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SUMMARY

[otmtawmoees
In Part I a detailed study is described of the

electrode kinetics of a silver electrode in the presence of
Ha0p solutions from 0,0003 to 33M and in the pH range 1-13
Special attention is paid to the equilibrium potentials and
to their dependence on pH and [Hz0,]. At high pH the
results of Berlsa for carbon electrodes are found to apply
and the electrode potential is both pH and [Hz0a] dependent
and is given by the equation:

E =0.91 - 0,059 pH = 0.03 logio [Hg03] ceeececeoall)
which, following Berl, is consistent with the following
reversible electrode reaction

HO~ #riiDe ™ aicn By Da EIBRl. i dh iinshedsun s e hin i)

There is always catalysis even in the absence of current
flow and this can be explained by breaking down equation (i)
into l-electron steps with HOg radicals as intermediates:

HOa~™ <> HO; + e

HOp™ + HO «>Hg0 + Og SRS SRR AL L (LY

0g «—>03 + 8

Reactlion between HO; and Hz0pcould produce decomposition
ecycles. At low pH (<8) the e.m.f. becomes independent of
[Hg0g2] and is then given by

E=0,8 -~ 0.059 pH | R R R R .
which is the result found by Bockris and 0ldfield”* for
platinum and gold.
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Other metals, viz., Cuy, Niy Mn and Fe give identical
potentials and it 1is concluded that the metal plays no direct
part in maintaining the steady potential.

A possible scheme is based on one put forward on a wide
range of electrode kinetic evidence for platinum by Gerischer
and Gerischer?s In the silver case 1t becomes

*. 80

HaOg + @ = HO
vcoo.oo(V)

HaOp # H™ # gt ‘s "Hed'"+ HO
the HO radicals reacting further
HO + e = HO™
or as centres for catalysis.

It is foundé that, at [H,02] ’ s above 1 to 2 M and in the
pH range 3-9, an [Hy0p] dependence occurs. This is explained
in terms of a separation of anodic and cathodic areas. The
anodic areas, once formed, are perpetuated by the fact that
a p-n junction would be created at the metal metal oxide
boundary and would permit current flow in one direction only.
A proposal 1s made which on this basis links the potential
in this zone to [Hz02].

Experiments with flowing currents introduce the
reguirement that the anodie and cathodic reactions are 2~
electron step processes involving 2 transition complexes per
Ho0p molecule. Such a process would be written

Hp0p + 2e —> 20H '

. .oo-ooa--.o(Vi)
Hp0p + 20H = 0p + 2H0 + 26
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and the transition complex would indicate that the rate
determining step must involve an adsorbed OH radical or ion.
Finally we show how these facts can be fitted in a general
way to the Hoar71 scheme for the oxygen electrode. The scheme
fits in also with a second order [Hz0g] dependence found for
the rate of decomposition.

Part II describes a detalled account of the kinetiecs of
the loss of oxygen from NaB0z.4Hp,0 in the solid state, fused
state and in dilution solutions, withend without added iron
and copper catalysts, and also of the subsequent inhibition
by magnesium and zinc compounds.

F&r the study of the first one per cent of loss of oxygen
from the solid perborate a differential tensimetric technique
was adopted.

Results obtained from decomposition of the soclid
perborate showed that a least partial liquefaction must occur
before decomposition commences =~ heating the perborate at
60°C in vacuo showed no loss of oxygen at all.

The results obtained from studies of the decomposition
in the fused state indicated that the decomposition was
entirely due to catalysis and that there was no inherent
decompoéition in pure perborate. This was confirmed from
experiments on a few very pure perborate crystals.

Stabilisation of the fused material by the addition of
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magnesium sulphate yielded a relationship with the [BOg ']
present, viz., at the onset of inhibition, the product
Mg*™]1[B0, '] = constant.

Studies in (ilute solutions showed clearly that the
overall kinetics for the decomposition were identical ﬁith
those for the fused state, and from the results it was
concluded that the decomposition was indeed catalytic and
due to iron.

The suggested mechanism which complied with the
kinetics of the system studied is as follows.

| on 1 0B
2
>Fe/ "'HgOa ‘—'A >FO< +H20 ooooooo.-(?ii)
| TOH | “OH
0gH | 0.E
>F6< + HgOg v_'—;,\—Fe: h HQO osMBsDO0O°O O (Viii)
| TOH | SO0gH

i.e. a fixed concentration of catalyst forming addition
compounds with Hz0p, the only essential being that it should
be possible to exchange two-0H groups, attached to the iron,

and therefore within range of electron transfer — with Hp0p

2
ngKgac

From (vii) and (vili) we obtain r = 1+ K;e +J?TK;33

which gives in the 1limit 1®(K;e + K Kac®) second order
kinetics and at higher [H,0,] whers K Kse® (1 + Kyc ) zero
order kinetics apply. These equations agree exactly with the

observed experimental results.



Stabilisation is explained in terms of the formation
of an insoluble salt (Mg)(BOa )(BOa) which both prevents
formation of the liquid phase and, at the same time, inhibits
the catalysts.

Consideration 1s also given as to the nature and struc-

ture of the metaborate and perborate ions.



The thesis deals with the catalytic decomposition of two
peroxy compounds, viz., HpaOg and NaBOg.4HzO0.

Part I concerns a detailed electrochemical and rate
study of the heterogeneous catalytic system Ag/HgOg together
with a less full account of results obtained from an
electrochemical study of the Pt/H,o, system. The purpose of
including the latter system was to test the general applic-
ability of the conclusions drawn on the Ag/Hzog system and
because of the conflicting results previously obtained from
electrochemical studies of the Pt/HgOg system.

Part II of the thesis concerns a detailed examination
of the kinetics of the decomposition of NaBOg.4HgO0 with and
without, added iron and copper catalysts, and of the subsequent
stabilisation by the addition of zinc and magnesium compounds.

In the general introduction with historiecal background
assoclated with homogeneous and heterogeneous catalysis of
HzO0p 18 reviewed and attention directed to the rather sparse
treatment, from an electrochemical viewpoint, of the hetero-~
geneous catalysis of aqueous Hy0z by metals.

The experimental seétions describe the apparatus,
techniques and materials used for the investigations of the
above mentioned systems. These sections are followed by their

respective results sections and discussions;
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An electrochemical study of the silver catalysed

decomposition of hydrogen peroxide;



INTRODUCT ION

Gensral.

The study of Hz0z has been of great interest to
chemists since 1ts discovery by Louls Jaques Thénard1
until the present day. The ubiquity of its occurrence
in the atmosphere, in animals and plants, in corrosion of
metals and oxidation of ofganic systems, in photochemical
reactlions and radiochemical reactions - has ensured that
its preparatién, prope}ties, stability and decomposition,
and the part it plays in the mechanism of other reactions,
should be the subjeet of continuous investigation.

In industry it has been widely used for its oxlidising
and bleaching properties and in organic chemical prepara-
tions. It is commonly handled industrially as a 30% solution
concentrated from a more dilute solution (3%) prepared by
anodlc oxidation of bisulphate solutions at Pt electrodss.
These solutions were rather impure and unless inhibitors were
add2d they exhibited an 1n¢onvenient1y high rate of
decomposition. The mechanism of the decomposition and the
role of catalysts and stabllisers has been much studied but
1ittle progress made towards a satisfactory interpretation
until recent years (gf. Wynne-Jones g&hg;?).

In recent years a more pure solution has been
commercially prepared by distillatién at low pressure and

this has become increasingly available at concentrations



up to 90% w.w. A major impetus to the development was the

se of the concentrated solution as an oxygen or high
pressure gas source for rocket propulsion. In many of
these applications the Hz0p had to be decomposed with
great speed and efficiency by a catalyst, preferably a 8olid
catalyst. This gave rise to a renewed interest in a topic,
never much neglected, namely the heterogeneous decomposition
of HpOg. Ad hoc experiments with catalytic solids led to
the adoption of sliver metal (in wire or gauze form) as the
ideal catalyst.for decomposing the concentrated Ha0z (80-307%).
The great effectivenass of Ag metal as a catalyst was first
raported by Th‘é"nard3 in 1832 and had been recogniced and
studied by many later workers, e.g. Brodie‘ in 1850, Bredig5
in 1899, Wiagel6 in 1929 and thgs' in 1954, as will be
discussed later, but the new application drew attention to the
need for further studies of specific questions and it was
out of this, partiecularly out of design and develepment work
al the Royal Alrcraft Establishment, Rocket Propulsion
Dgpartment, at Westcott, Bucks., that arose one aspect of
the present work, narely the electrochemical investigation of
the mechanism of the Ag catalysed decomposition of Hp0; in
aqueous solution.

Another industrial use of Hy03 which has assumed an

increasing importance in recent times is in inorganic peroxy
compounds, in particular sodium perborate tetrahydrate as

an ingredient of washing powders. Great interest centred on



the supuression of oxygen loss from this compound during
storage and on the mechanism of the stabilisation achieved
by the addition of magnesium compounds.

The second part of this thesis describes studies
arising out of this technological problem with a view to
elucidating the mechanisms of the decompositiqn of the
solid perborate and of the mode of aetion of the stabiliser.

Homogeneous Catalysis of HgOga.

Ha0g is now recognised in liquid, solution or
vapour phase, as a comparatively stable molecule requiring
the rupture of an 0-0 bond before it can pass to the thermo-
dynamically more stable arrangement of the atoms of Hz0 and
Oz. There have been few studies of the thermal, i.e.
uncatalysed decomposition of HzCp in the vapour phase
owing %o the difficulty of excluding the heterogeneous
process even when working with c¢lean glass and gquartz
surfaces; but these difficulties have been overcome
recently by McLane? Satterfield and Stah: and Gigd?re ;nd
Liulo. The results of these workers, although in general
agreement that homogensous catalysis prodominated above
400-426°C., showed inconsistencies with respect to order
of reaction and activation snergy. However a very recent
study by Hoare, Protheroce and Walsh1: using a flow technigue
with severgl different carriers, confirmed that homogeneous

catalysis predominated above 420°C. They also reasseséed



the results of the above workers and showed that their
corrected activation energles were in good agreement with

their own value of 50 keal.

mechanism of the early 20th century was the "{ntermediate
produet" theory, where an unstable intermediate unstable
peroxidic compound is formed which subsequently decomposes
regenerating the original catalyst and liberating oxygen.
This may be represented as follows:

Cw Pl o> . ClHsOa)a SRS,

C(Hz0z ) —3»  C +0p +Hg0 A L 1
where C represents the catalyst (Spitalsk;f 1926 ).

The second significant theory to account for the
homogeneous catalysis of Hz03, gaining support from Abel13
and Bray:‘ depended upon the facts:

(a) Catalysts generally can exist in more than one valency
state.
(b) HgOz can act both as an oxidising and as a reducing agent.
Hence the following type of reaction cycle oécurs:
Reduced Catalyst + Hz0p —=> Oxldised Catalyst .....(3)
Oxidised Catalyst + Hy0p —> Reduced Catalyst + 0g ..(4)

These two basic theories have been each applied
sometimes exclusively to various catalysts but recently
there has been a tendency to use a combination of the two

theorles.
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In 1931, & major development in the theory of the
mechanism occurred by the suggestion, by Haber and
w1llst3tte;? of the participation of free radicals in the
decomposition of HgOg« Thus the oxidation-reduction
mechanism would be seen to be more elaborate.

This suggestion was accepted and extended by Haber and
Weiss16 to what is now conéidered to be the plassical
approach in explaining the homogeneous catalysis of dilute
solutions of Hy0z by iron ions.

For the catalytic decomposition by Fe++ ions shown
by the faect that under certain conditions more HgOp was
dastroyed than could be explained by a simple oxidation

Ao

+4
I'e + éHzOg —> Fe

+ OH  the proposed reaction scheme

was as follows:

Pal %80 it Pt W e SR o R R
OH + HaOq > Hz0 + HO, WAL SN T
Hou- & R0 o et e S Rl - R
o +Fe™ —> pe™ + oW NI <

where equation (5) represents the initiation.
equations(6) and (7 ) represent ﬁhe propagation of a
chain,
and equation (8) represents its termination.
The novelty of such a scheme was the formation of free
OH and HOp radicals and their subsequent participation in

a chain reaction. Also of importance was the slmple electron



transfer steps, as seen in equations (6) and (8).
Confirmation of the occurrence of OH radicals
in the Fe+7/Haoa system was obtained by Evans g&_g}jv
who showed that, using the above system, vinyl type
polymerisation could be initiated and the OH radicals
inducing the initiation recognised by infrared analysis
in the polymer formed. Evidence for the occurrence of
the HOp radical has not been easy to obtain in a direct
form, but its participation seems beyond doubt in the
decomposition of pure HpO0z initiated photochemically and
radiochemically. Thus Dainton and Rowbottomxswera able
to assign a half l1life to the HOg radical in very pure HzOp
solutions irradiated with}(;rays.
Although the above scheme only considers the catalysis
by Fa++ ions, Haber and Weiss actually postulated a
complete scheme for the catalysis by Fe++ and Fe+++ ions.
Later Weiss19 revised and improved the mechanism in the
light of extended experiments criticisms and the following

b e i 1

mechanism, combining Fe++ and Fe catalysis was proposed

Fe - Haoz _'-9 FQ+H- + OH- - OH oo--ooooo(g)

OH + Ha0a —> Hg0 + HOg B s
HOz + Hallg =30 B0 & .OH/'* [0g  ‘wessnseskid)
OB + Fe @ —> Fe'** + oB- At pe ey
HOy + Fe'™* —> Fe™™ + Hog el )
HOp + Fe'@ —> Fa T o+ HOg ™ APRPURTTEAN 1 5

Haoa v—A H+ +* HOaQ oooooooo(lé)



Catalysis by Fe++ is represented as before by
equations (9), (10), (11), and (12). Catalysis by Fe'"™
is given by (11), (12), (18) and (14) in addition to (15).

A later modification by Barb‘gs_glfo resulted in
the following equation for the production of oxygen rather
than (11) above.

P T e T e L

a view which Weilss and Humphreyal supported with the
additional modification that it was the anion Oz , rather

than the undissociated HOz radical that reacted
1.0. FOH + 0'- —_-é FO++ + 0’ 00..0....'(11b)

Thus, from the above comprehensive investigations
carried out 6n the iron ionﬁ/HgOg system, general principles
were evolved that could be applied to many homogeneous
systems, these principles being:

(1) Decomposition was initiated by a single electron
transfer step.

(2) Free OH and HOy radicals were formed and gave rise
to a reaction cycle.

(3) The reaction steps wereall bimolecular.

A very recent paper by Wynne-Jones g;_g;?z again
provides some new ideas on the homogeneous Fe Hz0p
system. Using Fe(Cl0g )3 as catalyst, over a very wide range
of [HzO0g), he shows that catalysis can be explained by the
formation and subsequent dissociétion of mono- and bi-

peroxy iron complexes. His resulte show that rate of



;'.':‘3“ : + HOg T"’—"\ [Fea‘:ﬂHoa:—JI VS0P UGB P OOOUIYT DS S (19)

[Fe®* 1O, 1. —> [Fe*HO5 ] LAl AR A Y &
1 IY

[Fas.,. Hoaa]II o HzOg '——aprOductS IS R N (21)

i.e. again, through the formation and dissociation of iron
complexes the catalysis of Hp0p is explained.

In principle the schemes of these authors are similar
in regarding the HOp and OH radicals as not existing free in
the solution, but anchored in an iron complex. The schemes
are very similar to those earlier envisaged for decomposition
by catalase (Chaneez‘) and synthetic complexed iron compounds

as

(Wang ) and represent a partial combination of the intar-

mediate complex and compensated oxidation=reduction mechanisms

Heterogeneous Catalysis.

The action of any solid catalyst must involve as an
initial step, chemi-sorption, which may be regarded as the
attachment of the reacting molecule to "anchored free
radicals"” on the surface.

The study of heterogeneous decomposition in the wapour
phase has been of little importance 1n slucidating the
machanism. It has been confined mbstly to decomposition
on inactlve catalysts, e.g. Baker and Oullet28 on glass and

: a7 28
silica, MacKenzie and Ritchie on quartz, Giguére .= on
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pyrex, alumina and tin. Recent work in this laboratory
by Hart and McFadyenag, Hart and Rossso, Hart and ‘l‘aqur31
nas covered & wide range of oxlde catalysts, especially the
p-type oxides Cuz0y, Mn0g, CoO, PbO, Agg0 and NiO #nd
some n~type oxides Zn0, Cul, €CdO, Alpz0j.

They have shown broadly, but with certain significant
differences, the same gconsiderations apply tc gas phass

heterogeneous catalysis as to the solution phase,
'The earliest study of the heterogeneous cataiysis
of liquid Hz0p was the observations made by Thé’nard3 on the
action of Ag, Aga0, Pt and Fe on pure HzOp. He made the
important observation that, during the decomposition, there
was & lack of chemical reaction. Also, at this early stage,
it was observad how much more efficiently Ag acted as a
catalyst than other metals tried.
During 1850-60 Brodiem82 published a very long series
i papers on the action of such oxides as Ags0, iMnQs and
Crz0a on HzCa. PFrom his results Brodle showed:
(a ) For different oxides, widely differing rates of catalysis
were obtained.
(b) The afficiency of a given oxide was dependent vpon its
mode of preparation.

33
Berthelot o who also investigated the Aggg/Hzoz
system, postulated the formation of higher Ag oxides and



their subsequent decomposition and remarked on the large
amount of decomposition effected by a small amount of the
Ago0 catalyst. ‘

The greatest advancement of the ninateenth centﬁry
knowledge, however, was due to the comprehensive investiga-
tions by Brefic gt ate using colloidal Pt and Au as
catalysts. This series of paperswas entitled "Inorganic
Ferments", as Bfedig recognised this metal sol type of cata-
lysis as being analogous in action to.thg organic enzyme,
"catalase. The results obtained from Pt and Au were |
similar, the ontstanding features being:

1. Rate of catalysis increases as [OH'] increases, up to
and optimum [OH'], at pH = 12, then the rate falls off.

2. The action of C1l'y CN', 8" and P inhibit catalysis

3. At the low [Hz02] studied first order reaction kineties
praevail.

These results were later confirmed in 1940 by
Teletof?5

In 1928 w1eg316 studied the yelation of added Ag and
alkali required to saturate dilute Hz0p solutions, the
point of saturation being characterised by a rapid increass
in the rate of catalysis. From his results Wiegel postulated
that the factor controlling fapid éatalysis was the solubility
product [Ag*][HOa’], thereafter decomposition prbceaded as

follows:
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2Ap00H  + Haly —> 2 Ha0 + 205 + 2Ag PRI s S
. The metallic Ag thus produced redissolved and a eyclie

process ensusd:

Ag .+ Ha0y —> AgO0H + H TR, =
AgOOH + Ag ——> Agg0p + H SO, - (-
Aga0g —> 2Ag + Og SPSRORI S (-

8H 4+ Ha0p ——> 2ZHa0 4 0g o o weiaely SARLEOY
ithy - 4 —> pH0 + 0Og e R

The postulated occurrence of H atoms as intermediates
would now be considered as unacceptable on enargetic grounds.

Wentworth = 1in 1951, on the other hand, while investi-
gatihg the same relationship in solutions of Hz0, up to 20%
W.W., Proposed that it was the solubility product of Ag(OH);
that wﬁs the controlling factor. However some recent work
by Maggs,7 and Maggs and Suttggss on solubility, pH and
conductivity measurements involwving both Ag+ dissolved from
a Ag catalyst and Ag* added as AgNOy and working with HpOs
solutions ranging from 15-86% Wo Wo 4 suggests‘this "eatalysis
point", i.e. the point of saturation, is controlled by the
(Ag*]1[HOz '] solubility product. Indeed Wentworth's
experimental results, whlch were quite scatterod, could;
with réasonnble_éﬁreement,.support the same argument.

In 1938, Weisssé reinterpreted w1ege;s data on the
basis of his classical single electron transfer type of




mechanism leadling to the decomposition of HzOg as follows:

Ag + HgOn —>ag” + HO™ % HO ' FHLERR T
OB + Hy03 —> Hgd + HO, S
Ag” g sy e O RN (7
Ag " HO, —> Ag® + HOp" e SR Y
gt +'HOp—>Ag + HOp i eyl ()

the OH and HOgz radicals being free in solution or.in the
Van der Waals adsorption layer.at the surface. Hare the
metal can be considered the source of and sink for electrons
However before an electron can be removed from a metal it
must be able to overcome a potential energy barrier, i.e.
the work function. Weiss, ﬁy applying a negativs potanfial,
lecreased the'work function of certain metals and dlscovered a
corresponding increase in their catalytic activity, a fact
that would be in agresement with his electron transfe# theory.
"urther support was recelved for his theory when Dowden and
Kaynoldsiu from their study of the Ni<Cu alloy Ha0s systam,
showed that the rate of decomposition decreased as the Cu
metal atom d-band was proéressively:filled by.additiod of Ni
1.e. as the electron eavailability decreased.

According to Pauling:1 and increase in the 'd’
character of metals means that more 'd' electrons are
empleoyed in intermetallic atom bonds in the crystal lattice
structure, and less electrons are available for chemisorption,

resulting in a decrsase in eatalytic activity.



