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Abstract

The electrochemical behavior of selected molybdenum aquo ions
in acidic media is examined in relation to solution structure,

The electrochemistry of Mo(VI) in non-complexing aqueous
electrolytes is usually severely complicated by the oligomerization
and subsequent adsorption of the reactant. This problem can be
circumvented by employing dilute (< 10™* M) solutions of Mo(V1) in
1 to 2 M trifluoromethanesulfonic acid. Under these conditions stair-
case voltammograms and pulse polarograms exhibit single, reversible
waves that are consistent with the one-electron reduction of an unad-
sorbed, monomeric Mo(VI) species. The pH dependence of the
reduction potentials suggests that two protons are consumed in the
reduction of each Mo(VI). The monomeric Mo(V) reduction product
undergoes spontaneous dimerization with a rate constant estimated as

10°m 5™

. It also reduces perchlorate and nitrate anions at a
significant rate.

The Mo,(V)/Mo,(1II) redox couple in acidic solution involves an
overall four electron-six proton transfer connecting the two participants.
This redox process is characterized by extreme electrochemical irre-
versibility. Reduction of the Mo,(V) aquo ion to the Mo,(III) aquo ion
proceeds with an, equal to 0.73 and a proton reaction order of 1.4.

A chemical step with an inverse dependence on proton concentration
precedes the reoxidation of aquo Mo,(IIT) to aquo Mo,(V). Plausible
mechanisms are given for these observations.

The trinuclear ions containing Mo(IV), Mo,O,(HZO);+ (Mo,(1IV))

and an oxalato derivative, Mo,0,(C;0,)s(H,0); , can be reversibly
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reduced in acidic media to trinuclear Mo(III) species. The reductions
involve two sequential electron transfer steps with formal potentials
that are pH dependent:
Ef
Moy(IV) + 26~ === Mao,(IIl, III, IV)

£
E
Mo,(IIL, TIL, IV) + le” === Moy (IIl).

Two waves are evident in voltammograms and polarograms of
M0304(C204),(H20):' but with Moy(IV) the two formal potentials are too
close together to observe separate waves. However, logarithmic
analysis of the shapes of normal pulse polarograms allowed the two
formal potentials to be evaluated. The reductions of both complexes
are believed to be accompanied by protonation of the bridging and
capping oxo-ligands. The new, trinuclear Mo,(IIl) species resulting
from the three-electron reduction of Mo,(IV) exhibits a characteristic
EPR spectrum. The mixed-valent intermediate, Moy(III, ITT, IV), is
diamagnetic. Possible structural changes that accompany the addition

of electrons and protons to Mo,(IV) are discussed.
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CHAPTER 1

The Structure of Aqueous Molybdenum Compcundsl



Introduction

Molybdenum aquo ions exist in the oxidation states II through VI,
and within each distinct oxidation state the coordination environment is
quite varied. The structures of these complexes in solution have been
addressed by an assortment of physical techniques. The most informa-
tion has been obtained via two techniques, X-ray diffraction of deriva-
tive complexes and extended X-ray absorption fine structure (EXAFS)
analysis of the aquo ions themselves. The results of these studies will
be briefly reviewed using representative compounds to aid in under-
standing the electrochemistry and chemical reactivity discussed in
later chapters. For comparative purposes, the selected crystal struc-
tures will be limited to those with ligands containing predominantly

oxygen bound to the central metal atom(s).

X-Ray Crystal Structures of Representative Mo Compounds
Mo(VI)

The synthesis of Mo-containing compounds most often begins with
Mo(VI), which in nature usually exists as the tetrahedral anion, Mooz-.
Below pH 7.0, octahedral coordination prevails as water inserts into
the inner coordination sphere. Under certain conditions higher-order
oligomers, termed polymolybdates, iorm.2 The polymolybdates exist
in a multitude of structural types3 that will not be discussed here. The
pertinent structures that Mo(VI) forms in aqueous environments include
three distinct types: monomeric, oxo-bridging dimeric, and noninter-
acting dimeric species.

A short Mo-O multiple bond, designated as the terminal oxo bond,



is present in all three structural types. It arises from the strong o
and 7 donation of O to the empty d orbitals of Mo(VI). When two or
three terminal oxo functionalities are present, the typical cis arrange-
ment dictates optimal multiple bonding to the Mo core. This is seen in
the structure? of MoO, (CH;COCHCOCHj), shown in Figure 1.1A. The
terminal oxo bond, hereafter abbreviated as Mo-Ot, has a bond length
of 1,714 as compared to 1.76 4 found in MoO; . Trans to each Mo-0,
bond are the ligand oxygen atoms at the considerably longer distance of
2.24A. The cis ligand oxygen atoms reside at 1,99 &, again reflecting
the trans influence of the strong Mo—Ot bond.

