe AR | | "
dl = 0 H2O
H — i |1 B
o d2 = g D20.
wte % D,0= _Ad ds X 100 = 23.0% Ad=d-d
2 3 +8d 4 -4 1
' 1 2 1
2804 ml. of this H20 - DZO mixture were‘used.

2004.4 gm.

.. wt. of H,0 = 0.770 X 1.0210 X 2804

(1.246 X 20) ~ 6.219

18.7 gm. (320 in AgC10, soln.)

(1.544 X 9.6) - 9.04 soln.)

5.9 gm. (320 in Hcm4

166.4 X 0.9982 164.1 gn. (H,0 used to make

volume to 3 1.)

2393.1 gﬁ;

Total H,0 =
wt. of D20 = 0,230 X 1.0210 X 2804 = 658.4 gm.
0.0 NO. mOleSH20 = 132.8 .
no ] —
D0 = 3249
mole % D = 19.8 = _D X 100
H+D

(2) Ccalculation of 'n".

D,| D", E® = - 3.4 mv. st 2LC.

+
hence, 2.3 RT log 'Hp °D" = - 0.0034
¥ P a+
D, °H

2
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or P [H+]2

2 _ . : . f
T2 = 1.31 = Kl assuming fH+=——. D+
p. [D']
H
2
p, [D.0]
Ky= 2 2 =135
P H.O
D2 2

*

+12
I i 13.5 X 1.31 (5,0

[0*)° ol
IHQO][DQO]
Now H20 + D20 = 2 HDO
(0.802 = a) (0.198 ~ a) 2a
. 2
.. 4a
(07198 — )(0.802 = @) 5+78
. .+
* o _[ET]__ - 16.7
- [p7) '
Cand n = [p") = 0.0564 at 209C.
(p"] + [H"]

(3) Calculation of x using equation Ax = (ro - r) v.nRT At

v
Time Period r =T . v n v At Ax X
1 ° _ _, mean . mean
min. m.l. ~sec. atm. 1. 1. sec.
0-35 1.71 X 1077 2.97 0.0564  1.77 2.10 X 10° 0.10 0.10
35-85 1.71 X 10-'.7 2.95 0.0564 1.79 3.00 X ‘103 0.15 0.25
; .

85-145  1.71 X 10~ 2.93 0.0564  1.81 3.60 X 10° 0.18  0.43

= k; [Ag0104]2[H2] + ko (46010, 1(8,)]

H
§

H
I

= k; [AgClO4]2[H2] N kII}[AgCIO4]2[H2]
ki [Hclo4]‘+ [AgC104T
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using [AgGlO4] = 0.0100 M.

[50104] = 0.0309 M.
T = 383,20C
[1,) =0.0188 m.1.”
(4) Observed values of x
Sample mass 2 ‘mass 3 Ratio correction * % HD
peak - peak X 30 X 102 for H3+ x
(H2*) (H3+ + HDY)
Clle CE. e
B-1 13.8 0.80 : 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 1 0.20

* Determined from Fig. 48.



=140~

0.2
O/ o
N
2
e
0.1
x| g
< | <u
HE
+M
==
O
0 ‘ 4 : — —
0 10 20
H; PEAK HEIGHT - CM.

Fig. 48. Ratio of mass 3 peak / mass 2 péak plotted against
mass 2 peak for ordinary hydrogen.,



~141-~
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. Thé following results were'obtained:_>

Material Structure Lattice Parameter %
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 ' (l). No lines

other than those of the FCC pattern were observed.

(1) Barrett, C.S., "Structure of Metals", McGraw-Hill Publishing»Cos,
New York, N.Y., l952; p. 648.
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(a) Silver precipitated from perchloric acid solution.
1560 X, KCN : Hy0, etch,

(b) Silver precipitated from ethylene diamine complex.
1560 X, KCN : H,0, etch.

Fig. 4L9. Photomicrographs of precipitated silver.