.In catalysis by metals it was considered by Dowden
and Reynolds that the thin oxide film on the surfacs,
which is of the ordar 20—50 A in the case of Cu exposed
to air at TOOom temperature, takes no part in the catalysis
and is transparent to electrons, i.e. the catalysis being
controlled completely by the nature of the underlying metel.
Relatively little 1nvestigation has been carried out or
the mechanism of catalysis of H;0s solutions by oxides. The
Mn03>H303 aystém was studied by Broughton g&_g;:f who held
that:the solubility of the Mn(OH)é governed the decomposition
of HpOp. The following mechanism was suggested:
MnOg + HaOz + 280 ——> M+ OHa0  + 03 cuveeces (33
Me'T + 2H404 > Mn(OH)y + 2B s e R
11 (0H )g + Hp0g — Mnoa 2Hg 0 o i are S R RERD
However Broughton gx_gl,, were unable to find pa“el al
ﬁunfirmation of this effect on a cobalt oxide/beroxlde qystem
Voltz and wGller, in a recent investigation of chromia
and chromia alumina oxides on Hp0y solutions, showed that the
catalytic acitivity was related to the surface oxidation
gtate, The catalysts were pretreatad at 800 ln Hz or Op
and the oxidised catalysts were fpund to be six tb elght
times more acfive. _ | .
Earlier, a major contribution to the understanding of
heterogeneous catalysis and also to the enhancement of the
knowledge of the solid state, was made by Garner; Grey and
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S‘tonafs Théy showed that oxygen was adsorbed on Cuz0 in
an‘active'form, considered to be either 0' or Oy ' ions, A
feature of thls work was the attention which it drew to
the relqvance of the defect structures of the oxide, 1l.e.
the oxide as a semi-conductor, to its catalytic action.

'The more active semi-econducting oxide catalysts are
the p-type oxides, l.e. where the electronic conductivity
in the s011d state is due to positive holes in the erystal
'lattice.

Not quite so active, in terms of catalytic activiiy,
is the other type of semi-conducting oxide; viz., the normal
or n-type. In this type the glectronlc conductivity is due
to the movement of free or excess electrons inside the crystal
A very recent investigation by w@ir46 on the decomposition
of dilute HgOp solutions by the p-type semi-conducting coxide
Cupl in . a flow system confirme the above postulation by
Garner gt al. From a kinetic study of the Cu23/H302 gystem,

Weir proposes that the catalysis is represented Dby:

0' + Hg0y ~——> 03 + HR0
| 9000400(36)

RaTTLE | AT, e, Sl S T T

i.e. that the surface concentration of the free radical ions
0" or O3 was responsible for catalysis. Weir referred

briefly to electrode potentials on Cugz0 in HzOg solutions




and showed that the electrode potential, whieh he inter-
preted as an indication of the surface activity of adsorbed
oxygen in the free radical state, was sensitively related to
the efficiency of the catalyst.

Studies of elqctrodep in Hz0z solutions have beeﬁ the

subject of several important reports which will now be

considered.
Ele chem St C e
(1) General.

Various considerations, particularly the apparsnt
sinilarity between the anodic evolution of oxygen from
aqueous solution at a metal or metal oxide electrode and
the evolution of oxygen from HzOp solutions at metal or
metal oxide surfaces, suggest an electrbchemical study,

The factsthat the electrode potentials are controlled
by the Hp0z during catalysis (and not by the chemical nature
of the catalyst) aﬁd that the rate of decomposition is
senéitively dependent on currents at the electrode support
such an approach.

As indicated below, several investigations have been
made along such lines, but, with one exception, little use
has been made of recently available techniques for detailed
investigation of the electrode reactions considering
catalyels to involve a flow of electrons to and f'ro betwesn

the metal and the HypO0p or Hp0z derived species which are at
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equilibrium potentials
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fta

& singles electrode reaction jJust &3 in the case of a metal
in a solution of 1ts ions.

For such a reaction, e.g.

LA iy L
bB“"‘ na‘:“)‘c{: (}2!:.6’.-22 00 ® 50 uvo e s (37)

the equilibrium potential may best, for the purpose of this
thesis, be considered kinetically as the balance between
a cathodlec process, where electrons leave the metal and
pass into the soclution phase molectiles and an anodic when

, &7
this process is revarsed. Fome aspects of Parson 's general
trcatment of electrode processes may be followed here. Tha

result of the reversible electrods potential of equation (37)

T .
is given by: - BT QCC(._.G_..?.)
E=§ - & 1n CLD : R
(Buropean Convention ) £
end in the case of
OH + @ —>> OF ' | oo as s (SO0
the potential would be given by:-
RT - .
E=E0 ‘ranOH 0000000(4_0)

Displacement of ths reversible potential valye would
produce a change in the equilibrium’concehtrgtione of thae

species on aminear the e;ectréda_éurfgce, and reaction would



occur, the rate of reaction depending to some extent on

the displacement of the equilibrium value and also to some
extent on such factors as diffusion of reactants and

products in the vicinity of the eleetrode, or possibly on

the relatively slow reaction of intermediately formed
species. Consequently a study of the eleetrode equilibrium
potentials of silver in aqueous Hz0z solutions and subsequent
displacement of these reversible potential values may

yield interesting details of the complex reaction mechanism
involved.

(11 ) Study of electrodes in Ha0a solutions.

The earliest known observation on electrodes in Hy04
solutions was made by Thﬁhard:' in 1830, who observed an
increase of 0z evolution on passing a small current at a
Pt electrode. Further limited studies on the electrolysis
of Ha0p were made by Schone oy in 1879 and Tanatar®~ in
1903.

An early paper by Bornemann°1~1n 1903 may be
particularly noted. Using Pt and Au electrodes in acid
solutions of HzO0gz, he found a steady electrode potential

value.
330066;‘: 0003 VOltS o eco00s0se0s (41)

(this electrode potential, as are all subsequent potentials
in this thesis, 1s referred to the standard hydrogen
electrode ). This potential was explained by Bornemann in

terms of an oxide equilibrium of the type:




e O

MOLH(s0lid) + Oz + electron—»MOO(solid) + OH ....(42)
the oxide MOz0 being formed by the Ha0gz. However Bornemann
neither varied pH nor [Hz0g].

Later, in 1933, Wolff®?® conducted a systematic
investigation using Pt electrodes and varying the pH of a
HaO0z solution from 1.25 to 11.34. From his results the
following relationship was found:

E=Ey - 0.059 pH v. at 25°C PV NN
vhere By, = 0.80 v. Wolff explained this value of 0.80 v.
in terms of a hydrogen electrode, the hydrogen pressure
bsing controlled by the equilibriums
Hg + 0 «— H30p brws s Pa o bt XANT
However Wolff only worked at one [Hg0z] and was unable to test
this hypothesis.

In 1935, Weiss39 observed the effect of anodic or
cathodic polarisation on the rate of catalysis of HgOp by a
Pt catalyst and found the results obtained supported his
earlier postulation that the initiating step in catalysis at
a metal surface is given by the equation

HgOz + @papay—=O0H + OH  ....cicieeee..0(45)

The first detailed attempt to investigate the Hz03
electrode system at equilibrium was carried out by Berlsa,
in 1943, using alkaline solutions, [KOH] = 0.1 to 11M, where
[(KOH] > [H202] generally. Alkali and Hp0p concentrations
were varied separately and the electrode potential at

equilibrium on a porous carbon electrode, stirred by oxygen



bubbling thrqugh the carbon, was given by the expression:
@ = 0,042 ~ 0.03 logiy Q oy~ % pp; 2at 27% AR T G
This relationship is consistent with the following reaction:
HOg™ + OHT — HgO + 03 + 28  coeceaciecceses(4?)
In 1951, Hickling and w1lson5‘ made a comprehensive
study of the anodic decomposition of Hz0a in alkaline,
neutral and acid solutions at the relatively inert Pt, Au,
Ni and graphite electrodes. They studied the equilibrium
electrode potentials and attributed the results at all
electrodes in alkaline solutions to:

HOg —> 03 + B + 20 Ser et e MR )
which takes place at a low potential, but in acid and
neutral solutions a higher potential 1is required for anodiec
dacomposition and the reaction is then said to oceur through

vhe discharge of an OH radical.

=

OH —-—; OH + e C00000U0D0OaaDOOO O (49)
OH + HgOg __% HOz * Hgo ce0eo00e 000000 (50)
H03+0H _—'"> Hao 2 03 st 000600 0C0ROQCS (51)

The Pt electrodes behave in an anomalous fashion in neutral

and acid solutions and this was explained by the partici-

pation of platinum oxides introducing the electrode reaction:
Pt + 20H™ —> Pt0 + Hg0 + 2e g N
Pt0 + Hg0s —> Pt + Hz0 + Og St SRS
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Hickling and Vilson did not attempt-a detailed
interpretation of the kinptics of the electrode reactions
which théab experiments seem to have made possible. '
Indeed, their discussion seems to rest rather heavily on
measurements of electrode potentials, 1.e. with zerc
current, and on earlier work, particularly by Berle

ot Phe electrode potentials of the Pt énd Au electrodes
Hgog'system were subjected to an even more detailed treat-
ment'by Bockr1s and Oldfield54 in 1955. Using buffers
they vag;ed the pH between 1 and 12.55 while using a
concantfation range of Ha0a betwaen 5 x 107%M and 5M.
Within this range they observed that neither [Hz0z] nor
OXygen pressure nad any effect on the Steady'equilib?ium
potantials recorded.

-

From their results ‘the following expressions wsre

obtained: :
E = 0.835 - 0.059 pH v. at 25°% for Pt . bow SR A
E= 0,842 - 0.059 pH v. at 25 for Au ov 4 wEwbipRIEE

The fact that neither 05 pressure nor [Hz0z] ( and
therétore HOa ) affected the e.n.f. led Bockris and Oldfield
to suggest that the elecfrode reaction is as féllows
..OH (adsorbed) + e —=>0H" . BELERETRRRRNCLD
the OH(ads ) being provided by the dissociative adsorption

of HgOges The small differénces between the E, valges'in.



%5é»é§ﬁéiion was regarded as a measure of the role the
metal plays in modifying this free energy of the radical
by adsorption°

 The most recent contribution to the fleld was made
by Gerischar and Gerigcher in 1956 who studied Pt
'electrodes in a very 11mited [H302] range, viz., 0-0.1H,
varying the pH from 1 to 10.5. They found, for pH< 5, the

expression:

E = 00832 e 00059 PH Ve

. at 2890100 SRS
‘or E = 0,808 ~ 0,059 pH v.

; for two‘different experiments., Correspondingly they found
for PH > 7.8 the respective By Values were 1.372 v. and A
1.442 f. Gerischer and CGerischer potential wsluass ware
obtained instantly on immersicn in HaOs solution, as
oppbsed to Bockris and 0ldfield potential values which wera
obtainad after several hours immersion.

Using thelr statiocnary potential results in
conjunction with current potential studies Gerischer and
Gerischer interpreted the decomposition of HaOp at a Pt
surface as occcurring through a Weiss type electron transier

procass as followss

HgOg * a —'>Oﬂ(ad8) + OH“ 00-00000.0(58}
OH(ads.) + e—> OH ssesssanes (9]
H.O' —'-é 0.- » 28+ + @8 p va o.o csao o.. @ (80 )

0.- '. —903 +° 0000010;00(61)




» TAgébrdiﬁgitq Schﬁmb, Satterr1e1d‘and'wentworth:e the
ﬁyu best metal catalysts for deéomposlng Hz0z are Pb.and
Ag.reapectively. Appreciatihg #he mechanical shortcomings
"of Pb, then the obvious cholce of a metal catalyst in'a
technical decomposer woald Be Ag. Hart | obseérved that
when concentrated Hg0s solutions meet a Ag sdfféce,‘thera
arewthfeé‘stages ;n'the'reaétibn, viz., “
(1) A quiescent period, the duration depending upon the

nature of the Ag surfaée. .
(IT) A period of vigorous catalysis
R i i 4 A périod of noisy ebullient catalyéis, associated with
vapour binding ahd.an elevatsd temparature at the eata=
lyst surface. |
It would Le obviously deSirable that the mechanism of
the processes occurring ét the silver surface under such
conditions sﬁould be understood. |
0f the solid catalysts mentioned in the precseding

- Antroduction Ag differs markedly in that it dissolves to an
appreciable extent during the cataiytic decomposition of Hz0a
The dissociation of the Ag catalyst appears to be linked with
~the catalytic process, raeilitating it perhaps,as comparéd
with less soluble or insoluble_meﬁals like Pt, Au, Wi and
Cu. Thus it would be desirable to observe what role the
.Ag* ion plays in aftecting the following stages of the

" reaction taking place at its surface.




{3 Diffusion of HaO, to the Ag surfaee.
’(2) Adsorption of Ha0p on. +the Ag surface..
(3) Reaction on the surrace.
(4) Desorption of products from the surface.

(5) Diffusion of products from the surface.

The knowledge gleaned from a study of the effect
of [Agf] would be greatly enhanced by the detailed atudy“
of the effeét of small positive or negative currents.
'Hart and Aitke’n68 made some preliminary equilibrium
potential measurements with é solid silver catalyst
immersed in HpO0p solutions in a static system. They obssrved
that above a critical [Hg0z] at acid and neutral pH values;
3aviations from the Boekris and 0ldfie1a’® relationghip, vig.
. E = 0.8 ~ 0,59 pH v, at 25% sescosveo(B2)
occurred, the potential becoming independent of pH. Thay
also obsarved that equilibrium potential valnes wars
-depgndent,om the»condition,of ‘the electrode, especially in
neutral or slightly alkaline solutions: In very acid or
| alknline soiutions the effact was 1ess marked. The two
types of electrode used were:
(a) Silver wire sealed into sode glass, then cleaned
by refluxing with petroleum ether.
(b) Same aS'(a)'with‘additional treatment of violently
etehing in 33M Hga0p.



These different types of catalysts gave different

:rates of evolution of oxygen, neifher type of cata lyst
,however yielding reproducible results.
| Initially the purpose of the ‘prasent investigation
was to obtain a Ag catalyst that would produee consistent
rate values and consistent equilibrium potential measuremant
: Then it was proposed to survey the equilibrium
poteﬁtialsvof<Ag'in HaOa, ranging feom very dilute to very
~vooncehtrated solutions over the entire pH range. It is
obviousfhat in the highly alkaline region the. [Hg0s2] range
‘available for stody is limited as concentrated solutions
will become self~ heating on the immersion of a Ag catalyst.
fThe effect of added {Ag ] on the potential value wcmld
also be observed. h
| A parallel investigation of the reaction kineties of

the system under equilibrium conditions, varying [Ha0a], pH
and [Ag'] was also indicated.

From these experiments, coupled with the knowledgs
obtained from an investigation of the effect of anodic and
“ecathodic polarisation of the catalyst electrode on

(a) equilibrium potential values and

(b) rates of loss of oxygen
varying‘[Ag+], pH and [Ha0s], 1t was hopad to determine the
detailed-meahcnisonf the decompositionh of Hp0g at a solid



"éiiféfhﬁﬁ&réce'and’ta'd@tcfminempfecisﬁli‘ﬁhatwfactors
a#ahdgredudilver so effective. Even although a moderate
*nhﬁbewnof studies had~beeq,gérriéd out on the Ag/ngog
system, most of them had involved colloidal Ag‘catalysts

 and ‘consequently the results and conclusions could not

be extended without reserve to a solid Ag catalyst Hz0;
system. | ' |

/Tt was also propesed, in the 1light of the conflicting
equilibriu’m potential resnlts, of Hart and Aitken on

Ag/HgOg and of Brockris and 0ldfield on the P?/Hzoz systgm,
to conduct an examination of the equilibrium potentials of
Pt in Hga0p solution over a wide concentration ragge.

Over the last 80 years most invaestigators have agreed
that the decomposition of Hp0Op must involve the OH or Oy H
radicals either in the free state, adsorbed at surfaces or
combined in complex 1ons;

Inveétigation of the detailed reactions of the
radicals, when adsorbed at surfaces, 1s usually difficult
and rests on kinetic evidence, usually of an indirect nature.
This is the case for enzyme or complexed iron catalysts
where the process is usually explained as fifst-involving the

exchange.
0.H
IX
+ HgpOp """‘>‘:F9 }/ + Ha0 ..o 63 )
™~ on




‘ﬁﬁattcmpt wus made by Graham to examine thn role of the

fIh'an aarlier favestigation 1n this Zaboratory an

| cxchgngo with anion exchange—resins. Graham showad that

the resin surface could be largely coverad with OaH

.\R* -OB +Hg°a\"""a -Ozﬁ +H80 t4as ess0c0eseanscn (64)

with the eguilibrium constant for this exchange of 380,
‘and that catalysis was governed by the kinetic equation
rate = k19 (Ha021 at high (Hgog]
’ = kge at low [HgOg]
which 1ndicated the importance of the adsorbed HOp .

As a development of this 1t seemed 1ntarest1ng to study
the reported slow decomposition of the eolid sodium perborate.
It seemed from ‘the work of Ménzel and Partington and
-?athallah that this compound contained in the crystal
state the peroxide in the form of a complexion containing
tvo boroh atoﬁs and Hoz groups, 1.2, the dimeric ion

HOO

=
0 ooH |
TR e e g

and in solution

Study of these rolatively stable "anchored" HOz groups
was a possible sonrce of . 1nformation on the behaviour of
the same typc of adsorbed specles at more active metal

' oxide,catalysts. Thus, while the primary objeect in the
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BAFERIMENTAL

1. Introduction.
The objeet of the experiments was to elucidate the

conditions at & catalysing silver surface in agueous HpOg
solutibns by means of current-potential and equilibrium
potential measurements and to relate the rate of catalysis
to the electrode potential, the nature of the electrode
surface, the rate of corrosion of the metal, and the nature
of the solution.

The experiments are described under these main
headings, viz: equilibrium potentials; rate of decoﬁposition;
eurrent flow.

The silver electrode used eventually in all cases was
a thick silver wire, but other forms were tested. ng
pretreatment of the metal was found tc be important and many
axpsriments were carried out before a satisfactory annealing
procedure was found which ga#e satisfactory reproducibility.
These expediments are described. '

2. Materisls.

(1 ) Hydrogen Peroxide.
36% m.m. unstabilised high test peroxide waz obtained

from Laporte Chemicals Ltd., in polythene containers, in
which the material was kept until required. Confirmation as
to the purity of this psroxide was obtained when it was
observed that sil#er catalysed decomposition measurements on

several redistilled batches gave results identical with those



v g 4 ‘?‘w

i oxide’ as é&ei@%ﬂ. A céréfui'ch@ck»was made on
e J@Mﬁ“&&tﬁ *on arrival to test for the presence of any

PR tré@? bf'unintended stabiliser, e.g. sbblﬁbwkﬁ&nnate.which,

AR A%

over 1n small " traces, seriously'iffécféﬁira%é'ﬁeh&&§eﬁent.
o ”W““mSolutions for use were obtained by dilution of the
ﬁwﬁjggy“ﬁﬁroxide and concentrations were determined by
aﬂwhéfg?htfbn against standard KMnO,. “The pH values were
. &ﬂﬁﬁ&ﬁﬁd by'th additlon “of ‘calenlated’ amdunts of SOlutions
Cor Astay Waod ‘or HblOg and cﬂecked by 4 pﬁ'meter previously
W dd11brated for u’he i, 0 o Tita one )" by -She e tHd o bt
7 1"“’”‘hrﬁ!"%‘c“m‘l)tihx'“arx # ‘or Wyhne-Tones and Mitchell.' The ionic
9% strength of the solutions was controlled by the addition of
Na010£f This reagent could not be obtained commercially
“Uddite free from ohloride and several reér&stallisations had
" %d 'be carried out from redistilled water until the chloride
Twas removed. It may be noted in respect of the use of Nac;m
‘that the mobilities of the Ma' and C104 ' ions alter on]y :
éiightl over ‘the ‘entire rangé of Ha0p-H,0 compositions
1(W’ynné‘-ﬁ'ones Aoy et |
YY) Catalysts:

HLUY e silver and platinum catalysts used in the sub-
ﬁﬁ}t%Queﬁt méasurémehts were obtained frdm Johnson, Matthey
Hrand €o. In’ %he ‘form ‘of QSS.W G. ' These wires had been
ﬁmﬁeﬁ%fﬁ&éd“frbm“spéctrdscbpically“staﬁ&ardisad'rods céhtaining

a¥ %hﬁ“fﬁTidﬁiﬁﬁ”ﬁ&xiﬁ&ﬁﬁfmﬁu?ifies in parts’ per nillion
(MG Crg 83 PR, 1y CA,13°Ca, L1, Mi and Mg all<1.

cgbhadnod .
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Pretreatment of Catalysts.
Background to the work.

During preliminary electrode potential measurements on

a catalysing silver elesctrode in aqueous Hz0p solutions it
was evident that the steady or equilibrium potential value
of the silver slectrode was dependent on the condition of
the catalyst. In those experiments the electrodes

employed were either ''inert", i.e. polished as extruded and
left in air, or "active'', 1.e. silver wires etched by
immersion in a concentrated HzOp solution. These electrodes
were sealed into lengths of drawn soda glass tubing using a
hot flame.

Differences of 0,05 to 0.1lv in the steady potential
values of the two typés of electrodes were found in aqueous
Hz02 solutions over the entire pH range and variations up to
* 0.05v in thée steady potential values of different types
of inert electrodes were also recorded. No consistency
between detalled treatment and the potential was obtained
except that an "inert" electrode was less stable
than & thoroughly activated one.

Al during initiel studles of evolution of
oxygen from agqueous HgOp solutions at & silver surface,
large differences in rates were observed, even when
the silver wire catalysts were taken from the same 101l
of wire and cleaned andfor etched in the seme fashion.
Indeed quite often a three-fold renge in values was

obtained.
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The conclusion drawn at that stage was that the flame
employed during the sealing of the silver wire catalysts into
the glass was causing the formation of active zones in the
different catalysts. However, it was shown that this could
not be the complete answer when inconsistent rate and
potential values were obtained from an annealed'siivgr ring
catalyst screwed on to a stailnless steel shaft coverad
by a teflon holder, because, with this type of catalyst,
nc .gealing process was required.