The bonding arguments given for monomeric Mo(VI) are also
applicable to the two dimeric structures shown in Figure 1,1B and C,
The edta (edta = ethylene diamine tetracetate) complex5 (Figure 1.1B)
contains two noninteracting MoO, subunits which are attached to oppo-
site ends of the chelating ligand. The oxo functionalities are also cis
to one another and have bond lengths comparable to the monomeric
species (1.69A). The Ba[Mo,04(C,0,),(H,0),] structure®

exhibits a linear Mo-O-Mo bridge with two cis terminal oxo groups on

in Figure 1.1C

each Mo. The bridge oxygen, Ob, exerts less of a trans influence than
the terminal oxo groups and possesses an increased bond length of
1.884.
Mo(V)

The exceptionally short terminal oxo bond that dominates the
chemistry of Mo(V1) is also prevalent in Mo(V) structures. Invery
strong acid Mo(V) exists as the species'7 MoOXi' (e.g., X=CI7, Br’,

NCS"). Upon lowering the acidity, dimerization occurs with the



Figure 1.1,  A) The structure4 of MoO,(CH,COCRCOCH,),,
B) The structure® of M0,04(C,0,),(H,0)2”
in Ba [Mo,0,(C,0,),(H,0),],
C) The struct:ure6 of MoO;(edta)MoO,
in Na, [MoO,(edta)MoO, ]’ - 8H,0.
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initially formed dimer postulatev:l8 to contain a linear Mo-O-Mo bond.
The exact geometrical arrangement of the Mo-O, bonds is unknown,
although an analysis of the bonding isomers by a simple molecular
orbital method determined® that the two Mo-O, functionalities must be
perpendicular to each other to account for the observed solution para-
magnetism. To date, no crystalline derivatives of aqueous Mo(V) com-
plexes possessing a linear oxygen bridge have been obtained with
ligands bearing only coordinated oxygen. U Lowering the acidity further
results in a bonding change in the dimeric core with the usual species
obtained from such solutions containing a di-u-oxo bridge, as exempli-
fied by the structure® of Ba [Mo,0,(C,0,)(H,0),] (Figure 1.2). The
significant bond distances are: Mo-Mo 2.56 4, Mo-0, 1.704, and
Mo—Ob 1.904. L is argueclB that the observed diamagnetism and close
proximity of the two Mo atoms is due to a metal-metal bond, and there
is physical evic:lence10 to support this idea. The two 0t bonds are cis
to each other and, as expected, exert a significant trans influence.

The central Mo atoms are situated up out of the plane of the four apical
oxygen ligands. In basic solution the cis di-y-0xo core breaks apart

to form a structurally uncharacterized insoluble polymeric molybdenum
hydroxide complex.

Mo(Iv)

The crystal structures of ions isolated from aqueous solution
containing molybdenum in oxidation state (IV) have been determined for.
anionic complexes containing oxalateu and edt:-J.12 as ligands. Both
structures are based upon a trimeric core of composition Mo,,O:+ as

shown for Cs,[Mo,0,(C,0,)(H.0);] (Figure 1.3). In addition, the



Figure 1.2. The structure? of M0204(C20,)2(H20):_ in
Ba [M0,0,(C,0,),(H;0),] - 5H,0 -






Figure 1.3.  The structure!? of Moao.,(CzO,)S(HzO):- in
Cs, [M0,0,(C,0,);(H,0)] * 4H,0 - H,C,0,.
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structure of an isothiocyanato complex has been surmisxed13 to be
trimeric with the same central core composition. The terminal oxo
bond, so prevalent in the structures of molybdenum compounds in
higher oxidation states, is not present in the trimeric Mo(IV) com-
plexes. Unique to these compounds is the presence of a triply bridging
‘capping' oxygen with a Mo-O bond distance of 2.019 &, longer than
that observed for the other bridging oxygen atoms, 1.921 &, In addition,
the Mo-Mo bond distance of 2.49 A is suggestive of a significant bonding
interaction among the three molybdenum centers.
Mo(III