In an attempt to eliminate heterogenesity, several
catalysts,after being sealed into glass,were immersed in a
334 Hy0, solution for 1 minute. The violent evolution of
oxygen and considerable eteching which occurred were
considered likely to impart equal degrees of hetarogensity
to the surface of the catalyst. However, no better
agreement in potential or rate values wWere obtained.

A low temperature surface annealing process was then
attemptsd. The catalysts, after sealing in glass, were
placed in alundum combustion boats which were inserted in an
impervious aluminous porcelain tubs in a tubular muffle
furnaca. The catalysts were heated to 200°C, held at that
temperature for 1 hour, then allowed to cool. During the

entire process the catalysts were held in ah atmosphere of
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nitrogen or oxygen, which was passed continuously  through

the tube, and after removal from the furnace ﬁhe catalysts
ware stored in a pure atmosphere of Ny or Oa in air-tight

containers. Experiments wi th these catalysts showed that
no good agreement in results had been yet attained.

Finally a high temperature, bulk annealing process,
at 500°% was employed, the general procedure being the same
as above, and it was then discovered that all anomalies
. were eliminated and both repro§ucib1é.rate and potential
measurements wers obtained.

The Pt electrodes were treated in. the same fashion.

3. Egu 1ibrium Potantial lMeasurements.
Apparatus.

(1) Cell ayranzement.

The apparatus was shown in Figolo. The peroxide solution
was contained in- a cell with two limbs. One limb contained
the electrode and connected to this limb was a side arm
through which Nz could be passed for stirring purpeses.

The other 1imb, separated from the first by a G.4 porous
sinter to minimise mixing by diffusion, was used to connect
the cell via an aga%/éaturated NH4NO3 salt bridge to a
saturated calomel helf cell. Preliminary experiments
utilised a H§/Hg0 [EﬁaOH] = O{E] half cell to ensure

exclusion of chloride ions, but the above cell arrangement
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appeared to ensure this with the use of the more convenient
gsaturated calomel reference electrode.

For measurements at 25° + 0.1C° the apparatus was
placad in a thermostatically controlled water bath

(11) Electrical apparatus.

The e.m.f.'s were measured with a Muirhead 4-figure
potentiometer in conjunction with either a Cambridge
unipivot galvanometer, or a Cossor cathode ray oscilloscope
and preamplifier, as a null point indicator. The oscillo~
scope method was used to obtain measurements quickly, e.g.
immediately after immersion.

(111) pH of Ha0a solutions.

For pH values up to 10.5 pH measurements were mada
with an Alki glass electrode in conjunction with a
saturated calomel half cell. The pH reading obtained was
corrected for the effect of the Hz0z on the asymmetry
potential of the glass electrode from a calibration curve
construetad by the author from HCl04/Ha0a and NaOﬁ/Hzoa
mixtures according to the method of Hart and von Dohren
and Wynne-Jones ahd Mitch3116?

In the pH range 4-10 reliance was placed upon the
measured pH value, but in the more acid ané more alkaline
solutions the pH was calculated, as well as the concentration
of Hz0z and HOg' in the sclutions. On the alkaline side the

H20p buffer equation was used:
pd = pK - pﬂog- + pHgOg' Wemedaassiosensss ale e B



vhere pK = - logi¢K = 11.55; K belng the dissociation
constant of Hg0gzo The value of K was taken f{rom Joynero‘
in 1912, viz., 2.4 x 1072 at 25°C. pHO, and pH0 are
the negative logarithms of the activities of the species.
The calculations have been simplified by:-

(a ) Using concentrations. However allowances were made

for the errors this introduced by assuming fOzE- = fOH-

in solutions of equal ionic strength.
(b) By assuming
(1) when [NaOH] exceeds [Hz0z added]
D P R S VI SN R I
and pd = 14 - pOH Wl DO u LT e
whare pOH = logio ([NaOH] - [H,03 added])........(e8)
(2) where [H,0, added] exceeds[NaOH]

pHOau = - logxo [NQOHJ 000000-00(69)
and pHaO0a = = logio ([Hz0, added] ~ [NaOH]) ..coc...(70)
(iv) Experimental technigue.

The solution under test,with an ionic strength of
0,05, was placed in the cell in the thermostat. The
electrode, which had been previously connected to the
potentiometer etc. was then inserted and the e.m.f. of
the assembly measured immediately and fof SOme time after-
vards.

It was discovered that stirring was not generally

required as the oxygen evolved from the electrode proved



.:'#h qfféctive stirrer. However'the nitrdégn-was‘amployeq
to_ggéep the.apparatus clear of air when Qork was being
carried out at the critical pH = 6 zone where CO; would
affect the pH bf Ehe solution, . This procedure was
repeated for different values 6f the following parameterss:-

(a)‘ [HgOzl, (b) pH, (ec) [Ag+] in the bulk solution,

(d) temperature. | | |
Variatlon of the lonic strength did not affect the
measured potential values.

§gg;11bxxgg Pgtgntia;g on a Pt ggtglz st in Ha0a.

i A similar set of exporiments on the equilibrium
potential values of a Pt electrode were conducted at 25°%C,
vérying (ad and (bl

MWWMMW
ggn—cagg;gsl s ;n Hzoa. )

I Ay [He02], 1.5M, at pH = 3,00, the equilibrium.
potentials of Ag; Pt, Fe, Cu, Ni, Al and Sn were found by
the above hethod for purposes 6f comparison.
4, B;;g Studles B
| ‘A series of measurements was made on the rate of
oxygen evelution at a SIIVe; electrode under conditions of
‘steady potential to see. how this Qas related £§ [H@d;j,
| [Ag+], and pH, ‘When these measurements were made the

potential behaviour of the metal in the given solution had
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considered to represent the absolute amount of oxygen
-~ @volved at the temperature and pressure of the tube.
The volumes were corrected to N.T.P. The procedure was
as followss~

400 ml. of the test solution was placed in the reaction
vessel which in turn, was inserted in the thermostat at the
reaction tgmperature and allowed to attain equilibrium conditioms.
The flow meter apparatus was cleaned and washed with a dilute
soap solution.

The catalyst; in the form of a small length of
28 S.W.G. silver wire sealed 1nﬁo a drawn soda glass tube,
then anneéled, was immersed in the solution.

Rates of gas evolution were recorded every half minute
until a steady rate of cabtalysls was attained. The pH
was again checked to see whether dissolution of Ag had
appreciably altered the pH (2ag + Hz05 = 2ag™ + 20H )
Generally the change in pH was kept small of the order of
0,01 pH units this being accomplished by limiting the size
of the catalyst in accord with the volume of Hz0, employed
during the experimsent.

The surface arsa of the catalyst exposed to the Hz0,
solution was generally within the range 2 x 1072 to 8.5 x 10"%em”

Some preliﬁinary rate measurements were carried out
on the effect of ionic strength of the rate of décomposition,
the electrolyte used was NaClO0;- Tabie I éhows the rasults.
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Table X
. : 0 j ‘3 008“ i ; m = 4!0!! '
: Nacloil GMOEOIO l'itr'é-l ' Rate .of cata!:{sis
: ; it : ‘ ‘ m-,?o 03 mino .
0,00 o 1.02 x 107°
0,01 . | 1.00 x 2077
b‘,ps : Of 92 X 10-8;
0.10 0.7 x 10°°
1.00 0.24 x 10"

In conjunction with the preliminary experiments conducted
in the following experimental section, an ionic strength
of 0.651was\selé¢ted for the rate measurements.  From the
abové results it is seen that for an 1onic'strength of 0,05
thqfe was about 10% reduction in the rate of cétalysis of Hp04,
above this value the rate of catalysis was guite sharply
dimihishodp This agrees with tﬁe observations by Wynne—Joneszz
on.thp.etrect of nacio‘ on the rate of decoﬁposition with
ferric perchlorate catalyst.

Exporihnnts were conducted varying (a) [Hgo;], (b) pH,
(c) temperature and (d) [Ag'] in the bulk solution.
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Se Pasgage-og Small Currents at Catalyvsineg Silver Elecltrodses.
{1) Cell Arrangement.
The apparatus shown in Fig.3 consisted of two limbs.

The larger limb had three necks,; one holding the silver
slectrode, one connected to an agar/ NaCl0, salt bridge
terminating in a Luggin capillary about O.é mm, from the
surface of the Ag catalyst. The ptbér neck led to the
‘soap film flow meter. Provision was also made for stirring
with Ng if required.

The smaller 1imb contained the Pt electrode and was
connacted %o the larger limb via a G.4 sinter in order to
prevent any escape of oxygen into the wrong limb. The half
cell émployed, connected by the salt bridge to the peroxide
solution, was.of the saturated calomel type.

The Ag and Pt electrodes were prepared by sealing
28 S.W.G. wires into glass and annealing at 500°C in the
manner described above.

(11 ) Blectrical Apparatuse

Constant currenté were drawn frqm a 120v., Drydex H.T.
dry battery supply through a resistance selector, which’
contained resistances ranging from 10° ohms. to 10° ohms.
The currents were rgad on a Sangamo Weston d.c. milliammeter.

(1i1 ) Procedure.
The solution under test was placed in the raactiéhj

vassel which wasg inserted in the controlled water bath at 85
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+ .1C® and allowed to attain equilibrium conditions.

The Ag catalyst was then inserted. When équilibrium
conditions had bsen attained i.e. steady rate of evolution
of oxygen and steédy 8.m.To vélué, these values were
recorded.

With the Ag slectrode connected to the positive
terminal of the battery, i.e. making Ag the anode, a small
posifive current was passed.and the corresponding steady rate
and e.m.f. values were noted. .Progressivalx. larger currents
ware subsequently passed, and the rate and e.m.f. for each
gurrent determined. The range of current densities used

-3 B . =2
was 1 x 10 ~ to 1 x 10 m A. €.

On removal of the
current the e.m.f. of the eell always:returned rapidly to the
original 'no current' steady value.

The same procadurs was then repeated with the Ag
alactrode connected to the negative terminal of the battery
1.0, a series of sﬁall negative currents were passed; and
their corresponding steady rates and e.m.f. 's obtained.

A preliminary set of experiments were condueted varying
the ionic strength of the scolution from 0,01 to 1.00.

The results are shown in ?ablé.II-for one particular [Hz0z]

and pH.
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[Ha02] = 0.8M pH = 4,00
E.-M.Fo at wvarious current

Ionic Strength

s i densities (m A.cm.™% ).
0 1x 1072 1x10t
0,01 : 0.6040 0.5892 0.5488
0.05 0.6030 0.6021 0,5980
0,10 0,6034 0. 6022 0.5997
1.00 0,6042 0.6036 0,8002
B

In the subsequent experiments an ionic strength of
0.05 was nsed in the Hp0p solutions under test, as it is
apparent from these results that this successfully eliminated any
ir potential in the solution gap between the electrode surface

and the ILuggin capillary during the passage of small currents.

It was observed, on removal of an Ag catalyst from H,0,
solutions of concentrations greatser than 1 Molar that there were
macroscopic variations in the appearance of the surface of the
Ago Two different types of areas wers discernable, these

areas being adjacent to sach other and between them,completely

covering the sntire surface. One type of area was verv
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h&ﬁhlxlpblisbod'and smooth whils the other consisted of
brown diaeoloured etched patches. The former type of
area was more deeply pitted than the latter.

4 This type of different1ation of electrode surface is.
not uncommon in the field of electro-polisbing, the highly
poliahad~areas corresponding to thin anodic oxide films and
the etched areas corrésponding to the cathodic metal. - |
‘This has been reported by Hoar. .

‘ The following axpariment was conducted to investigate

thésbﬁdifrbring'areas on.the;surféce of a silﬁef cétalyst with

a v;aw tb detepmining whether or not thqse.adjacent areas

“ Were ancdie’and cathodie to each other.

| Ag"pgxggng and Procsdura.

\ The apbaratus consisted of a reactlion vessel with thrse

necks, two to incorporate electrodes and the other for

evolution‘of oxXygen. The electrodes consistéd of Ag wifes,‘

e - ém,.leﬁgth of 28 8.W.G., sealed into soda glass. Oﬁe

electrode was treated by etching for one minute in 33M Ha0,.

The other éieétfode'was first reduced in a muffle surface,

by hea;ing in Hz at 250°C then anodised to a layer of Agg0

: abouf 246A° thick in N.NaOH by passing 1p A for SQ minutes.

The ealculation is as rollows:- ’ |
Q=1 xt=1x 10. % ‘30 x 60 coulombs

= 1.8 x 10™° coulombs.
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i ({" ) L /5 W 1)
_. o 1.8 x 10 o couicmbs deposit 2.16 x 16“ gms AgaOo
tht A L ; F L ]

Donsity of Aégo = 7,27 gm. c.c.'

&mjggiﬁme dOPOsited = 2.96 x 10 c.c.‘
Gy exeepy Lo . | _’, g
: Area of electrode 1.2 x 10 ,
ﬂiva%a@& Wy

Thickness of Agao film = 2. 46 x 10

1*2 tnietbﬁuv' Vil o (se)
ngth of unit call of Agao = 4072 X 10 CMe

coulombs daposit 116 gms. Aggo.

4wn = i
!‘ ﬁ of layers = 50 (approx.)

FERy 1
WThgapqtuo qlgctrodes were 1nserted ina 3M Hy0p solution in
,the reaction: vqssel and connected via a Weston d.c.

' miqagqmmeﬁqruf xBeadings commenced immediately and continued
}fogfsqmg'ttme—artenuards. . The oxide film elsctrode was
'pbsitivo. It was observad. that most of the oxygen evolved

was from the cathode.
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RESULTS

1. Equilibrium Potentials.
(a) Silver electrode equilibrium potentials.
The measured a.m.f.'s refer to the cell

salt
Ag|Ha0, 0.05M NaCl0, lbndg, satd. KC1.HgCl|Hg .......A

and except in the most alkaline solutions the silver
electrode was the positive one. The e.m.f's were recorded
in the conventional manner, as referred to the standard
hydrogen electrode, viz:

PtHa(pHz = 1 atm. & g+ =1
Thus cell A was combined with cell B:

PtH,\QH+ = 1||sata. Xc1.HgC2 ‘ Ag" b e
which has an e;m.f. of 0.242 v. at 25°C with the signs as

indicated, to give cell C.

|
Ag HgOg SOJIln‘iGH."sl ngt .........-C

the e.m.f's of which were referred to as the electrode
potentials at the silver electrode.

In all cases it was found that silver was the positive
electrode in cell C. In the above representation of the
cells the double line denotes the elimination of liquid
junction potentials between the Hz0z solution and the
reference half cell. The salt bridge 1s assumed to have
effected this.

(b) Reproducibility, effect of time and stirring.

An annealed silver electrode in Hg0p solutions gave an

easily established, well defined steady potential value within



two or three minutes of immersion. This value was

reproducible to within 0.0lv. A typical result is shown

in Fig.4. Under these cbnditions steady‘gas e velution

took place in all but very dilute solutions and this provided

stirring; < further stirring by bubbling Nz through the

solution did not change the potential. The initial

"settling down" period depended to a certain extent on

such variables as [Hz0z], pH and EAg+ bulk].
‘(c))_lg_x_'_ita_tiongije.'m.f,wth H and [Ha0o1.

The eaquilibrium potential results are graphed in

Figs. 5 and 6. Fig. & shows the results obtained in the
alkaline region, pH 11-14, and it is clear from t he graph
that the e.m.f. was sensitive to Ha0a in this region. The
results obeyed

E = 0,91 -~ 0,069 pH = 0.08 logio {H202).: ciceonnesn.{?71)
as was shown from the plot of E + 0.03 loggg [(Ho02] against
pH. The maximum [Ha0z] used in this region was 1l.6M.

~Fig.8 shows a much sharper potential change with pH,
for the pH region 11 to about 8:.5. From pHB.5«5.5 for
very dilute H,0, solutions and from sabout pH7-1 four very
high [Hz02]'s there was a virtually pH indeéendent zZone.
Here the potential was very strongly dependent on [Hz0a],
moving to a more positive or more highly oxidised value with
increase in ' [Hz03] of solutions. It is to be observed

however that, even with very concentrated Hz0, solutions, the
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potential never attalned that value corresponding to the
Ag/AgzO°0H‘ equilibrium in aqueous solution. That
relationship 1s given by

E=1.15 - 0.059 pH v. at 25 (Latimeroo) Sek (78]
At pH values<5.5 the potential/ pH relationship 1s given
by the expression:~ .

B = 0.85 - 0,060 pH v. at 88%.  ..ccecivesraneesl(?73)
this relationship only existing if the [Hz05] was below a
certain value dependent on pH value. '

(d) Variation of e.m.f. with [Ag 1.

Fig. 7 shows the effect of adding silver ion; in the
form of AgNOaz, to hydrogen peroxide solutions at pH's 3.3, 5.2,
and 9.25.

Small additions of Ag affected the measured potential
only slightly, changing i1t to a more positive value, but
above a certain 1limit the effect was much more marked and the
potential then became controlled by‘the silver electrode
reaction.

Ag — Ag+ + e
whose potential is related approximately to [Ag*] by
E= 0,799 + 0.059 logio[AgT] v. at 25%C. ......(74)

From this equation one can calculate the [Ag+] corresponding'

with The equilibrium potential at the catalyst electrode in

the absence of added Ag+{ and this calculated value must be
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‘tntcnﬁ@ot‘ed'~~as~the [Ag*] at the electrode ourfaco resulting

trOﬁ tha tenc‘oncy of the méetal to pass into solution durihg
tho cdta]ytic action. It 1is noted that 1t 13 this value
of the bulk [Ag"] which must be exceeded before the
elootrode potential is markedly raised: |
| (e) : '
. Experiments were conducted at 256°C and 0°C. The

resixlos at 25% are as shown in Figs. 5 and 8, In Fig. 8
‘, the ré:u]_.ts at 0°C for ‘Q‘.48M'so‘1ution» are shown or it is seen
that fhe ‘"stép"v in results obtained at higher temperatures
was almost eliminated, the relationship between potential and
‘pH being given by
E = 0.8 - 0.054pH CenprasensonsneneliB)
Tne ‘.réte of evolution of oxygen was very much lower at 0°C.
(£) E

An annealed Pt @lectrode gave a steady potential value,

reproduc‘.lble to + 0. 02v. after approximately 10 15 minutes in
solution. Stirring was found to be hecessary to prevent

driftay | % | |
: ‘!’he results are shown in Fig.9, for a [HaO0p] range
rrom 3‘2 10 Ko L £0.33M, 2 nd over a pH range from 0-9.5.

Genorally tbe foatures are the same as those obtained on
sﬂnr but the "step is.less pronounced and the rate of

ovomtion of mgen is much less.
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ﬂ.  In the PH range 0-6.5, the following [Ha0s]

indopendent relationship was found ;
'  E = 0,84 - 0.0500H v. 8t 25%C  ouvecarncnsass(76)
1.0. when the [HgOg] is below a critical value which varies
witn pﬂ
| ‘ In the pH regions 9.7-8.5, for very dilute HpOg, and
8-3, for very concentraggd HgOg solutions, the same type of
"step" in potential values was recorded as was observed with
| Ag electrodas, but with Pt there was still a definite pH
dépendence even 1h this region aspecially with dilute Hz04
solutions. 2
(g } Comparison of élegtzggg potentials of metals in HoOa

: The résults of tﬁe équilibrium potential measursments
on thé catalytic metals Ag, Pt, Cu, Au and Ni and those of
the non-catalytic metals Al  and Sn are shown in Table 1

belov.
TABLE 1.
[He0p] =24  pH=3.,00  Temp. = 25%C.
Metal Steady Potential | Remarks.
in volts.
Silver . oJ08 Vigorous Catal&sis.
Platinum W Oy 8T : Moderately rapidly reached
Goxd - 0.67 | Moderately rapidly reached
Copper | . 0.70 Moderately rapidly reached
3 o o SRR 0.7 : Moderately rapidly reached
- NLekeY =1 0.68 8lowly reached
: b LUERRE Slowly reached ey, (5
0.25 : Freshly immersed Sn became
0.44 “'Y blackened sShowing ‘gvidenec § o
of impurities in this case.]




From the above results it 15 apparent that any
catalytic metal, although differing greatly in catalytie
activity, yielded glectrode potential values of the same
order of magnitude. The truly non-catalytic metals, such
'as Al and Sn did not permit a similar steady potential
valae-to be reaehed but gave unsteady metal-dependent values,

showing that a more reducing condition was being maintained.

2. : Y) lutio Silw

Throughout the rate studios the rate of. decomposition
has been taken as the rate of loss of oxygen from the Hp0p
whereas in fact:

L -d[§%83} @ P+ rg

where ry = dog/dt i.e. rate of evolution of oxygen and
ra = rAg, the rate of solution of silver. This point

will be discussed later, but for the present one may note

that vy > ra in all cases met with in this work. For this

. Teason rp has been ignored when considering the rate of

decomposition or have tegarded r; as a sufficient measure of
2 g Gl |
(a) Reproducibility, effect of stirping, routes to
i b e 59

Steady rato'measorhmonts:on silver catalysts annealed
in a pure atmosphers at S00°%C, etoa, then immersed in Hz0g
solutions, showed an excellent degree of reproducibiliﬁq and
goncrally stirring had no effect on the rate of catalysfs,
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ute solutions, as the evolvsd oqygan
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s ;peared 5 act as effective stirring agents.

Ganerally 20-30 minutes elapsed gince the momant

e e e 3

o;t imﬁersion to the commencement of a steady rate of il
catalysis, although with higher [HgOg]'s and at highly aeid

“,bﬂ q., this period was reduced to 5-10 minutes.
sk s HH - &
' A atriking feature of this series of measurements

.5'-“? 4
zﬁsg-'

ms ffilu&tzrated by Fig. 11, which shows the various routes by !

A e o 4 W iy B 2 i Foak

wbieh tbe steady state was attained. It may again be
empWisqﬂ here that catalyst siza and H,0, volume were
q‘pnt;;gllgld such that there was only a nagligibla change in

et e S

the pH valﬁe,; of the solution, even under fairly corrosive

! conditions, i.6. high [HgO3] and low pH 'values.

From Fig.ll it is obssrved that four possible routes |
toe quilibr:lum conditions were detected. These are

enmnerated as follows
(1) Route At~ here the initial rate value gradually

i

increased a.to the steady rate value. This was

S R P AR e s e g S T

observed generally for Hzoa solutions of

- ot i s e ity it

concentrations <3M and pH<7.

(14) Route B:-. the initial rate value gradually |

WL 4
W -unyu».—w.-s nnq\tw-rw\-—\N o-...‘.,..‘ v

e 1y 87 l}&cr g@gl N the 8§ead,.y.mrate.% This was observed

AIKV\‘

A for [n,o.} > o.eM and pH>T.
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ﬁ(iifi‘noh$e C:+ the initial rate increased for ' ﬁ%

‘& period, then gradually decreased again to
. & steady value which was of the same order
of magnitude as the initial value. This
‘:particularly occurred at pH = 3 for Hy0p

conqantrations-betwoen 0.2M and. IM.

(iv) 'Route D:-'The initial rate decreased for a
t;mé then recovered to a steady value =~ the
‘same relationship holding between initial
and steady values as in (111) above. This
type happened barticula:ly at pH4-8 for [Hp03]
= aM. '

(b) Qgggg dence of rate_on ]Hggal

It was observed that above a certain concentration

of HgOa in the medium acid rangs of pH values (4,5,8) the
rate of 02 evolution was independent of [Hz03] i.e. the
kinetic order of the process was zero: In both more acid
and more alkaline solutions zerc order range was not
reachad; At lowér [Hg02]in all solutions a very clear second
order dependence on [Hg0a] was found. There was no range

of first order dependenca. This is shown in Fig.10 where

the rate of oxygen evolntion is plotted against [HaOg]
for sz 3 to 8.




(¢) Yariation of rate of catalysis with pH..

Fig. 12 shows the effect of varying the.[H+] of a
1.6M Ha0g5 solution on the corresponding steady.rate of
catalysis. The maximum rate was at a pH of approximately
4, and a minimum rate occurred at pH = 8 (approx. ).

It ie éeen that there was a.very sharp rise in rate
of catalysis 15 changing from pH3 to 4, the réta'heing
actually trebled.. After the maximum at pH = 4 a relatively
slow, almost linear, decliﬁe occurred until the minimum value
at pH = 8,. the rate value then only belng i’of that'at
pH = 4. After pH = 8 an inerease in rate occurrsed and was
of the same order as the decline immediately preceding 1it.

(d) Bffect _of temperaturg on rate of catalysis.

The effect of temperature on the rate of catalysis
in the zero order rangé js seen in Fig.l1l3 (for a 4M solution
at pH4 ) vhere from an Arrhenius type plot of log;u(rate%/{/&,
i

the energy of activation was calculated to be 19.5 keal.mol.

The temperature rénge covéred was 10-25°C.

(e ) ELE of [Ag' ) on rate of ecata .

Fig.14 shows the efféct of added Ag” in the solution
in the form of AglNOg, on the steady rates of catalysis at
pH's 2,3, and 4. For pH's 3 and 4 it is observed that on
very small additions of Ag+, sharp depfessions in rates
occurred. As the EAg+]'was inereased the rate more slowly

declined to an almost steady limiting rate valué.
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At pH = 2 the e¢ffect of a continued addition of Ag+
after a critical [Ag+] was exceaded there was an increase
ir the rate of catalysis.

Generally, during catalysis of Hg0g by a solid silver
catalyst, large oxygen bubbles are gvolved from the catalyst
surface, i.e. aggregates of many much smaller bubbles.
However at pH = 2 when the increase in rate occurred, the
mode of oxygen evolution changed and instead of single largs
spheres evolve, many tiny bubbles were very rapldly evolved.

The reason for investigating the effect of added
(ag¥]'s to bulk solutions of acid and not alkaline Hp0p
soluti&ns was that at pH = 6 and above homogeneous catalysis
set in when [Az"] in the bulk soluticn exceeded 1 x 1072 gm.

R W
mels.litre

3. Effect of current flow on catalytic behaviour of silver

glectrodss.
(a) General.

The effect of small anodic or cathodic currents on the
rate of catalysis at a silver electrode was usually quite
marked. Fig.15 illustrates a typical example using O.9M
HgOg (0.05M in NaClOg ) at pH8. Oxygen evolution is seen
to be sharply increased by quite small anodic‘(ia) current
densities (electrons withdrawn from the metal electrode )

vhile a small suppression of the rate of oxygen evolution is
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effected by small cathodic currents (i, .. Larger i,

cause acceleration of oxygen evolution again. Fig.l6 shows
the effect on the equilibrium electrode potential of small
currents.

This section of the results describes experiments made
with a view to using the measured effects of current flow
on oxygen production, and also on other variables such as
electrode potential and silver dissolution as a means of
securing further evidence about the surface reaction.

(b) Reproducibility of small current behaviour.

On passing a small positive or negative current at a
silver electrode, in dilute aqueous HpOg solutions, the
alectrode potential immediately attained a well defined
value corresponding to the magnitude of the current density
and reporducible to within 0.02 v. Also, for a particular
current density, the rate of evolution of oxygen yielded
a consistently reproducible corresponding valug.

On removal of the current, the electrode potential
immediately recovered 70% of its ériginal "no-current”
equilibrium value and within 2-3 minutes had completely
resumed it. Also the rate of oxygen loss resumed its original
value, but more slowly taking 5-10 minutes to accdmplish this.

These effects illustrate the non-permanent effect of

small anodie or cethodic currents on a silver electrode.



Moreover, when passing a serles of currents, the potential
and rate values corresponding to a particular current
dansity will always be attained whether or not that

particular current is immediately assumed or reached after

several intermediate currents have been passed.

Fig.16 shows the effect of [Hg0z] on the current-potential
curves at pH 4.00 for two solutions of 0.4 and 1.6M respect-
ively. These curves are typical of results obtained in the
pH range studied 1l.e. 2-7.

From the graph it is observed that the [Hz0z] affects
the cathodic polarisation to a much greater extent than
the anodic, although in both cases the potential-current
change 1is greatest in the region of the equilibrium
potential, 4.e. the smallést currants produce the largest
d%/%i decrements or increments.

Fig. 17 shows the effect of pH on the current potential

relationship for a 1.6M Ha0g solution at pH's 4, 5 an 6.
As above the greater effacts take place on the cathodie
side. There appears to be almost no effect in the anodie
regions. Also again the largest d%/hi values take place
in the region of the "no-current" potential value.

When considering figs.16 and 17 one must bear in mind

that the potential - pH relationship given by
E = 0.08 -~ 0,059 pH s TS )
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1s generally not obeyed (¢f. fig.8)

(8 ) Detarmination of exchange currepts.

The exchange current at the electrode is defined as
that corresponding to the equal and opposite velocities of
the anodic and cathodic transformations going on simultaneous~
1y?a When there is no resultant (overall) cathodiec or
anodlc flow of current at the electrode, clearly i, = 0,

i, = ig = i1g wherel, 1s the exchange current and ip is the
resultant or measured current, zero in the equilibrium case,
i.e. when the electrode potential is E'.

Strictly the definition given here ought to be applied
to a single reversible electrode reaction, i.e. the reaction
which controls the electrode potential at equilibrium but in
the present sense in which it 1s being used the application
extenﬁs to a polyelectrode in ﬁhich there may be several
separate anodic and cathodic transformations involving
electrons. Thus we must consider the HgOy process as well
as the Ag/Ag+ process to mention, at this stage, only two
possible processeas.

The totsl anodic currents are thén determined by the
electrode potential, thus

1, = iy exp.(a'n’EE/hT) + io" exp. (a"n"EE/%T) Ho e (77)

whare the primes refer to the different electrode

transformations. This may be put in the form



i, = exp. %g'(a’n' + K+ a™m" +k" + ...00) sssese(78)
where the values of 'k' take account of the differant ig
values assoclated with the different proceéses. k'=1ny,*
etce.
lnig = %%(a'n' +a"n% + 1ng v+ Ing," ceviscnansas(79)
and a graph of log;el against E, when E is well on the
anodic side, should have a slope of gﬁgzia’n' +a"™n"+ ...)
and an intercept at E = E' of (logioly' + logiolio"+ cvee. )o

For the sake of simplicity a'n’ + a"n"+ .cess 18
referred to as any, the resultant values and the sum of the
current terms as logipglg where iz is the resultant exchange
current.

Similarly for cathodle conditions. For the cathodie
process ﬂ is used instead of a as the asymmetry factor.

(e )} Variation of the g;énggge current with pH and HaQOas.
Fig.18 shows the current potential results obtained over the
pH range 2-7 for a 1l.6M HgOz solution at 25°% in the form of
e graph of logiy.C.D. against E.M.F. Intersection of the
extrapolated linear portions of the anodiec and cathodic
controlled regions yields the exchange cufrent value at each
pH. From the graph it is observed that dE/dlni is
independent of pH over the range studied, although there is

a fourfold increase in the exchange current values in passing

from neutral or slightly acid solutions to the highly acid
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conditions at pH = 2.

From fig.18, the Tafel slopes of the anodic and cathodic
regions are found to be 0,080 and 0.120 respectively.

Alsoc in fig.19, which shows a'plot of logio current
density against over potential for a [Hgbz] range of 0.4 to
7.6M at pH6, it is seen that d%/alogggi is unaffected by
[HgOg] although the exchange current values increase
cohsiderably over the concentration range.

(f) The effect of small negative currents on the rate

deco 8 0

Fip.20 shows the results obtained on passing small catho-
dic currents and a silver electrode at pH's 1.8 énd 4.0
respectively in a 0.5M HgOgz solution. These results confirm
tne earllier qualitative result shown in fig.l15 1i.e. immediate
initial suppression of rate and a sdbsequent acceleration as
increasing larger currents are passed. Itiis to be ndted
that the current values corresponding with the minimum rate
values are of the order of magnitude of the exchange cufrent
values at the appropriate pH's i.e. current at minimum rate

value at pH 1.8 3-4 times the corresponding value at pH4.

(g) Effect of added lAg+| on the rate of decomposition
and ec B ] a en s negat cu ts
flowing.

Fig.21 shows the effect of small negative currents on rate

in a 2.45M Hz0, solution at‘pﬂa with Ag+ added to the solutions



Q09

= HE Ly

mwo.,.azo INTWA LNIWNND 39NWHOX3 3HL 40 3ONIANIJ2Q 3HL 6] D14

PR

-t
20

e+.

Q

"ILNILOd ¥3N0

o

Q

F SRS

—_—

<

OIX|

01X

| Q1% |
t

(24D yu) g% oom




1o
-~

0

'Q

.'.X

® pH =400

i [HaOg] = 0-5M.
$ :

& s

3t

5)

O | @

0“ -~ / -——-—\ PH: '.80 e
5 : T

/ = i

Il / =7

r. = -

a / P

o o

3-8 04 06 08

—_ =-1c (mA.Cm“) =——
FI16. 20 THE EFFECT ofF SMALL
CATHODIC CURRENTS ON THE RATE OF
DECOMPOSITION .




RATE (MLS. szc'ilo")

[HeOa]:2.45m pH:3.00 2.0 OB
o ”:o-o MoLS
+)=1 » N
& C/; .[LR’ ’:Ell::: " "
&'\0 /O/l/ e [Aqt hx0’ 0w
N\
\' 0/:/ /o
\\ -,/ o
24 /
(9 =]
e =
\ /
°_ /0
G ¢
l/
i i N
8\ s
.\.__‘ - R Vg
¢ e
Rl Wi els £
i —-ES <

SLER -ic(mA.Cm'z) _—

FiGc. 21.

THE EFFECT OF SMALL NEGATIVE CURRENTS

ON THE

RATE OF CATALYSIS WITH YARIOUS SILVER

ION ADDITIONS




N A

in the form of AgNOz. From the graph we see that in all cases
the rate is initially lowered, then begins to accelerate
again as progressively larger currents are passed.
For [Ag"laggeq =1 x 1072 mols litre there is a sharp

suppression of rate to a minimum value, then an equally
sharp increase after the minimum. However, with [Ag+]addad
=1 x 10 2 1.e. according to fig.7 in the

Ag < Agt + ¢ | AL ale bk s AR A B
controlled region the depression and subsequent acceleration
are much less pronounced.

Also in fig.22, i.e. a graph of %/1ogl°1, for a 1.6M

Ha0z solution at ph4, it is seen that if [Ag'l qqeq =1 x 107°
moli/litre d%/alogloi 1s the same as that for an Hy0p
solution without added silver. However when [Ag¥lagded
= 1 x 10”° where the potential is just beginning to be
controlled by

E = 0.8 + 0,050 Yogro [ABT] 7'/ vecupwisinnsdionl?td
at the larger current densities, i.e. just in the boundary
of the cathodically controlled region, dE /f310g,,1 Pecomes
much smaller and does not tend toward the linear relationship
obtained for solutions with either very little or no added Ag‘*°
This is even more strikingly displayed for the curve corres-

ponding to [Ag*] = 1 x 10" where the electrode

added
potential is definitely controlled by

Ix\g'..'Q_“‘h Ag+e -............--(80)
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as the effect on potential on passing progressively larger
currents has tended to zZero.

4, BExistence of anodic and cathodic areas on the electyode

surface.
The attempt to separate the two types of areas was

partially successful on combining the well etched and the
oxlidised electrode in a 3M Ha045 solution. Fig.23 shows

the results of the experiment. While each electrode may
itselfl have tended towards an equilibrium state, the

oxidised electrode stayed positive to the othér and a small
steady current continued almost indefinitely to flow. The
return current indicated initial electrpchemical raduction
of the oxide as the value fell from 3.5 microamps to a steady
value of 0.4. Such a current in the reverse direction would
form a monolayer in 10 seconds. From a rough estihate of the
fate of solution of Aga0 in peroxide it may be inferred fhat
At most only one tenth of the anode remains covered during .

this experiment.
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DISCUSSION

1. The Eguilib&iﬁm Potentigls.

All poﬁehtially catalytic metals or metal oxide films
on metals, e.g. Pt, Au, Ni, Cu, Pb, Mn, etc., as well as Ag,
give stable eléctrode.potentials with HgOg solutions which,
for a wide pﬁ range, i.e. between pH 1-10, are represented,
at 259, by |

E = Bo ~ 0,059 pH PROSPCPUSNI DI LTS

Eo 1s little, if at all, affected by the nature of the |
catalyst, and has the value, referred to the standard hydrogen
electrode, of 0.83 -~ 0.85 v. At high [(Hz02] this equation
no longer holds. The lowest [Hp03] for which it holds varies

*m, for Cu 10 “m.

with the nature of the metal;for Pt it is 10
Nonmcatalytic metals like Al, Sn, or Zn, give much less
oxidisingApotentials, l.e. more negative Eo values which are
however quite unstable and of no significance as far as the
Hg0z solution is qoncérned. These facts suggest a link between
the catalytic process and the potential determining one.

The basic requirement for a steady potential is, of
course, that thers should be & Teady electron eichange bastween
some solution speéies or surface adsorbed entities, and the
metal 1tself. The above facts would therefore, snpport the
widaely hald view that an electron exchange is a bésic part
of the cétalytic proeess. The metals which do not allow
the process to occur would then ba tﬁoée which form insulating
{protective ) oxide ldyers, while metals which do not form

oxides (Yt or Au) opr those whose oxides are readily dissoived



(Pb, Ag) or sre semiconducting (Ni, Co, Mn) are all varyingly
good catalysts.

The potential dr the metal may be regarded{as determined
by the eleciron concentration maintained At its surfacs by
the determining reactiong e.g.

Ag <> Ag' + e v ke S e RO

In the case of the metal/hetal ion equilibrium, or in
the Haba case, by the cycle of catalytic hrocesseso If we
suppose the cycle to involve one or a series of labile
molecules or ions, e.g. HQ HOp, Oz, etc. we could regard the
slectrode potential as being determined by any one of the
labile specles whose concentration would under steady state
catalytic conditions be held constant by virtue of its belng
an intermedlate in the cyele. |

This is an alternative way of viewing the explanation
of Bockris and Oldfialdbﬁ when they give the potential
controlling reacticn:

OH(S) “f. 3] m—— OH-)(S) c.o.........-...(82)

With.Okoa having & very small value to explain the very

large difference bstween the experimental Eg, (Loes 0.83 v)
and the value expected for Ey for the above reaction. This

&
is glven by 1at1mer° a8 2.0 v (1.0, whencloa= CLOH- =1)
which compares with the Bockris and 01dfield valus of 0,01 v

when.ﬂ.dﬁ-= 1 for platinum in Hy03. The relevant value for



= i 2o

{7‘0H in the whole range of pH covered by Bockris and

01dfield can be calculated to be the constant one of 10“33°3
This very low value 1is explained in passing by Bockris

and 0ldfield as due to the surface absorption of the free

OH; but a difficulty with this explanation 1¢ revealed in

-1

the case of silver. The state of the OH radical at its
lowest free energy content at a silver surface would surely
be a surface anchored OH 1on. No more firmly bound OH could
be envisaged. But the electrode potehtial of ths Ag/AgOH/OH-
electrode, which we may take as being identical with that of
the Ag /AgaO/ OH” electrode, is 0.34 v. whenGgg = 1. Thus
the Hp0z potential is 0.24 v. lower, le. more negative than
this.

Fiz.8 shows that for Ag with inereasing [Ha0g] the
glectrods potentials never quite reach the Ag/AggO value
although thess become more positive at the middle of the
pH range.

We have for these reasons sought a catalytic process
which is anchored to the metal by an electron exchange but
which maintains an elactron,cohcentration independent of the
metal and characteristic of Hy0p and the solution. Such an
explanation is that of Gerischer and Gerlscher55 to which we

have already referred.



Before dealling further with this scheme it will be
profitable to consider the high pH resnlts (>pH10) in which
we have reproduced the findings of Berl58 for carbon electrodes,
and Hickling and Wilsonbg, for platinum, as regards the
dependence of the e.m.f. on pH and [Hg0z]. This 1s seen
clearly in Fig.5. Ve have not tested the finding of Berl
that in this region the oxygen pressure affects the potential
in a manner expscted from the equation.

OH-+H03'.~<-—-> 28 “‘03"’1{30 o--o.-oioooooo.(aa)
1-8‘ E'—'-EQ ‘%’%Hnaoali.‘*%ln poa .0....-00-0(84)

If we accept however that thié reaction does control the
potential in thié pH range we may observe that it may be
linked with a catalytic cycle if it is broken down into the
steps.

HO, ~— HO; + e AR 6

HO, + HO < Hg0 + Oy A el S e SR )

027 <> 05 + e AP PR R A e

with the possibility of a &ide catalytic proeess based on
the interaction of 0,  or HOp with Hp0z in modified Haber-
Weiss cycles.

We come now to the question, of how this process,
involving an [HgOa] influence on the potential merges at
about pH 10-11, into an [Hz0z] independent range. The
obvious suggestion which gpplies to any metaln(or Carbon )
electrodes 1s that the high pH scheme requires a high



concentration of HOs and that the Hz0z molecule in the
undissociated form favours a different cycle because of its
ability, which HO, clearly lacks, to accept one or two
electrons: |
Thus the potential determining cyele could be written:s
HaOp *+ 2¢ -3 20H INSAPOQ S L 4 L
Ha0p MR Pl N e e
This type of potential determining process differs from
the brevious one in consisting of two balanced steps.neither
of which 1s itself an equilibrium process. The electron
balance requires a forward reaction and an efféctive
decompesition of Hp0p whereas the high_pH scheme is overall
quite reversible and is linked with the reversibility, in
strongly alkeline solutionsy of the Ogy glectrods. :
Thig process differs from that of'Gerischer and
Gerischer55 in using two Z-electron steps. 1-Electron

processes imply the occurrence of free radicals, e.g.

HaOz + @ = HO + OH Ll b b
or . Heowik B & gen 4 HE I RS
and ot Wil HO™ A SR DIR I
then e SRR R RN A e

or Hz0 T e A gy e S R
and Op = 0 + @ S AT



and Haber-Welss cycles could occur by interaction with these
free radicals.

We may now note that 1n either of these schemes since
H,0, acts as both donor and acceptor of electrons the
potential is independent of [Hp0az]. In the 2-electron
process, however, there would be no pH dependence although
that could be readlly introduced by rewriting the first
egquation.

Ho0p + 2B + 2¢ ——3 2H.0 PR S (-
or the second
HeOg + B0H™  Ai3»  SHa0 + 0g # Bessuis: (97)
Following Parson's’’ we may write the rate of the

process as
= Ag* + o8,EF

kT
- 2 ——— -
l'ata:. = cHaoac H+ KL h expo M ) 9= e (98)
and of the corresponding reverse process
K }-;k’r- (""‘""‘“MG* tEiBa - ) (99)
ratez e cHaoz z expﬁ- RT @9 00 e s 9

At potential equilibrium the rates will be equal and
one has to simplify, for this, these equations by assuming
the transmission coefficlents K; and X; are equal and that
the symmetry coefficients B; and Bz fof the potential energy
barriers, about the activated state, are equal to 0.5 (or
that By = Ba Je Then,

B =B + § Inegs R e 1
which 1s the same as (81) |

{lie l-electron process gives a similar equation if



similar assumptions are made. It may be noted that if 8; and f;

arg not equal to 0.5 the coefficient of 1ncH+1s chaﬁged.

Then, E, ;
E = 'TET:EZ:IT % 1%%:3;:115- Incp+ PRGNS s 5 )

which would give a possible explanation of deviations of E
from the values of the simpler equatlon at increasing [Hz045]
if the assumption is made that the high [Hn0s] would distort
the potential field at the electrode boundary and caunse 0
and Bz to differ from the symmetrical 0.5. This would not
howevar explain either the pH independent zone or ths
dependence on [Hz0g] which octurs in this zone.

Cerischer and Gerischer's55,eiplanation of the deviations
of E from the line given by equations (81 ) seems for these
reasons inadequate. ‘

Other explanations of this behaviour in the central
region of fig.6 may now be considered. First, may be
congidered, the possibility that it 1s due to increasing
[Ag¥] at the electrode surface caused by dissolutions of the
alectrode material. As fig.7 shows,increasing the bulk
[Ag'] has little effect on the potential until it rises
above a value given by the Ag/Ag+ equilibrium potential value.

E=0.799 + 2L in [ag'] R Wy | 7.

In these experiments the bulk [Ag ] certainly does not

rise to measurable values but at the potentials of pH4~9 the

-



&g+ concentrations required to be exceeded to raise the
alectrode potential ars quite small - from 107%* to 107%™
This explanation does not extend, of course to Pt
with which we confirm the findings of Gerischer and Gerischer55
are that the same type of deviations occur at high [Hz0z].
Bockris and Oldfieldf§ however,did not find such effects up
to 8M Hz04. This is a discrepancy which we cannot adequately
explain. i '
With silver, however, it appears tlat the [Ag*] found
at the electrode surface 1s maintained as a result of the
alectrods potential and does not cause it. |
Another possibility linked with this is that the surface
pH is in fact very differant ffom that in the bulk, but on
examination the effect is seen to require a much lower surface
pH. Thus the experimental potential on fig.8 could be
explained if the true surface pH was much lower {(pH2-3 in
the case of the more concentrated Hp0z ), whereas as a result
of the enhancemaent of phe Ag dissolution caused by increasing
the [HpO0azl], the actual pH at the electrode surface will be
higher than the bulk value.
Thus we are left to explain the effect as due entirely
to the Hglp itself. However, at this stage, note must be
made of the fact that the ragion of the more positive potential
is the region where electrode condition effects most markedly

the potential. In this region annealed, etched and polished



silver electrodes give results differing as much as 0.1 to

0.15 v The same instability occurs with Pt in this zone
and it is only by the most careful annealing that reproducible
values can be obtained.

This is linked with the obsarvation that the silver
surféca can take up macroscopic differences of colour and
tone which, as the experiment of fig.23 shows, are to bs
associated with definlte anodic and cathodic zones at which
we may regard the processes of (98) and (97 ) as sevarately
predominatiné with an electron current passing through.

We regard the anodic area as being covered by a thin
Ago0 oxide layer which 1s formed by the process

H,0, + 24g = 2Ag+(c).OH" Pk PRI AD N (L
Once a layer of the Ag .OH™ (or Ags0 with OH at the solution
surface ) is formed it would providé a rectifying p-n junction
with the metal and electron could only pass thfough it in the
direction from metal to boundary. Thus (87) could carry on
at the surface of the oxide with electrons coming from (96)
occurring elsewhere at a bare (or etched ) metal.

In this situation the potential of the electrode will
behave as if it wsere two electriecally connected electrodes,
one being the A%/Aggo/OH" electrode and the other the
metal/Haoz/OH" electrode which is given by equation (81 ).

We may express the inevitable polarisation effect which will



control the measured poiential as slectrode resistancaes and
further we may regard the actual value of this as inversely
proportional to the fraction of the whole electrode surface
devoted to the particular type. Thus for the anodic area of

. s A2y
r, and r, being characteristic constants. Then if the two

fraction o the resistance = r_ g and the cathodic r

areas are related by the reversible equation:

2Ag+H30g o— 2Ag0H --ooooo.ooooo(lm)
ice. (cathodic area) + g H,0, = (anodic area)
By - lla- alo (105)
13802 0O 90 00000 OCO0CEe® e 200
1 o i
1090 a - l -’. mo 000000'0000000’00(106)
202

Then if ZXE is defined as follows:

A =

E cathodic being given by equation (72) for dilute solutions

Bneasured = Bcathodic sreconsanss(107)

as already mentioned; we obtain

= WAE = 0 uaoooo-ocoooo(los)
11'amod:Lc:--Ec:a.'l:hodtl.c
2
1
o 'A;'E o e g Sféﬁio ¥ v K800
HzOz

Fig. 24 shows, at pH6, the graph of iAﬁE against

A

/Q'Hzoa ).k, the values of @ g o, being calculated from
Kavanagh, Scatchard and Ticknors®

Very satisfactory linearity is found over the

ranga of [Hp0a] from 1-86% w.wo
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Fir. 25 indicates the failure of a simple equation of the

type
i = const. + 0,,059 logloaﬂaoz ooco-ooooooo-o(llO)

to explain the results. This equation would arise from some
process in which the Hp0, participated as an oxidising reagent.

It may be mentioned that Markovic70 noted anodic -
cathodic area separation with lead in Hz03 solutions.

An important requirement of the above scheme is the
occurrence of [Ha0z] in the equation to the square root.

This implies the 2-electron, non radical type of decomposition
atep.
2. Rate of Catalysis at Electrodes.

The second order kineties in all dilute solutions
sugzests, if the complicating effect of pH and [Ag’] are
ignored, that oxygen evolution requires a four point
adsorption at the metal surface, probably involving 4-elec-
trons. However the catalysis 1s extremely sensitive to the
above and other influences. The pH effect 1s shown in fig.1l2.
It 1s similar but more exaggerated than found by Gerischer
and Gerischer55 for platinum. Between pH4 and 8 the rate
declines monotonously with increasing pH. This is the region
in which the potentlial of the elsctrode is virtually independ-
ent of the pH but, in which, as pH increases, the fraction of
surface covered with Agp,0 increases.

This could explalin the reduction in oxygen evolution if
the Agao layer is regarded as being less conducting than an
etehed surface. Equally it may be due to the effeet on
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[ag¥]. The direct effect on catalysis of adding Ag+ as
AgN0Og is shown in fig.l4. Genarally the effect 1s to
reduce catalysis sharply for small additions of'Ag+ - of the
order of the amount reqnuired to satisfy the equation.

E = 0,799 + 0.069 16810 [AE Y. shsicrivassossssll108)
in which the potential of the electrode is inserted for E.
The [Ag+] found here is the value which would be expscted to
exist at the electrcde surface. When the bulk solution con-
tains a lower [Ag*] than this there will be a tendency for
the metal to dissolve by a normal Nernst diffusion process
in whiech .

Rate of Ag dissolution % Elos = Bhd s atiild
in which cg is the surface concentration of silver, found as
abo#e, and c¢p that in the bulk solution. This equation has
been confirmed by Maggs and Suttonao. Thus the point of
minimum (but not zero, it may be noted ) catalysis is the point
at which silver no longer dissolves. At pH4-8 the reduction
in solution of silver is very small but the reduction in
oxygen evolution is quite dramatic. At the maximum inhibition
the silver still catalyses but not more rapldly than does
smeoth platinum in a similar solutione. From this is
concluded that the behaviour of silver as a specilally effect-
ive catalysi i1s directly due to the passing into solution of
Ag+ ions. ﬁach Ag+ passing from the metal into solution
seems on this plcture to release a burst of catalysis of

many HpaCy molecules.



3. The Effect of Smalil Currents.

The effect of small currents on catalysls isquitemarked.

Fig.1ld 1llustrated the increase with a 0.9 Hgp0p solution at
pHS with anodic currents and the smaller effect of cathodic
currents. At first there 1s in fact a slight suppression
of Oz evolution with cathodic currents and this is even more
marked with those experiments made with Ag® present (fig. 21).
To explain these and the other results with currents
we accept the concept of a considerable "exchange current”
flowing through the metal and through the solution between
the two different anodic and cathodic areas during caialysis
wvhen there is no external current,; i.e. under xhé conditions
of the ocbserved equilibrium polential. .

If the electrode processes are given by equations (296)
and (97) the anodic at any time is given by (rate)y in
cquation (98) and the cathodic by (rate )3, and equation (99).
\Vhan there is a net overall current in one direction or the
other 1t will be given by #[(rate); - (rate )], the positive
sign referring to an anodic current.

If we now introduce now the term of overpotential, where
qu B e Eequilibrium, and ig for a net anodic and
ic for a net cathodie current. Then, for these equations

Lgﬁua-lmpﬂlc i E%,IF PO ¢

Hz0a

and
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With By = Bg = 0.5, we should find the slope Of'l/&nialc

line to be R%/%. In practice ig or i. can only be observed
independently of the exchange current when the applied current
is very much greater than the exchange current.

The effect of this procedure, commonly used in over-
potential studies is shown in fig.18. Perfectly linear log;oi
//4i graphs are found. The cathodic slope is precisely 0.120
for pH's in the range 2-7. This value 1s twice that predictad
from equation (113) with Bs = 0.5. It could be obtained if
B = 0.75 or more plausibly with B3 = 0.5 and with a l-electron
process e.g. equation (924) rather than equation (90) as the
basic cathodic mechanism. The anodic process has a slightly‘
lower slope, viz., 0.080 which could be obtained from
equation (112) if B; were0.,375. This is & not unreasonable
value but again it would be more plausible to choose 83 = 0.5
and use a l-electron step; equation (92) rather than (97).

Fig. 19 strikingly demonstrates that over a substantial

range of [HgOg] there is no change in the value of df( dlogsol-
This shows that 8; and B3 are not affected by [Hz02] nor by

the conditions created by the Hp;0, catalysts. From this
graph we may evaluate (ani/éln[nsoa] )'1*0 and find it

to be close to 0.4 in the range (up to 2.7M Hz0, ) in whiech
the relation is linear. We may perhaps take this to indicate

2 value of z and for the number of H,0, molecules associated



with one actlivated complex in the rate process.

Tha same resultiisifound by plotting iy, the exchange
current, against [Hzog]a as in fig. 26. A linear relation is
obtained which confirms that there are two transition |
complexes formed in the rate determining step for every
HoOa appearing in thb stoichiometric equation.

'~ To return now to the derivation of equations (109) and
(110 ) and use this information we obtain for the right hand
side of equations (112) and (113) the values, for a 2-electron

proces§? 2RT/2B;F and 2m/2(1‘ﬂz W

which leéd to thq value of 2%2_ or C.120 for the cathodie
process with fg = 0.5, and 0.08 for the anodic with 8; = 0.75.
A l-electron process would not be so easy to fit to all texts.

We may summarise the most reasonable requirements of
these electrode kinetic results, then, as (i) a 2-electron
forward and backward process and (ii) a rate determining step
which occurs twice per each Hg0Os molecule decomposing.

Hoar’* in a recent paper on the kineties of the oxygen
electrode obtains similar values for dq/g 1ny to the above
i.e2. about 2 in moderately alkaline sol&tion. Hoar puts
forward a most interesting mechanism to account for this.
Since 1t involves the formation and subsequent decomposition
of adsorbed Hz0p 1t 1s of great interest to the investiga- =

tion. The process is as follows:
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(124 ) Adsorbed OH- HO™ + HO™ + OH" +. OH
{115) Rapid electron HO + HO” f OH™ + OH
‘transfer ' J,

(116 ) Rate determining [go-HO]  + [OH<OH]™
assoclation step !

(117) Rapid step [HO>H -0~ 0 - H< OH]

(118) Rapid step [HO - He 0 = 0—>H -0 - H]

i el ) oA s

(120 ) Rapid electron 0 % 2e

transfer

The catalysis of Hz0p can be explained by a similar
scheme if the rapid 2-electron adsorption precedes‘the rate
determining step. The stages (115) to (120) can then follow
as above. It appears howéver in the case outlined the rate
determining step occurs only once per Ha0z. For the
purpese of the present Investigation 1t would bé necessary
to place the slow step somewhat earlier, e.g. dividing step
(114 ) then |
(114 )a dissociative adsorption - rapid

Hz03 —> HO + OH
(114 )b electron transfer, rate determining

. HO + e ~» HO" |
with the final return of an electron to the metal as in (119)
or (120) above. '

One aspect of this general pleture which further commends



ity is that 1t fits in with the second order dependence of
catalysis on [Hpz03] and fits in also with the absance of

any first order kinetics.When the surface is fully covered
with Hpy0p zero order kinetics would, of cburse, supervene,

as found in practice (ef. fig.10 ).

The rate of solution of Ag" which is in faet, the
factor which influencea the rate of catalysis rather than
[Ag+], would have a direet influence on the electron concen-
tration of the metal surface itself. pH will affect the
process simply by virtue of the need for OH  to be adsorbed
to give the overall effect.

In discussing the Hoar mechanism it has been assumed
that the adsorbing surface is the bare metal. It is of
course quite possible that the scheme should be separated
into the two parts of the earlier picture, viz., an anodic
area in which the surface of the solid would be an oxide
layer, and the cathodic layer which might quite possibly be

bare metale.
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It was suggested that the problem or!tne mechanism

of decomposition of sodium perborate tatrahyqsate was of
special interest becanse oxygen loss occurred from the sub-
stance in the solid state. . Although, as will be seen
later, the nature of the active oxygen in the erystalline
compound has not been fully elucidated it seamed likely
that it would océur as ~%-OOH or in a dimerie perborate ion

0 -0
| i
0=B B=0
o ' N
0 =0 i

rather than &s "Haog.of crystallisation”.

| The arrangement of the 0-0 bond might be 3imilar fto
that in an Ha03 molecule adsorbed at a catalytie surfaca. |

- It seemed thus, to.be instructive and a suitable

balance to our work with the highly catalytié silver surfacaes
and t&tthe other work with highly catalytic oxides such as
Cups0, NiO, COQ, ate., in this department tc sxamine the loss
of oxygen from the -0-0- group when in proximity to & boron
atom in the perborate lon.



ﬁs\the‘work pfoggqﬁaﬁag$uéwever, we learned that
the deeomposition of the perborate tatrahydrate was not a
erystalline process at all but one preceded by fusion of
ths crystal. It was 1n tact coneluded that the ion in
tha crystal lattice was very stable indeed and showed no
.loss of oxygen after many hours at 100 °C. .
i 'mne observed 1oss of oxygen at or Just abova room
femperatura-rrom the apparently quite dry solid wgs
Attributed“to small ambﬁhis;df 1iquid formation and seecmed
to ba catalysed by'trace'cataiytic imefities such as
iron and copper.
The study.was extended by working with unolly fused
samples of the perborato and also with dilute solutions
to demonstrate thé effect of borate ion on the decomposgition
of the paroxide. The investigation concluded with a brief
study of the action of iron and copper catalysts in borats~
eontaining élkaline solution and was able to provide a
elear picture and a réasonabla explanation of the action of
added Mg and 2n éalts as stabilisers. |
. The description of this work takes the form first of
an account of experiments which demonstrate the importance
of liquid formation in oxygen loés from the crystalline
tetraborate, then a deseription of the decomposition in ths
rused matarial and the role of iron and copper catalysts and
magnesium stabilisers. Finally some experiments in the
dilate solution with the aim of elucidating the action of

:5.0 3 u il.&dh& v
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The hydrogen peroxide used in the subsequant

1nvestigation was the same unstabilised 86%-w.w., supplied
by Laporte Chemicals Ltd., as described under Materials
in Part I

(11) Mwm_ssmm (NaBOg.4H30 ).

. 40 gme Analar NaOH were dissolved in 156 ml. of
distilled water in a 600 ml, beaker and 191 gm. Analar
sodiun tetraborate (NasBg0s.10Hz0) were added. The
beaker and contents were heéted to 70°C then allowad to
cool. After several hours pure crystals of NaBOp.4Hz0
wers obtained, washed in pure ethanol, dried in a current
of cold air, filtered to remove dust and stored in an air
tight eontainer to prevant_afflorescénce.

(111 ) Sedium perborate tetrahvdrate (NaBOg.4Hz0 ).
200 mls.‘of diétilled water were placed in a
2-1itre beaker contained in a larger vessel through which

cooling water was circulating. To the beaker were added

slowiy and simultaneously a saturated solution of

' NaB0g.4Ha0 and a 30% w.w. solution of HyOp (approx. om Hz0gl,

the temperature being maintained below 30°C. During these

-2ddivions the metabor;to vas kgptiin excess. This was
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chngksnxhy'contingally_witbdrawingvaamples of the mother
liquorAand.addihg a few drops of thymol'violet 1ndicator.
Ihisfgavb a deep blue colour if metaborate was in excess.
Finally the Hz0p was adjusted to stolichiometric equality
byftitfating to the end point.(g:eenish-yallow),of.the
thymol violet 1ndicatorg

The temperature of the 1liquid was then held at 15°C
untilﬂerfstallisation was completed. The crystals wers
filterad from the mother liquor, washed with ethenol, and
ériad in a current of warm alr with continual stirring.
Water contents of the perborate were determinéd periodically
to ensure that,overdryipg‘of the compound did not take place;

(1v) Zinc. magnesium, copper and iron metaborates.

Stoichiometric quantities of solutions of the analar Zn,
Mg, Fe +, and Cu++ sulphates and sodium metaborate were
added slowly with stirring to a large volume of hot
distilled water from which the precipitata was subsequently
filtered, washed and dried.

‘Any other reagents employed were of Amalar analytieal
grade material.
B.

By tgs mééhod of Partington and Fathallahl, sodium
perborate tetrahydrate was analy?ed as N83005303;03-8H30.

‘Thus for the pure compound thé.theoretical peréantagés of




mm,acm, availablaozysengm removable Hs0, would
' ba 20,13, 22.73, 10.39 and 46.75 respectively. The
a&néi&#ﬁnal-methods of;gpgmiaiq.are asvfo11ows.

tius wagdbout. 2 gm.. of perborate,were accurately weighed
into a 400 ml. beaker. 45 ml. of 0.SN HC1l were added from
._a burette and about 26 ml, of water were added, the beaker
coveréd;by a clock glass and the contents brought to
boiling and allowed to simmer gently for 10 mins. Care
was taken not to boil the solution vigorougly as borie
Aeld e pteam:volatiles iiOmiesoling, © drops of methyl
orange were added and the solution titrated against 0.5N
NaOH. . 60 ml. of glycerol were added, the solution shaken
well, two drops of phenolphthaleln added and a further
titration was conducted against O.5N NaCH.
2. Est f aval | 4=) 8 08
: 1 180 mls. of eNHz504 were measured inte a 800 ml.
beaker and qyﬁo KMnOg was added drop by drop until thé
solution was coléured a faint pink. About 3 gm. of NaROg
NaBOg3.4Ha0 wera weighed out accurately and added to the dilute
Hg804s  After dissolving, the solution was transferred to
a 500 ml. graduated flask and made up to the mark with
distilled water. : |
100 mls, of dilute HgB804, previously coloured faint
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e with N/ /o KMnOg, were msgsured ano a 600 ml. beaker

Al ﬁ)"‘s s

_anﬂ 50 ml, of the perborate solution added. This solution
,wggpg;tgated-againsgln ;q_KyhO’ to the same faint pink

gglgqutgqp as had parsisted g:iqr to the perborate addition.
' The ggls:u_lt‘ was calculated as % avallable oxygen or as atoms
of4giq;;ablé oxygen per atom of boron,
3-,Es&1mﬁ&iﬁnngi,xn&sz;ssunauﬁb,

.‘ (The term "Ha0 content" inclndes that from any Hy0g
presant 1.@. it is the Hp0 when the perborate is written
NaBOs x HgO). | : :

About 2 gm. ware weighed accurately into a 100 ml.
pyrex beaker and cqvered with a wateh glass. The beaker
and contents were heated on a8 water bath for 2 hr. then
transferred to an oven at 140°C for 12 hr.

The beaker etc. were then removed to'a muffle furnace
atapproiimate;yllboqc and.thé température raised to 550 °C,
ratained tﬁis temperature for 1 hr., allowed to cool and then
feweighod. .Tbe solid was tested for residual avallable
oxygen. It was never-found. 

This was done colorimetrically using thiocyanate
with the aid of a Spekker. To cultivgte the method & mls.
dilute HCl;wgra pipetted into two 100 ml. graduate flasks
containing 2 g. NaB0a4HgO and diluted to 75ml. with
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',;quatgx 20_m1§,~o£wammqninmAthiocyanatq‘solution were
_pipetted into both blasks. 1.5 mls. of a standard iron
aolutiqnﬂwege«pipettnﬂwinto dne_9f~tbe'£1asks.: Both flasks
}u@;quxlutpd~tovv°1um@,and'shaken well. The absorption of
the pink iron solutionswas mé#snred against the blank on a
."Spekkar" absorptiometer. This was repeated’for several
eirgnigplutions and a ealibration graph drawn. The colour

~ began to fade after aave:al minutes and it was necessary
.tq,qhtain,the“absorption‘neadings as soon as possibié after
colour development. For the actual deéermination about
§;gm:.of Nggogggﬂgo were weighed accurately into & 250 ml.
beakég, . 60 ml, of distilled water were added and the per- |
borate éolufidh”ﬁas,bartialiy decomposed by boiling. The
golution was cooled slightly and 5 ml. cone. HC1 were added
followed by 1 ml. bromine water, and the solution bolled
until ali excess bromine was driven off, while the volume
was maintained at approximately 25 ml.

The sbiution‘was\then transferred to a 100 ml.

graduated flask, 20 ml. of 40% ammonium thiocyanate solutlon
addpg, made up to volume and shaken waell.

tnq hlank solution was prepared by pipetting 5 mls.
cone. HC1 into a 250 ml. beaker containing 5 g. NaB0o4H,0,
ggﬁipg 3Q3ﬁ1,i¢;§§;1lad water and 1 ml. bromine water,
boi;;ng nnt;}_a;igexcesabromine‘had»boiled off, cooled and




transferrad to a 100 ml. graduated flask. 20 ml. NH4CNS
were added, made up to volume and shaken well.

The absorption of the sample against'the blank was
measured on the "Spekker" and the iron content determined
from the calibration graph. The result was recorded as

grams of Fe per million NaBOg.4Hg0 (i.e. p.p.m.)
5. Estimation of copper.

The''Spekker" was calibrated by means of standard
copper solutions and sodium diethyldithiocarbamate. About
10 gm. of NaBOg.4Hz0 were weighed into a 250 ml. beaker.

75 ml. éilute Hz80, were added, the solution was evaporated
to decompose the peroxide then cooled. 50 ml. of distilled
water, 10 ml. citric acid, 2 ml. E.D.T.A., 20 ml. 0.380
ammonia and 10 ml. sodium diethyldithiocarbamate solution
were added. The solution was then transferred to a 250 ml.
separating funnel. 10 ml. redistilled CCl, were added and
the solution shaken for 2 mins. On separation of the two
layers, the lower CCl; layer was run off into a 50 ml.
seperating funnel. This proecedure was rapeated with

3 further 10 ml. portions of CCl,.

The accumulated CClg solution was then filtered through
a Whatman No. 1 filter paper into a dry 80 ml. graduated
flask. The separating funnel was washed clean with a further
5 ml. CCly and the flask was diluted to volume with CClg.
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The ebsoxption of this solution was measured on the
“Spekker" against a blank.
The blenk solution was prepaxed by weighing about & gnm.

NaBOg.4H20 into a 250 ml. beaker then adding 75 ml. dilute
HaSOg, 10 ml: ecitric acid, 2 ml. E.D.T.A., 20 ml. 0,83
ammonia, 10 ml. sodium diethyldithiocaramate solution and
10 mls redistllled CCl,. The extraction end filtration
were as above. This drum reading was subtracted from that
of the sample and from this corrected drum reading the
copper was determined from the calibration graph.

C. Decomposition Studies.
1. Solild NaB0s.4Hg0.

The 7aB0g.4H;0 used in the decomposition measurements
was from one large batch which had the following analysis:-
Nay0, 20.43%; Bs0g, 23.00%; 0Oa, 10.00%; Hz0, 46.52%, This
corresponds with the formula NaBOg, 0;69793098H30. Special
raference will be made should the composition of the
perborate differ from these figures.

(1) A% _atmospheric pressura.

A 0.3 g. weighed sample of the finely powdered solid
dry solid was spread in a thin layer on the base of a
100 ml. conical flask. The ground stopper, sealed in with
waX, lead via fine polythens tubing to a capillary flow
meter held horizontally against a mirror scale. 1 mm.

displacemant of the soap film in the caplllary tube
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indicated 0.003 ml. of gas evoived. The conlcal flasks
were completely immersed. in thermostat baths at 40°C, 50%,
and 80°. The rate of oxygen evolution was measured at
intervals until decomposition was élmost_complete. In these
"e¢losed” experiments the perborate softened and fused
during the experiment.

(11 ) Under vacuum.

For vacunm work; thin layers of the perborate were
spread on the bottom of a flask connected to a rotary oil
pump. Samples of the solid, which remained dry and
powdery in the vacuum experiments, were taken at measured
intervals of time and analysed in duplicate.for Nas0, Ba0g
and available oxygen by the methods indicated abov§,

(iii ) Sealed and open tests.

The decbmposition neasurements mentioned in (i) above
laft some doubt as teo whether (a) the aqueous soap films had
rajised the partial pressure of the water vépour over the
g0lid and so promoted liquefaction (the long length of
narrow connecting tubing was designed to prevent this) or,
(b) a loss of hydraté water might have occurred Sy entrain-
ment with the oxygen evolved so that liquefaction might have
been slower than otherwise.

Henece the atmospherie type measurements were followed

by a sealed test-tube sample method. In this method 0.3 gm.
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‘samplas-of NaBOg.4Hp0 were aceurately weighed into dry
‘test-tubes, previously cleaned in a HNOz-aleohol mixture
washed with distilled water and haked out at £200°C. The
tubes were then drawn out near the open end over a small
flame and sealed. The lower part of the tube containing
the perborate was wrapped in wet filter paper toavoid any
heat reaching the perborate sample during thé sealing-off.

These test tubes were placed in aluminium racke ané
completely immersed in the thermostats. At 15 min. intervals
a test tube was'removed,'ths pressufe réleased by snipping
off the drawn end under 100 ﬁl. dil Hp504 in a beaker and the
tube cut up into sections using a glass knife. These
seetions were immersed in the acid and the remaining available
oxygen was determined by titration against N/i,. KMnOg4. In
the tubes the perborate assumed a‘viscous state and d4id not
readily leave the glass.‘

Some similar sample tube experiments were also
conducted using "open" tubes plugged with cotton wool. They
were almost completely immersed in thermostats at the
required temperature and removed from time to time for
analysis. .

(1v) Tensimetric heasurements.
Neitherimefhbd (1) or (iii) was sensitive enough for

a detailed stndyﬂof say the first 1% of decomposition. This



'iﬁan“important range to study because dnring this part

ﬁ”of the process there was no sign of liquid formation and $%0
‘”uas clearly here if anywhere that the solid perborate
, decomposition WOUTH T POMB G e

A differential’ tensimetric method was therefore
adopted to study 1n1t1a1 decomposition. Fig. 1 shows a
diagram of %he apﬁdfaﬁds:‘ One of the 10 ml. bulbs contained
1 gm. accurately welghed or NaBOs.éHzo and the other 1 gm.
of NaBOg.4H 0. The bulbs were attached one on each side of
the butyl phthalate manometer by waxed B? joints, then
immersed in the thermostat. After 15 mins. the side arms
. were quickly sealed with soft wax.: From a knowledge of the
total free %olhmdé“of the bulbs and connecting tubes (2 mm.
bore ) a caiibrétdon'curve (Fig. 2) was_construcfed relating
prassﬁre différencas to oxygen evolved (the volume of the
'so0lid was calculated from density datal). 1 mm. of oil
pressure indicated 2.38 x 10 % loss of oxygen per gme.
‘ NaBO,.4H20. The calculations were as follows: '

Let original pressures on both sides; wpen h=
be Do atmoépheras. At a height of h cm. (i.e. difference

in levels ), the pressure on R.H.S5. was

R & Fa¥p
P “ﬁ:ﬁj

Originally on L.H.S. R.T.ng = pyVo, where ng = number of
moles of oxygen originally present. At height "h" em. due

to evolution of " An" mols of oxygen: -
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A
L.H.S. RTng + RTAn = P, V4

R
= (P, +AP) VIL where AP =

difference in pressuré doe to h cm.

R L
= P,V + ZXPV;L
v,” | L
2 oRFAR = Povol-;-x =11 + Apv,
1 $
Vota =AV _ ,
-POVO[T:..&_ 11+ 00y, va ~'Ow)

vhere ¢ = difference in eaplillary volume for any difference
in ‘sevels (for h=1lcem., a=1x 10"°m1. for a 2 mm. bore

capillary ) and /AV = correction for volume of solid.

Yo'+ 0 ~0V-% +a
5 PaVarl A ¢ 2 ]+AP(V° MR
0 - @

2a-A\1 1 +,AP Vo + a =Av).

VQ -

< PQVO [

et
for 1 gm. NaBOg.4Ha0, AV = 0c4 mley oo Vi = (0,0096 + a)

V, = 0,01 1.4 Pop=1atm., a=1x 10”5h’ Ap = 76 x 13.6

W= le
From these figures the results shown in Table I

wers obtained.

TABLE I
hiem. ) An(% oxygen evolved)
-2
p 2,38 x 10
5 11,90 x 10"
10 24.0 x 1072

20 O 0 o ki |
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jQi;Théiavwas no difficulty in following_the decomposition
rcproducibly to within 0.5%

i Measurements were also carried out on samples of
NaBOgoxH20 where x ranged from 1.5 to 4.49 at 35°C, Some
ﬁ@ﬂ#imagric»experimsnta vers also condueted at 20,5°C + 0.19%

The partly dehydrated perborate samples used in the
tensimetric experiments were obtained by partial dehydration
._of/NaBO,;4H30 samples in thin laysers in an open vessel at
80,

The perborate samples with excess water present were
obtained by incomplete drying during the preparation of
cartain bateches of NaB0g.4H;0.

2. Melt { borate-perborate mixtures.

It was.obsarved in the decomposition experiments that
goftaning of the NaB054H;0”crystal'mass cceurrad as scon as
a 2-5% of decqmpoéition had taken place; At 40°C ligquefaction
i;ras‘ complete at about 40% decomposition. It was inferred
thﬁt softening of the crystals and conversion of the dry
mbbile powder into a clinging mass was due to superficial
fusion and rﬁrthermore 1t sgemed apparent that the oceurrence
of this well below the melting point (63.5%) of the solid
~ was due to melting po%nt lowgring by intimate intermixing bf
tbe-hydratod perboiate with metaborate produced by decomposi-~
tion. A simple test by rubbing together in a test tube an



T T e LT T Lot
1,. ) N

TR
T. T
AR ()

_aqulmqlaf mixture of the dry powders at 4D‘C‘comrirmed
4this = rapid melting occurred.

. A study of the first fusion temperature of perborate
metaborats mixture-was undertaken to demonstrate ths
formation of liguid at relatively low temperatures.

The dry solids were mixbd at room temperature
leFC)nby gently grinding and shaking together and the
.rirat'melting point taken as the temperature at which a
small eolumn of the mixture began to shrink. Three methods
were used (i) with the solid in a melting point tube and

the temperaturd raised by 3°C per minute, (ii) with a
column of the solid in a B" test tube held compressed by
a powerfullcpil'spring.j The tube was immersed in a
tharmostat'and the movement of the spring was observed with
a microscope. The temperaturs was raised from room

temperature by 2° increments and held at each temperature

for 15 min. (iii) 2-3 mm. thick pellets of mixturas were
held betwaén 1 en. dlameter spring loaded stalnless steel
elactrodas in a sealed tube in a thermostat. The pellets
bad been formed in a stainless steel cylindrical die with a
2 ton camprassion forece supplied by a hydraulic press. The
. esistance of the pellets was measured on an A.C. bridge.
Temperatures, starting at room temperature, were raised in

2° steps, and held at each value for periods of 4-18 hours,




depending on how long the resistance took to reach a
steady value.
'~ 8. Single crystal Observations.
A small bateh of g" NaBOg.4Hg0 erystals, obtained after
five recrystallisations, vag supplied by laporte. |
One crystal was ﬁlaced on the slide of é heating
stage microscope and encircled by a &" wide layer of
ground, laboratory prepared, NaB0s.4Ha0 powder, on top of
which was placed a cover slip. In this way the singls
erystal could be heated at its equilibrium wvapour pressure.
The erystal was heated through the tempersture range

50-70° while being observed through the microscope.
4, Docomposition in the melt.

From the preceding observat;ons on pure NaBOg.4Ha0
crystals at different temperatureé, it appsared that thers
waé no inherent daeconposition of an absolutely pure dry
HaB0a.4Ha0 erystal and that the decomposiﬁion must take
place in the fused material. Consequently a series of
axperiments in the completely fused material was planned.
The following method provided both a simple.and satisfactory
method of conducting such experiments..

Method of d S bo | o

0.3 gm. samples of perborate were weighed into

clean dry test tubes which were subsequently drawn and

sealed. The solid was melted by immersing the test tube
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in boiling water for a standard length of time,(45 secs.)
and then the tubes were 1mmed1afely transferred and 1mmersed
in a' thermostat at the reaction temperature. Tubes were
removed at appropriate time 1ntervals, carefully opened,
and the contents analysed for available oxygen by titration,
Additives, in the form of Cu(BOgJlp, CuS04.5H,0, FeCl,,
FeS04.7Ha0, Mg (S804 ).7H30, Mg(BOg )y, ZnS04.7Ha0, Zn(BOg Jo,
HyBOs and powdered glass were introduced with thg.solid
after intimate mixing in an agate mortar to test the effect
of catalysts and stabilisers. | ‘
Some experinments were also conducted with vaessels
painted black in order to test for photeochemical effects.

They showed that 1ight had no accelerating effact.
Effect of added water.

In order to estéblish whether water molecules
participated in the decomposition process it was deemed
necessary to conduct several experiments on the effects of
added water to perborats tetrahydrata pr1or to fugion and
subsequent decompesition. |

To 0.3 gm. samples of perberate in test tubes 0.1,
0.2, 0.4 and 1.0 gm. Hz0 were added via a mieroburette.
The subgsequent experimental procedure was as ébove.
Experiments with dilute solutions of perborate.

Solutions vere madeé up either by dissolving the
requisite amount of NaBOj.4Ha0 in distilled water, or by

adding the stoichiometric cuantities of H.0» and NaR0..4H,0.
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In fact the latter solutions always decomposed at a
measurable slower rate than the formér although the

forn of the process was identical in the two cases., This
was ascribed to the presence of impurities introduced
during laboratory handling and drying of NaB0j3.4H,0.

The apparatus consisted of a 400 ml. vessel with
three necks, the first incorporating a condenser to
prevent changes in concentration due to evaporation of the
solution. The second held a micropipette through which
additions could be made to the solution of either stabiliser
or catalysts in the form of a preheated solution. The
third neck was for sampling purposes. It was not essential
to 8tir the sclutions.

200 ml. of the perborate solution, preheated te the
reaction temperature, was placed in the reaction vessel
contained in the thermostat. At five minute intervals the
solution in the reaction vessel was swirled vigorously to
free oxygen bubbles and then a 5 ml. sample withdrawn by
pipette. In this way no oxygen bubbles were removad in the
sample. These samples ware added to 100 ml. of 2N HyS0,4
and titrated against N/ip90 KMnO,.
pH measurement.

Whensver pH measurements are quoted they are direct

measurements made with a "Pye" glass electrode assembly



Qa;l,;b‘rated in stendard borate at 25°C, corrected

where eppropriate for temperature but not for ionic

_ »atﬂrongth or liquid junection, or affect on an asymmeiry
potential of the peroxide solution. '
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Results

1. Dacomposition of solid NaBOg.4Hz0.

In what follows the rate of loss of oxygen is
quoted as % of available oxygen lost in a given time.
It should ba explained that the figure refers to the
ciminution in the "% availabls oxygen" value.

(1) éi:.m:zg.mus_w

Figs. 2 anc & show the rasults olitained at
atmospheric pressure In the form of a plot of rate of '
dacomposition (i.e. oxygen evolved ) against time. Complete
decomposition was effected in 12 days, 6 days and 14 hro.at
40°, 50° and 60°C respecti&ely. Fig. 4 relates the rate
of oxygen evolution to the amount of perborate decomposed.

The main features of the rats changes were as
follows:=~
(a) A delay period during which there was no measurable gas
evolution. This lasted for % - 1 hr. at 60°C.
(b) A rapid rise to a rate level which remained steady for
5%~10% decomposition (except at 60°).
{e) & further period of accelerating growth of rate whieh
lasted from & to 20% decomposition and then steadied up
until, at about 50% decomposition, a maximum was reached.
(d ) A rapid fall in rate which set in as soon as the
maximum was attained and was at first linear with the amount

dacompoSed. * These changes occurred at the same fraction
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of decomposition whatever the time,as shown in Fig. 4.

On Figs. 2, 3and 4 1s also indlcated the state of
the NaB0gz.4Hz0 at various stages of decomposition. Thus
when stage (e¢), the accelerating decomposition, was
evident, the powder was 'clinging'. At the maximum rate
it had the form of a frothy pasteand at or just after this
it became a viscous milky liquid. Microscopic examination
showed that the whiteness was dus to a multitude of minute
oxygen bubbles. The eventual residue was a clear viscous
1igquid, which contained no measurable oxygen and which set
on cooling, after many dayseto a crystalline slab of the
metaborate tetrahydrate.‘

(11 ) Under vacuum.

For the evacuated runs at 80°C the results are
shown in Table T which lndicates the averags composition
of the hydrate at various times as shown by the analyses.

The molecular formula is written NaBO,0x.yHz0

where 'x' is the number of g.atoms of available oxygen

1 ¥

and 'y the number of moles of water in one mole of the

cohpound.
Table I.

Time

(Hours ) x v
g C. 96 3.95
2 0. 97 2.25
1 0097 ek
2 0,97 1.16
3 0.97 1.05
4 0.97 1.03

15T N i T i Yaul T P01 A Nig
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In four hours, which was sufficient to change the
solid almost wholly to the monohydrate, no detectable loss
of oxygen occurraed. The compound remained in the form of
a dry powder throughout. In the closed vessel experiments
307 of the aveilable oxygen would have been lost in the same
period.

(1141 ) Sealed and open tests.

Fig. S illustrates the results obtained at 50°¢C.
following the decomposition by analysis of samples after
various times. Apart from the failure to observe the
initial build up of rate mentioned in (i) above, the
results for the NaBOy.4Ha0 material in the closed tube was
the same as before -fusion, and rapid liouid phase decomposi~
tion. _The same was true for partly dehydrated material
(1,5 Hz0 ) but a commercially prepared, Mg-stabilised, sample
showed only a slight change in five days. In open tests

fusion was avoided with the NaBOg.4Hp0 samples used.

(1v) Tensimetric studies.
(a) At _35°C
At 35°C with the carefully dried NaBOg.4Hz;0 an
immediate initial decomposition of 0.024% per day of available
oxygen was observed. After 2g days the rate rose fairly
sharply to 0.553 per day.
'From one batch to another large differences were

obtained both in the value of the initial rate and in the
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time at which the faster and accelerating rates set in.

It was found in an overdried sample that the initial slow
rate waes almost eliminated. To investigate this further

a rangs of samples partially dehydrated in vacuo were
prepared. Results are given in Fig. & and éa for samples
of average composition 3.786 Hz0, 2.5 Hp0, 1.5 Hp0 as well
as 4H,0. Also included is a sample of a commercial product
with a reputed commercial addition of 0.45% MgS0O4.7HZ0 as
stabiliser. Its effect is to fix the slow initial
decomposition for a considerably longer period than in

the unstabilised material (No change to a higher rate had
occurred within 10 days by which time a total decomposition
of 0.257 had occurred.

Also indicated in Fig &(a) are the rates of samples
containing small amocunts of excess water indicated by the
average composition 4.49 Hg0, 4.42 H,0, and 4.2% Hp0,

These were prepared by exposing the normal product to water
vapour.

Fig & (b) indicates graphically the dependence of rate
on moles H,0 per mole NaBOj. Clearly small increments ars
more active than small decrements. In both cases the effect

ig less sharp close up to 4.00 Hp0 than a little removed from

this value. This 1s fortunate. It means that the precise
nature of the NaBOg.4Hz0 erystal is not so critical as may

have been the case.




24

(b) AL 20.5%C.

The resulls obtained from a tensimetric study of a
NaBOs 3.76 Hp0 sample at 20.5°C + 0.1° are shown in Fig. 7.
RaBOg.4H,0 did not yleld measurable rates of decomposition
at this temperéture over a period of several days. More
fully dehydrated samples or incompletely dried samples,

did show a measurable decomposition but did not show at all
clearly the slow initial rates of decomposition. From

Fig. 7 however the two rates of decomposition (for two
samples of NaBO,.3.76H,0 testsd) are clearly distinguished.
Initially there was a slow rate of 2.38 x 107°% of available
05 per day lasting for 30 hr. followed by a 10 times faster
rate of 2.38 x 1072% per day. This latter rate corresponds
with the rate given by the 3.76 Hp0 material at 35°C, whiceh
gave a decomposition rate value more than three times as great.
This gives an activation energy of 18.6 Keal mol. -~ a value
that agrees well with that obtained from results from the
prefused state (cf. Section 4(a))

The slow initial rate, which was not distinguished at
35°C for NaBO3.3.78H,0 corresponds to the slow rate of
decomposition of the NaBO4j.4Hp0 sample at 35°C but since this
procaess is very sensltive to dehydration it was not

profitable to compare the two.
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2. boftening of perborate tetrahydrate during decomposition.
It was clear that softening of the decomposing

| perborate was due to melting of the NaB03.4H30/NaB03.4H30

| mixture and perhaps to the faet that during decomposition
soﬁe NaB03.3Hz0 could slowly form from the tetrahydrate. .
The following table gilves the temﬁ;ratures atlwhich melting
of the solids consisting of an intimate mixture of the
NaB0 3.4Hp0 and NaBOg.4Hz0 was first observed on raising
the temperature from 20°C at about 2° per minute. _Onset
of melting was takeﬂ as the point when the compressed

powder showed signs of shrinking.

a Ii.
% NaBOs in mixture gg?fﬁkgéewggggrred.

100 83.6° {melting)
90 50,086

80 42.10

70 38,00

60 40,08

50 41.00

20 46.05
.10 49,60




The results szhow that shrinkage was not observable
in 2-3 minutes when.held at temperaturesbelow 38°C when the
onset of shrinkage was observed more sengitively by
microscopic movement of a spring compressed against a

1 cm. deep pellst in a 3" test tubey a somewhat lower

temperature of 32° was observed. In this case, largely
owing to the requirements of the experiment, the use of a

%" diameter sample tube requires more time (5-10 mino)‘at

each temperature. The sample was held in a small thermostat.
Finally the method of detecting liquid formation by

| obssrving the conductivity of a compressed pellet of an

l equimolar mixture of the two components again gave lower

temperatures for liguid formation. At 30-30.5% the

rosistance (Table IV) fell by a factor of 10 in 2-3 hours.

At temperatures below 29° no fall in conductivity ﬁas

observed in 2 days.

Ta i I
| Temp. °C Electrical Resistance in Ohms®
24.8 1.40 x 10°
26.7 1.25 x 10°
28.8 1.12 x 10°
29.9 1.07 x 10°
20.8 0.14 x 10°
[ 32.5 ' 0.10 x 10°




These results indicate that liquefaction does occur

when NaB0g.,4H;0 and NaBOgy.4Ha0 are brought into contaet

at temperatures of 30° and abvove. They do not sxeclude
restricted liguefactlion at lower temperatures, but givs

no evidence of its occurrence. It should be mentioned that
there could be an important difference in the behaviour of
mechanically mixed crystals of the two hydrates and an
intimate mixturs of the two which would result from the
loss of oxygen from the surface of a NaBOg.4H30 erystal.
This might lead easily to a wery thin layer of fused material
Spreading over ths surface of the crystals.

3. S8ingle erystal observations.

Observations through a microscope showed that even
after 60 minutes at 50-53°C no changes were obssrved in or
on the surface of a pure crystal. The surface remained
polished amdapparsntly dry.

On raising the temperature to 55-58°C, after 15-20 min.,
a ssries of what appeared to be small fissures appeared at
the erystal surface. By 30 mins. the erystal had become
almost completely opagque but there was no sign of gas
bubbles or other indication of liquefaction. The opacity
was due to a network of cracks appearing over the surface
of the erystal. Owlng to the method 1sed to maintain
the partial pressure of Hyz0 at or slightly above the equili-
brium value for the crystal 1t was not possible to rule out

completely the possibility that this superficial cracking



could have been dus to dehydration.

On inserting a fresh crystal and quickly ralsing the
temperature to 63~70°C, liquild patches almost immediately
appeared on %the surface but again no evolution of gas was
observed over the crystal surface, although the surrounding
powderad perborate sample was frothing and decomposing
freely by this time.

This would possibly indicate that there is no
inherent decomposition of a pure NaBO3.4Hz0 crystal. Some
large crystals were inserted in a small test tube which was
sealed, then immersed for 60 secs. at 100°C (the crystals
did not melt completely although their surfaces were wet ),
and submerged in a thermostat at 60°C 1.e. just below their
melting point. After 14 hr. no change appeared to have taken

place i.e. the crystals were still wet but no further melting

or decomposition had teken place. This seemed to confimm
wie single crystel obeservation.
4. Decomposition in the melt.

- (a) Kinetics.

Decomposi tion was approximately zero order for the
first part of ihe process, i.¢. a given weight of a sample
gave a steady rate of evolution of oxygen. This is showm
by plotting the percentage of available oxygen against {ime.




Since we may assume the volume of liquid was constant in
the samples this perameter 1s a measura of the coneentration
of active oxygen, peroxide, or perborate, remﬁining in the
sample. Fig. 8 demonstrates this for 40°, 50°, 60° and
70°C.. There was usually a small discrepahcy at the
beginning due to a small accelerated loss of oxygen during
initial melting. The temperature éoefficient leads to an
activation energy of 19.0 K céls mol. aé-éhown in Fig. © in
which 1logse (‘doa/dt) 45 plokted agatnst Y TeK.

(b) Effect of surface or light.

.The addition of 0.5 gm. of ground glass to a sample
more than doubled the rate of decompositiony; but when glass
béads were added in quaﬁtity sufficient to double the wall
area of glass exposed to the liquid, the decomposition was
affected neglibibly. It was conclgded that decoﬁposition at
the wall of the vessel did not contribute a significant
amount to the rate of decomposition. it is however clear
that glass surfaces accslarate rather tﬁan inhibit the
oxygen 1o08s. : . |

Bxperiments with blacked out vasséls showed that
photochemical decomposition by normal subdued daylight was
of nagligible importance and that special precautions to
axclude light were not required.

(e ) Effect of iron and copper gggglxggg.
Iron and copper were chosen for study for two

reasons. First.they are catalvsts much studied in the
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«ffhanugeneous decomposition of HaOg (thongh it must bs

. admitted not at the DA's of our experiments), and secondly

bqoanse,they rqpresent thq type of catalytie impurity
likaly'to be preéent in trace amounts in a normal
conmercial perborate product.
(1-)§h&elx_ia.kx_sgnnzn
' Fig.lo shows ‘the effsct of added CuCl, at 80°<C.

Additions of 10.7, 22.2, and 41.2 p.p.m. (by analysis)were A
made. The original perborate was found tc contain 3.2 P« Pelo

From the graph' it is seen that the initial high rate
of décomposit16n~values yielded, after about 1 hr., steady
zero.order rates which were proportional to the concentration
of copper in the solution (Fig.13).

1t was discovered on adding equal quantities of
other copper salts, viz. CuSO‘.SHzo or Cu(BOp)a, that
,irrespective of the anion, the same decomposition rates
wore recorded, 1.6, the affect of thé anion was negligible.
(11) catalysis by iron.

The'fésults»to the iron additions (as FeCl; ) are
shown in Fig.1l. The quantities of iron added to the
pcrborato were 3.3, 4. 4, 6.6 and 8.8 p.p.m. (by analysis)
rGSpgctively. On testing the original perborate material

it was found that iron preSent was less than 1 p.p.m.
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With iron a steady zero'order rate process holds
from the moment of fusion. These steady rate values are
also preportional to the concentration of iron pfésent.
Also, as with copper, the effect of ths gnion was negligible.

Fig.12 shows the dependence of the zero order rates
for iron-copper catalysis'on the concentrations of iron and
coppar present. TITllustyrated clearly is the much greater
catalytic activity of iron.

In Fig.11l 1t is observed fhat at low concéntrations
of perborate the order of reaction deviates ffom its zero
valu.é°

(dJ Addition of magnesium.

Figs. 13 and 13a i1llustrate the effect on
decomposition on additions of magnesium as MgS04.7H20. As
above it was discovered that the effeet of the anion was
negligible e.g. evidence for Mg(BO,); additives gave the
same resulis as those of MgS04.7Ha0.

The inhibiting effect appesared to 1mp:ove with time,
indeed with the lower Mg contents the inhibiting action
seemod to come into play only after some time had elapsed.
The full inhibiting action for a given addition'was observed
moré auickly but at no higher a concentration of residﬁal'
pefborate at a higher temperature. In all thfqe cases
inhibition seems to begin at about ;0-11% decomposition but
at different times, viz. at 24, 10 and 4 hr. for the runs
at 35; 50 and 60%C. There wéé no evidence that the
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inhibiting effect did not continue to improve and the
long run at 60°C‘suggests that a zero (or vérj small ' rate
of decomposition was eventually achievedf

Tnerease in the amount of Mg ion continued to
improve stability even up to 8% The point'at"which
inhibition Jjust began to be noticeable was a function of
the amount of added [ng and of the amount of avéiiéblé
oxygen deccmposed (or of the amount of BOg ion formed ).
This 1s only clearly demonstrable for the Mg additions of
0.5, 1.0 and 2.0% where inhibition first occurs at 0.25,
0.5 and 1.0% of available Og losss In these cases we could
put the [BOQ”] as in the ratio or.1:2:4 and the p:oduct
{Mg++ added][BOy¢ ] is constant at the point of onset of
inhibition. The addition of 4 and 8%.also conform roughly
to this 1nterpretation; Work on dilute solution to be
dascribaed latgr suggested that the inhibition.by Mg was
associated with the formation of a precipitate. The
precipitate must thusvbe represented as Mg (BOg )(BOg ) to explain
these results, the [BO4] being roughly constant in the above
cases. The process might be, however, controlled by pH. A
which does of cource alter during the decomposition.

(e ) Effsct of HgBOs.

Fused perborate may be regarded as a fairly dilute
solution of Hy0z in a strong salt.solution (Na*, Bog', BOy'
and more complex ions) at a pH determinated by the hydrolysis

of the borate and perborate ions.



The apparent pH of the fused material supercooled
to 30°C when measured with a glass electrode (imﬁersed the
glass electrode and the saturated calomel reference
elactrode directly into the fused material) was 9.76. This
could be adjusted by the addition of sither HgBOz or NaOH.
Fig.14 sﬁows the effect of addition of small amounts of
HaB0z (1-4%) on the decomposition of perborate at 80°C.

The initial loss of oxygen was greatly enhanced by
the HgBOs, which was added aé a fine powder to the perborate
baefore fusion. Thus with 4% HgB0g (more than this could
not be dissolved in the standard fusion time ) one quarter of
the available oxygen was found to be gone at the end of
10 mins. By the end of 1 hour the usual zero order rate
process was established and the rate was then found to be
increased only slightly (ca.15%) for a pH drop of 0.8, as
measured by the glass electrode. This result indicates a
strong heterogsneous catalyﬁic effect of HzBOg and a small
accelerating effect in the fused state. If the effect is
produced through the medium of the pH we would conclude
that the decomposition is one slightly accelerated by
incrcase in (H¥]. It is impossible to draw a quantitative
conclusion but one important result stands out: traces of

HgBOs enhance decomposition in the initial stages of fusion.
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(f) The results of adding water to perborate(p°3 gm)
samples prior to fusion etc. are shown in fig.1l5 in a

plot of +titre against time. Thus tre time for half
decomposition at 60° was 480 min. for the fused state in the
absence of Hz0, 150 min. with 0.1 gm. Hz0,100 min with 0.2 gm.
H,0. This graph also shows that the zero order process
persists until roughly g decomposition. However if the
concentration units are expressed as moles NaBOg changed

per 1000 gm. HaO, then, the same zero order rate is observed
in all cases.

. Decomposition of dilute solutions.
Fig.16 1llustrates the decomposition of 0.7M and

0.3M solutions of NaBO3.4Hp,0 at 60°C. Also shown on the
same grapn are the corresponding decomposition of perborate

solutions made up from adding thg_requisite amounts of

NaBOg.4Ha0 and HgO. Kinetic treatment of this range of
concantrations show that following a zero order process
which holds down to 0.25 molar a first order region is
observed. This is shown in Fig.l7.

At low concentrations, i.e. < 0.1M, the reaction
becomes slower and eventually obeys second order kineties.
This is 1llustrated in Fig.18.

Action of added coppex.

The effect of adding Cu, in the form of CuS04q.5HZ0
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to a 0.25M perborate solution is shown in Fig.19. The
gunantities added were 27.2,.and 36.3 and 52.7 DPeDoMo ;n
Gu respectively.

The additions were made five minutes after the
solution had been brought to temperature.

A light brown colouration was observed immediately
on the additlion of the copper and after a period, the
length of which was proportional to the amount added, a
light brown turbidity appeared in the solution and began to
floéculate, the particles being supported by the oxygen
bubbles adhering to them. As tpis preclpitate appeared,
the solution became clear again. Observation of the
reaction vesgel showed that all the oxygen evolution was
taking place at the precipitated particles. on removal
of the precipltate from the solutiony the decomposition of
the solution had virtually ceased. '

However, if the precip;tate was left in the solution
1t gradually changed to a gresn colour as the decomposition
approachéd completion. The form of the precipitate also
changed and when decomposition was completed a granular
precipitate lay on ths bottom of the reaction vaessel.

It was observed that there was almost no delsay
bafore ,zero order kinetics applied. Also there was go change

in the order throughout the complete decomposition reaction.
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For approximately the same conceniration of catalyst the
time to affect the complete dqcompdsition of the dilute
solution was about gth of that in the fused state. This
agrees with the half-decomposition time quoted above and
suggests that dilution has little effect on the mechanism
6f Cu catalysis. '

‘Action of added iren.

Fig;zo illustrates the results obtained on the
addition of an Fe catalyst, in the form of a solution of
FeSO;J?HZO, to a.O.BSM perborate solﬁtion. The quantities
added wers 2.1, 4.2, and 21 p.p.m. respectively. These
additions were of'thé saﬁe'order of magnitude as those
addad to the fused state.

As Qas‘bbserved with copper, a brown colouration of
the solution appeared which subsequeﬂtly disappeared when
a reddish-brown flocculent precipitate appeared. Once
agailn the only observable oxygen bubbles came from the
suspended particles. No cbéhge in colour of the ﬁrecipitate
appeared on completion of the decomposition, although.the
same changs in form occurred as abova.

In the concentration rénga <0.1M a second order rate
law applied, as is shown in Fig.2l. ‘

F;g.22 shows the rate of decomposition as a function

of added Fe or Cu in a'0.25M,sb1ution{



Fig.23 shows the results obtained when sufficient
stabiliser, in the form of MgS0,.7Hz0 or Zn80,.7H,0, vas
' added to 100 mls. of dilute perborate solution, (0.25M) at
60%C, after 15 minutes. Total inhibition was soon effected.
The actual quantity of stabiliser sdded was 2 mls. of a
.0.18M solution,

On the addition of the Mg solution an Immediate
‘eloudiness appeared, but it was approximately 35 minutes
later before this eloudiness became a floéculent precipitate
with a resultant clearing of the rest of the solution. When
the Zn solution was added an immediate bulky flocculent
precipitate appeared.

If the stabilising precipitate was left in contact
with the solution it was observed, aftsr about 5-7 hours,
that;a further very slow decbmposition of the perborate
cdmménced. This subsequent decomposition also appeared to
be of zero order. Fig.24 illustrates this effect.

Similar experiments éere carried out with solutions to whiech
Fé and Cu catalyst were added. Fig.25 shows the results for
Cu. The Qolution is 0.25M perborate solution at 80°C,
containing 27.2 p.b;m. Ca and three different concentrations
of a MgS0,4.7H20 solution were added after 20 mins. With
each increase of [Mg] there was a definite reduction in the

zero order rate.
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Fig.26 shows the effect of adding the same quantity
of stabiliser at two wldely differing stages of a decomposition
of a 0.25M perborate catalysed by 21 p.p.m of Fe at 60°C.
There was a definite inhlbition which was Improving with time.
When the Mg was added after 20 mins. complete inhibition was
observed at once whaere as when it was added at the same time
as the Fe its inhibition effect began slowly and continued to
increase.

The pH of borat t te s OnS o

The pH of mixtures of perborate and metaborate solu-
tions 1is indicated graphically for a range of concentrations of

metaborate solution with Hp03 or viece~versa. From Menzel's®

data for the BOa’/HQOa/BOQ equilibrium we may caleculate that
a decrsase in pH is egpected when passing fronm BOé to Bo;
and this amounted to about 1.5 units in the more concentrated
solutions. In the more dilute solutlions our results confirmed
Menzel's and may be represented as & determination of the
squilibrium.

B(OH JgH0, + HsO <~— H.B(OH ), *+ Hz0.
where B(OH)4.H203' represents-—the perborate ion inthe form chosen
non-committally by Kemp? In the more concentrated soclutions
cur rasults go outside the range pfeviously reported. The
above equilibrium constant 1s no longer constant and we may
conclude, with Maenzel, that association (dimerisation and
trimerisation and mixed complexes) complicates the solution

to an extent which defies simple represent&tion. However,



the resulis show that a sensitive pH measurement could
wall be used as a method of following the decomposition
cf perborata. Hood: in this laboratory, has carried out
a study using this method. The bearing'of the pH changes
on interpretation of the decomposition process will be

discussed later.
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ISCUSSION

‘As'Kemp'g recent (1956) review shows, the nature of
the metaborate ion in solution is fairly well zgreed upon,
at least in not too concentrated solutions, but there is
much less known, or agreed, about the perborate ion. The
metaboraté ion, as shbwn by cryoscopic and Raman date,
is monomeric with the accepted structure B(OH)y . Activity .
determinations (caleulated from the activity of the solvent)
suggest that sodium metaborate behaves like a typical 1:1
électrolyte up to at least 1M. There is no direct evidence
for polymerisation of the 1on though, of course, the crystal-

line anion is recognised as trimerie, thus:

R )
0 ~ BZ S
0 = B7 0
b el Pt
\0 i

- s
Kemp considers this evidence following Wells and others.
The dimeric grouping does not occur, possibly because it

involves a very considerable distortion of the bond angle in

0 =
P Y B

The naturs of the boron cbntaining jon in a metaborate

solution containing Hp0p 1s less clearly or definitely

g




understood, although Menzelt from cryoscopic, conductimetrie,
solubility and partition (of HgOpz, using amyl alcohol)
measurements,was able to conclude that a monomeric ion
containing paeroxide oxygen and represented as [B(OH )g.Ha03]
occurred in very dilute solution (= 0.05 M)

He was able to measure the constant for the exchange.

B(OH )g-Ha03 < B(OH )y + Hz04 W St SRR o
as 2 x 1072, Menzel claims no evidence for exchange but for
the sake of simplicity we shall write the ion as B(OH Jg. (0gH )™
and the equilibrium as
B(OH)3(0zH) + Hz0 «— B(OH)y + Hz0g .c.ceeeees(2)

At concentrations in the range 0.1 - 0.2M complex ions
appeared, and in the presance of extra Hg0Op the anions
contained more than one equivalent of peroxide oxygen per
atom of boron. It thus appears that the presence of Hy0g
facilitates polymerisation and complex ion formation and
there is little doubt that in solutions of 1M and above the
monomer ion 1s no longer found. Most authors favour the
dimeric structure for the ion under these conditions in the
crystal. Partington and Fathallah1 and Manzel3 favour

HO\B/O\B’OOH 5
HoO” No” S oH

but this quite ignores the fact that the oxygen bridge does
not appear in the metaborate case. Thus on oxygen strain

3
grounds we would prefer the structure of Carpgni s



xa

HO g - 0 0H
Gt \\‘B’//

HO‘// \\‘0 - 0’// \\\OH

and would point to the sterically favourable double oxygen

bridge as the reason for éarly onset of complex.ion formation
in the presence of HpO0p - a dinueclear form would always
be expected to form sooner, if permissible, than a trinuclear
one. _

Recent N.M.R. work by Connor and Richards, suggests
that in the erystalline state the ion contains only one type
of proton interaction - that assoclated with Hy0,. Thus
there can be no free Hz03 and furthermore we should write

the ilon for the erystal as '

0~0 =
0= B B =0
( \0"0/

It isL;ot Impossible, howsver, to speculate with much
confidence in the absence of an X-ray study, which is still
avaited in the cese of the perborats.

In solution the situation is, of course, even less
precise, but we may expect, in most of the cases dealt with
by us, a preponderance of dimeric ions, probably hydrated,
with all the peroxy oxygen in bridged double oxygen positions.

Two hydrolytic processes will occur, viz:



=
HO 0 =0 OH -
Nk Sl 3
B B + 2Ha0 = 2 [B(OH )3.05H] i b e )
L{o/ b BT e

and
B(OH )g.0gH  + Hg0 = B(OH), + HpOg AP R UL

The first will yield an appreciable proportion of the
"peroxygen” in "unprotected" positions.

We can take it that oxygen loss during catalytic decomp-
osition comes from HOp y HgOy or the unprotected HOy group in
the monomeric perborate ion.

These experiments indicate the importance from a
kinetic point of view of the more detailed study of the
decomposition during the first phase of decomposition.

2. Loss of oxygen from the solid tetrahydrate.
The results of heating the perborate tetrahydrate

at 80° in vacuo show that during dehydration from the dry
solid no loss of oxygen occurred. They are substantiated by
the open tube experiments. In all other experiments the
nature of the crystal mass indiéates that at least loeal
fusion occurs, as shown by "elinging" of the crystals, or
loss of fluidity of the powder, and eventual fusion.

Experiments (Figs. 2, 3 and 4) show that the rate of
oxygen evolution incre: .48 rapidly until about 40%

decomposition and that liquefaction 1s determined solely by



the amount of decomposition.

The 60°C in vacuo experiment shows auite negligible
decomposition, evan at this elevated temperature from a
truly dry crystal. The single crystal observations support
this and show no evidence of oxygen loss from a clean
crystal surface even in the presénce of water vapour at
temperatures in the range 50~=70°C.

A review of the fesults of the study of the initial
1% of the dacomposition process at 35°C and 20.5° gives
no certain evidenca of loss of oxygen frop the solid but in
both cases there seems to be an indication of a very siow‘
initial rate which is difficult to regard as other than a
solid phase, prefusion, probably surface, process. At 35°C
thié initial process varied greatly in rate from one sample
to another and this leads to the suggestion thst the specifiec
surface area of the solid has a bearing on the initial rate
of cxygen loss and in fact thaf this process represents loss
of oxygen from the crystal surfaca.

A% 35° fthe striking feature is the sharp change from
the slow initial process to a 10 times faster process which
dogs not seem to be associated with the obvious onset of melt-
ing phenomena in the powder (loss of mobility, clinginé ate ).

This secondary rate may perhaps be associated with formation



of a l1iquid film in the surface féissures. At first the
rate of this liquid f1lm process is sensitive to surface
atate and possibly therefore to surface area. But later,
perhaps when the erystallites and their cracks ard fissures
become swamped with liquid the rate of oxygen loss shows
no relation to the original form of the erystal.

w1th'this picture in mind the results with the partly
dehydrated powders can be explained in terms of their
gsurface areas. The small crystals of the normal NaB0Os.4Hz0
are converted into an aprarently amorphous form by dehydration
and 1t is quite clear that the remaining tetrahydrate, after
some water has been removed, will have a very greatly increas-
e¢d surface area which will be covered with multitudinous
daeep cracke and fissures. Conditions 1ﬁ these fissures may
favour liauid formation and accumulation once the crystals
are restored to an atmosphere with the equilibrium water
vapour pres-ure. This may explein the lack of the initial
"s0lid" decomposition with the partly dehydrated samples.
On the other hand it could be that the "solid" decomposition,
being a surface process, is now so fast that it passes over
without observable break to the "liquid £4lm" process. A
difficulty is the fact that NaBOz.HgO does not seem to act

as a 8Behydrant, preventing the formation of a saturated



golution near the ramaining tetrahydrate as it might have
been expected to do so.

The enhanced rates of decomposition with samples
containing more than 4.00 moles HzC per NaBOs, i.e. less
than perfectly dried, are easier to explain. Here the
slight excess of water availéblé’will ensure'that the crystals
are sufficiently wet from the start of the experiment. At
this point we may conclude thaﬁ the most stable fbrm of the
hydrated perborate should be walliformed, clean crystals,

kept at the equilibrium vapour pressure.

8. (1) Fusion of the tetrshvdrate.

To answer the quastion "how does fusion ocecur in the
sodium perborate tetrahydrate" at temperatures as low as
29°% and even as low as 20.85°% one must turn to the work Qf
van Gelder? who has made studies of the system NaBOgy, NaBOg,
HzO. Van Gelder found that the behaviour of the system 1s
complicated by the fact that balow 35°C the trihydrate is the
stable form of the perborate and that the reaction

NaBOg.4H30 —» NaBOg.3Hg0 + Hg0 ceccecss scsassss(B)

oceurs with loss of weter. This is an extremely slow
process, howvever, and does not oceur notiééabiy in crystals
of the tetrahydrate but could well be faster at disrupted
interfaces of cryatals. The importanee of this change is




the loss of water whiech, if 1t is not removed to the wvapour
phase, would remain to form a saturated solution.

A more complete account of the system contalning
metaborate reveals that very low sutectics occur and that
& solid compound NaBOg.NaBOg.4Ha0 is formed. Thus at 22°C
and above a dry mixture of NaB0O,.4H3C and NaBOg.4H0 could
slowly form NaBOg.NaBO3.4HpO and saturated solution if kept
in an enclosed space, i.e. if no water vapour is allowed to
escape. UWhile the transformation in a2 mechanical mixture
may be expected to be negligible it could be quite rapid
when B0z ' ions lose oxygen in a surface layer of the crystal
and then give BOg '.BOgz' ions in close proximity.

The explanation of signs of melting at 26.5°C - below
van Gelders lowest eutectic must lie in the presence of extra
water and in the closeness of the vapour pressure of the
gaturated solution and the equilibrium pressure above the
hydrate mixtures. |

Plainly there is ample justification for assuming that
fusion occurs in 2 perborate mixture partly as a result of
decompcgition but also it is possible at an extremely slow
rate even without decomposition due to the tetrahydrate -
trihydrateltransition. It would not of course occur if the
water vapour pressure is kept just below that of the

saturated solution.



A later section may be anticipated to mention that
the stabilising action of Mg ions at the perborate crystal
gurface can be sean to be limited with the formation of an
insoluble precipitate probably Mg(BOz.B03 ) whiech could
remove any BO,' found and prevent its participation in

eutectic liquefaction.

3. (4i) Dgcomposition of fused tetrahydratae.
The object of the study of the decomposition of fused

perbor:;e_was to establish its main kinetic features.and to
obtain sevidence on which to base a suggested meéhanism both
for the decomposition and for its inhibition, particularly
by Mg, ‘ i

It seemed reasonable in view of the conclusion of the
first part of the work to conclude that these results would
then apply to the observed decomposition of the 'solid'
perborate. - &

The graph in fig.8 demonstvates quite clearly that the
progess 18 gzero order in available oxygen during the
majority of the decoﬁposition.

Unfortunately available oxygen is not the only changing
entity, for during this change from BOs' %o BOs' ion in
concentrated solutions the pH increase of 1.5 units has not

to ba overlooked. We shall discuss this below in connection



with more dilute solutions.

We may show here one consequence of the zero order
decomposition. Addition of water Fig. 15, to a given sample
of NaBOa increases the rate of loss of oxygen since it
increases the volume in which the constant zero order process
is operating. This observation gives rise to some difficulty
if the decomposition is regarded as heterogeneously catalysed,
gince dilution would not be expected to increase, in proportim
to the volume, the efficiency of the .catalyst. This point
will be returned to later.

The temperature coefficient of the zero order rate
agrees with the temperature coefficient of the apparent
solid process.. From log i1y (rate )/\} the Arrhenius calcula~
tion of energy of activation gives 19.0 Kg.cals. in the
range 40, 50, 60, 70%C (See Fig 2). This supports the
proposition that 1t is a fused perborate decomposition which
1= observed in the "solid" state process and that the solid
takes no part in the decomposition either directly or by

catalysing the liquid decomposition.

3. (ii1) Catalysis in the fused state.

Naither Fe nor Cu catalysts additions substantially
modifies the form of the decomposition process although both
substantially increase its rate, Fe much more so than Cu.
However, both show for the bulk of the decomposition a zero

order process. Cu has the rather curious effect of appearing



“o maintain the zZeroc order process to a lower concentration of
available oxygen than is found in the absence of added Cu
cr with Fe.

Fig. 12 givas some ground for the contentions that the
decompogition of the perborate as proposed is whollyr due to
catalysis and not to an inherent decomposition of the pure
NaBOa. Thus extrapolation of the linear rate of decomposition
//{catalyst] graph to the "natural rate would predict.a ‘

J reasonable amount of both Fe and Cu. In fact traces of
other impurities,; e.g. Mn,; Cr, way be sufficiently high to _
act as catelysts and to enhance the action of the traces of

Fe¢ and Cu actually present.

3. (iv) Stebilisation in the fused state.

Stabllisers arg quite well known in peroxide technology.

Crganic substances which sequester potentially catalytice
jons like Fe+++ have been used for many years as additives
to less pure technical Ha0z solutions. Inorganic salts,
partiecularly phosphates, have also been used for the same
purpose. Their precise mode of action has nof been the
subject of a definite investigation until very recently by
Wynne-Jones g&,g;f wvho have shown that complex 1lon formation
with the potential catalyst is effective here also. These
neroxide stabilisers seem to act as catalyst poisons rather

than as chain terminators in a peroxide chain. The inhibitory



action of metal ions other than the transition element ions
has not been remafked upon to any great extent though it 1s
kxnown that Zn++ and Cd++ do partially inhibit the decomposi-
tion of pure Hz0y solutions in neutral or slightly alkaline
solutions. No work is known which explains the action of
these lons.

In the case of commerclial preparations of erystalline
perborate, Zn and Mg salt additives during‘manufécture are
both known to effect stabilisation. As showﬁ'in Fig. 8,
MgS04.7Hz0, addad durlng crystallisation of the tetrahydrats
to the axtent of 47 of the resulting crystal mass, produces
a dramatie suupression of the "liquid phase" decomposition,
thoueh it does not eliminate the'slower "prefusion”
decomposition. The latter i1s, of course, extremely small.

Figs. 13 and 13 a 1llustrate a sﬁfprising feature of the
action of Mg+v in fused perborate. Thus the decomposition ié
slowed down only aftér an appreciable time - or after an
appraciable amount of metaborate is formed (the effect could
also be related to pH). ATter about 25% decomposition the
decomposition with 2/ MgS04.7Ha0 present has been reduced to a
negligible amount. Witﬁ less Mg the fraction of décomposition
required to reach a low o} ze}o raée is greater. Of interest

too is the result that onset of inhibition, (fig.13a) with

a given Mg addition, occufs at é fraction of decomposition
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which can be related linearly to the [BOs'] formed. Thus
at the onset of inhibition the produet (Mg’ J[BOz~] 1s a
constant. In this expression the term [Mé++] is written
for'the concentration of added MgS0g.7HZ0.

The pogsibility that it is the pH which decides the onset
of inhibition in the presence of added Mg++ cannot be completely
rg jected since there is in fact anlincrease in'pﬂ with
decomposition, but ths change is very small. Thus at onset
of inhibition with 0.5% MgS0s the [OR™] = 4.2 x 107 ° and for
2% 1t 18 3.7 x 107%.  We shall thereforé set aside the pH

ag the decisive influence in controlling Mg inhibition.

4, Decomposition in dilute solutions.
Worlt in the dilute solutions was undertaken with the

main purpose of investigating the mechanism of catalysis and
inhibition. The overall kinetiecs are clearly similar in the
whole range of concentrations from fused perborate to dilute
solutions.

This ig ifilnsgtrated in the experiments to show the
effect of water addition to fused perborate. In each case
the dscomposition is zevo order in peroxide or available
oxygen from high concentrations down to a value of about
0.15 M after which the rate falls off, passes3 through a rangs
during which it is approximately first order and then below '
0,04 becomes second order. The metaborate acts as an

inert electrolyte. Furthermore since there is no evidence



of any kinetic effect of the inert salt we may assume that
there 1s no charge change involved in the formation of the
transition state in the rate determining step in the kinetic
schemea.

Added catalysts affect the form and rate of decomposi-
tion in dilute solution in the same way as in the fused
liguid though the effects are more striking. Iron tends
to bring to higher concentrations the onset of the nonezero
order process, while copper addition maintains the zero order
rate down to the lowest concentrations. We can use the result
to support the hypothesis that decomposition in the "pure"
perborate is in fact catalytic and due mainly to iron.

Fig. 22 suggests this.

5. Mechanism of decomposition.

The kinetlc form of the decomposition suggests a
catalytic process involving a fixed concentration of a
catalyst and the formation of addition compounds between the
catalyst and the peroxide in which there are one or two
equivalents of peroxide. Such a process is encountered in the
action of catalase on HpaOz and is shown in Wynne-Jonesxu
recent work with ferric catalysed HpO5 decomposition in acid
solutions. In the latter work the active species is the

hydrated ion . In catalase (or in the synthetic complexes)



it is in the fomm

Rs,

Rq R L OH”
;;Fh\\
Rs' | 0H

Ry

where R,, Rz etc. may bs amines or part of a protein
structure. In all these cases we regard the active )
essential as the Fe(0H); group. In our case it may be the
surface of a Fe{0H )y, Feg0sz, or hydrated ferric borate
particles. The only essentlal is that it should bq possible
to exchange two - OH groups which are attached to the iron -
and therefors within range of electron transfer ~ with Hj04.

Thus
|

| om | 048

N e VYR »

/Fe/ + H;;O,g “""_;‘\,.Fei s Hgo ...-.........o(s)
| “OH | "OR

and! ‘

OBH Ozﬁ 3

>Fe< + HaOg r..—~s:‘,';Fe/ + HgO FIRE VSRR s A e o

’ OR l \oaH

To explain the kinetics we need only assume that the
total concentration of::iFe::'remains constant ~ let it be 'a’,
and let the fraction of it which appears in the mono~ and di-
peroxy complex be fy and fp respectively. Now we must assume,
to produce an squation which satisfles the obserwved form of
the kinetics, that the decomposition process itself takes
place in the di- peroxy complex by some process involving an
@lectron transfer wvhich is rendered favourabls b& the nature

of ths ircon atoem. Then the rate of decomposition will be:



I‘-”—kfga G e DO SO OOO e (8)

and we may now relate fsa to the [Hp0z], which we here dencte
.-

as “c", from the egquilibrium conditions applying to equations

(6} and (7)), viz:

K).‘-—' fla (l-fl-fs)ac ..y.u.-o‘ooocoo;o-. (9)

K, =
I-,g, faa/flac : s e B e e e Wi s (10)

from which is obtained )
. kK;Kgac®
1+ Kie + KKz

oooogioeooooooooo (11)

r = kfqa

wvhich gives in the 1limit, 1= (K;c + legcg), the second order
Dyocess
l":'-'kKlKgaca 0900306000000 000B00 (12)

and at higher "¢" where KlK,-,c’l > (1 + Ky¢) the zerc order

r = ¥K;1Kaa NN R PR e T ¢
In both cases, for a given value of "¢", r oC a as
found aceuratsly for the higher concentrations and approximate-
ly Tor the lower.
In the case of copper catalysis'we may suppose a

similar mechanism, but in this case the 1limit

K:Kseo > (1 + Kje)
applies to much lower condentrations than in the case of iron.
This would suggest a much higher value for K; for copper tban
for iron. -

It should be noted that the small or even negligible

iffact of ~oncentration salt solutions or pH on the rate of
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+ HOp i T ]

| OH [on
From the results the constants are readily dvalnatad anﬂ”
an expression obtained which represents the results ovor’tha J

whole of the range of concentrations. Thus we ob%ain

ka = 0,0508
Ky = 1530 i
Ka = 0.85. o ',ﬁug
It may be remavked at this point that it is somawhat ""ﬁ
surprising that borate has so little inbibiting action on %

iron and copper catalysts which sesm as active on a p-prm.': '*‘w@

basis in the presence of bhorate as in pure agueous Hz0p
solutions. It might have besn expected that irscluble
borate formation would have prevented that catalytie action
One may infer that even in any catalytic ion-borate compounds
formed there are still exchangeable -0H and =0,H groups |
which can lead to catalysis.

Mg inhibition must, from the evidence already referred

to for the relation [Mg++][B03"] = constant, at onset of

S 2 St e T

iy ==
S

T Edacaesi

inhibition and from Fig. 286, and also from the observation

that cloudiness and eventual precipltation occurs at during,

S

but not before, inhibition, must be explained in terms of

o
e

an insoluble salt (Mg (B0, J(BOg). The expression for the

e

rglation bstwesn thes ifonic concentrations at precipitation,

. b LR 5. R
o AT LRI s o



[Mg™] [B0,7] [BOs™] = constant, 1s the same as the
constancy found at inhibition, since under these conditions
[BOa~] is practically constant, only about 2.5 ~ 10%
dscomposition being involved.

We may explain the effect of M¢++ in preventing the
onset of the "liquid" dacambosition in a crystal mass in
similar terms. The formation of liquid is certainly due
to the eutectic associated with formation of the double ion
(302.805 )° and if the Mg salt of this is insoluble, liquid
formation would be prevented.

Thus Mg»salts inhibit decomposition in the crystals
for two ressons. They prevent formation of the liguid
phase and at the same time inhibit the iron (or copper)
catalysts which are responsgible for oxygen evolution.

Before leaving this matter we may be excused a
speculation on the nature of the (B0z.BOs)® ion. Already
we have seen that the ion (Boaif seems to have a greater
tendency to form than (Boalaa. Thislwas explained in terms
of the strain in a four-membered B-0 ring [in a hypothetical
(Bﬂg)aal precluding its formation what we now seem able to

conclude is that (B0g.BOg J™ may contain a five-membered bridge

O=BT I =0

vhich forms most readily of all.



6. General Conclusions.
In outlining the general principles of the decomposition

of Hso0gz in solutions containing borates (and in solid perbor-

ates ) we may regard as strengthened the general theoretical

interpretation applied to all HgOy catalytic decompositions

that rupture of the O-0 bond is achieved via the formation

of a diperoxy sttachment %o an lon capable of an elsctron

exchange. The formation of this complex from solution at

pd wvalues not greater than 11 involves the undissociated

HgCxne This general conclusion sesms equally valid for a

dissolved ion as for a surface anchored ion in the form of

a fragment of an oxide of a transition element, e.g. Cuz0,

Hngz0g or indeed Ags0.
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SUMMARY

Tiigme

In Part I a detailed study is described of the
electrode kinetics of a sllver electrode in the presence of
Hg0g solutions from 0.0003 to 33M and in the pH range 1-13
Special attention is paid to the equilibrium pqtentidlé and
to their dependence on pH and [Hg0,]. At high pH the
results of Berloa for carbon electrodes are found to apply
and the electrode potential is bqth pH and [Hp0z] dependent
and is given by the equation:

E=0.91 -~ 0,069 pH = 0.03 logao [HgO0g] cvcecceeoali)
which; following Berl, is consistent with the following
reversible electrode reaction

HO™ % H0g =0 % O W0 " cosersssihsrbosisss sLALA

There is always catalysis even in the absence of current
flow and this can be explained by breaking down equation (i)
into l-electron steps with HOp, radicals as intermediates:

HOg™ ~—> HOp + e

HOg™ + HO «—=Hp0 + Op WA OB AL s L

Og «—>0g + @

Reaction between HOg and HpOzcould produce degompOQition
cycles. At low pH (<8) the e.m.f. becomes independent of
[Hz0z] and is then given by

E= 0,85 - 0.0589 pH sosuvssssbesnusonve Ad
which is the result found by Bockris and 0ldfield = for
platinum and gold.



(vii)

Other metals, viz., Cu, Ni, Mn and Fe give identical
potentials and it is concluded that the metal plays no direct
part in maintaining the steady potential. .

A possible scheme is based on one put forward on a wide
range of electrode kinetic evidence for platinum by Gerischer
and Gerischer?8 In the silver case it becomes

+ . HO

Hg0p A = HO
ooooo-.o_(V)

HeOg + H + ® = Hg0 + HO
the HO radicals reacting further
HO + e .é HO™
or as centres for catalysis.

It is found that, at [Hz03] > s above 1 to 2 M and in the
pH range 3-9, an [Hz0p] dependence occurs. This is explained
in terms of a separation of anodic and cathodie areas. The
anodic areas, once formed, are perpetuated by the fact that
a p-n junction would be created at the metal metal oxide
boundary and would permit current flow in one direction only.
A proposal is made which on this basis links the potential
in this zone to [Hp0z].

Experiments with flowing currents introduce the
reguirement that the anodlic and cathodic reactions are 2~
electron step processes involving 2 transition complexes per
Hz0z molecule. Such a process would be written

Hz0g + 2 —> 20H

'

-.o..-.....(?i
Hp0p + 20H ~——> 0p + 2Hp0 + 2e
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and the transition complex would indicate that the rate
determining step must involve an adsorbed OH rédical or ion.
Finally we show how these facts can be fitted in a general
way to the Hoarvl scheme for the oxygen electrbde° The schehe
fits in also with a second order [HgOg] dependence found for
the rate of decomposition.

Part II describes a detailed account of the kinetics of
the loss of oxygen from NaB0z.4H,0 in the solid state, fused
state and in dilution solutions, withend without added iron
and copper catalysts, and also of the subsequent inhibition
by magnesium and zinc compounds.

For the study of the rirst one per cent oif' loss of oxyger
from the solld perborate a differential tensimetric technique
was adopted.

Results obtained from decomposition of the solid
perborate showed that a least partial liquefactlon must occur
before decomposition commences - heating the perborate at
60° in vacuo showed no loss of oxygen at all.

The results obtained from studies of the decomposition
in the fused state indicated that the decomposition waé
entirely due to catalysis and that there was no inherent
decompoéition in pure perborate. This was confirmed from
experiments on a few very pure perborate crystals.

Stabllisation of the fused material by the addition of
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magnesium sulphate ylelded a relationship with the [BOg ']
present, viz., at the onset of inhibition, the product
[(Mg*™"1{B0s '] = constant. .

- Studies in @ilute solutions showed clearly that the
overall kinetics for the decomposition were identical with
those for the fused state, and from the results it was
concluded that the decomposition was indeed catalytic and
due to iron.

The suggested mechanism which complied with the
kinatlics of the system studied 1is as follows.

o b Ben
2
>Fe/ +H808 !""—'; >F8: +H20 ooooaoooa(vj.:
| TOE | TOH
Lo 0H | _o0.m
2 2
>F3< oy HgOg """"5>Fe/ > H;;O I - (Vil:
| ToH | TS0gH

i1.e. a fixed concentration of catalyst forming addition

compounds with Hz0z, the only essential being that it should

be possible to exchange two-OH groups, attached to the iron,

and therefore within range of electron transfer — with Hz0p
3

. kKzKzac
From (vii) and (viii) we obtain » = 7% Kie +7?:3;Eé

which gives in the limit 1(K;e + KiKsc®) second order
kinetics and at higher [Hz0,] where KiKpe® (1 + Kjc) zero
order kinetles apply. These equations agree exactly with the

observed experimental results. ;



g

Stabilisation is explained in terms of the formation
of an insoluble salt (Mg )(BOa )(BOs ) which both prevents
formation of the liquid phase and, at the same time, inhibits
the catalysts. _
Consideration 1s alsc given as to the nature and struec-

ture of the metaborate and perborate ions.




The dlagraM1of the simple qpparqtus employed is shown

Ll F13'2°. Th@ reaction vessel was immersed in a vfi'

g,

thermostatically controlled bath at 25°C + 041°, ,
The réaction was carried out in a three necked round

bottom qnickfit flaslky, v, of 400 ml. capacity. One neek

.carried th‘ gas funnel off~take which led to the gas

measuring ﬂb@aratus. : Another neck 1ncorporated a mercury

‘seal through which a soda glass tube, with the silver catalyst

sealed 1nto it,tcauld be- 1nserted. ' Thp:other'neck was. used
elther for stirr!npror for sweeping the vessel clear of air
by passing Ny through 1t.

To measure the changes in pressure dus to evolved oxygen

.8 gas burette was 1n1t1a11y employed, but was found to be

unsuitable fogtmeasuring sma;l changes in volume over small

‘periods of tiﬁe. However, a'soap'film flow meter was found

to be qonvenient for these measurements, it consisted of a

.calibrated glass tube, along which a soap film was propelled,

the tubde being attached to a glass mirror seale. - The pressure
difference across the film was very small and the resistance
offered to the film by a clean wet tube was negligible.

Henbe.the.volume or'ges'measured by the film movement could be