Structural studies of aqueous Mo(III) complexes are few,
presumably due to their sensitivity to molecular oxygen. The aqueous
species of interest include monomeric, dimeric, and trimeric aquo
ions, of which only the dimeric ion has been characterized sf:ructurallypl’14
as a derivative complex. The edta complex of a Mo(III) dimer
(Figure 1.4) has been synthesized by reduction of the parent Mo(V)
dimer. Noteworthy are the absence of terminally bound oxygen atoms
and the presence of a bridging acetate ligand. In addition, the bridging
oxygen atoms are protonated and have a Mo-O bond length of 2, 04 A,
considerably longer than that found in the Mo(V) dimer. The dihedral
angle between the two Mo(OH), planes is 166°; the corresponding angle
found for the MoO, unit in the Mo(V) dimer is 151°, The Mo-Mo
distance is 2.43 A in the Mo,(I') complex, significantly shorter than
in the corresponding Mo(V) dimer.
Mo(m

To complete the sequence of Mo aquo ions, a discussion of dimeric
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Figure 1.4. The structure? of Mo,(OH),(0,CCHy)edta” in

K [Mo,(OH),(0,CCH,)edta] .
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Mo(II) complexes would be useful. The dimeric ions possess short
metal-metal distances characteristic of a quadruple bond. For com-
parison to the following EXAFS studies on the Mo:)r ion, the structuz'e15
of Mo, (O,CCHj), is shown in Figure 1.5. An exceedingly short Mo-Mo
distance of 2,113 is found in this well-studied16 entity. The high
symmetry (D 4h) is another characteristic feature of dimeric Mo(II)

complexes.

EXAFS of Selected Mo Aquo Ions

As a simple aquo ion, molybdenum in the oxidation states II
through V is extremely difficult to isolate as a crystalline solid.
Although Mo(VI) species are well characterized by X-ray diffraction as
simple aquo ions, the other oxidation states are structurally character-
ized only from derivative complexes, Despite this limitation, a certain
knowledge of solution structure has been realized from the EXAFS
analysis of selected molybdenum aquo ions.:l A detailed description of
the theory and analysis of EXAFS is beyond the scope of this work;
however, for the interested reader several recent reviewslr7 are
available.

The ability to probe the structure of an ion in solution or of a
complex that does not crystallize well is one of the principal strengths
of EXAFS studies. The specific information that can be obtained from
an EXAFS analysis includes: 1) the distance between the X-ray
absorbing and scattering atoms, Rab; 2) the number of backscattering
atoms of a particular type, N (coordination number); and 3) the root

mean square deviation of Rop %p (better known as the Debye-Waller
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15

Figure 1.5. The structure™® of Mo,(O,CCH,),.
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factor). This information is listed in Table 1.1 for selected molyb-
denum aquo ions and compounds. Conspiciously absent from Table 1.1
is angular information regarding each absorber-scatterer type. This
is a major flaw of the EXAFS technique and limits the analysis to
suggesting several possible structures. Nevertheless, from the known
crystal structures for each oxidation state and the observed solution
chemistry, likely structural candidates for each species can be inferred.
The end result of the EXAFS analysis for a variety of aquo ions is
shown in Figure 1.6. The specific features of each ion will be dis-
cussed in turn.

Mo(V)

The EXAFS spectra of the Mo(V) dimer in acidic solution were
analyzed1 with the following three scattering components: a Mo-Mo
distance at 2,56 A and two separate Mo-O components at 1,68 and
1.93A. The scattering amplitudes were compatible with the di-p-oxo

2+
core structure, Mo,0; .

The bond lengths for the three components
are consistent with those observed in the structure of Ba [M0,0,(C,0,),(H,0),1,
mentioned earlier.
Mo(1V)
The EXAFS analysis was done on two Mo(IV) species, solid
K, [Mo,0,(C,0,);(H,0),].and the Mo(IV) aquo ion in 4M CH,SO,H.
Essentially identical EXAFS spectra were obtained for both species.
The scattering amplitude analysis for the oxalate salt produced two
Mo-Mo interactions at 2.49 &, two Mo-O components at 1,884, and
four Mo-O' components at 2,05+ 0.09 8. This second shell of oxygen

atoms for the oxalate salt is in reasonable accord with the mean
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1 a5 determined by EXAFS:

Figure 1.6. Aquo Mo core structures
4) Mo,(V), B) Moy(IV), C) Mo(Il), D) Mo,(II),

E) Mo,(II).
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distance in the crystal structure of one capping oxygen (us-O) at
2.019 3, two oxalate oxygens at 2,091 A, and one coordinated water
molecule at 2.154A. For the aquo ion the analysis produced two
Mo-Mo interactions at 2.49 &, two Mo-O components at 1.884, and
four Mo-O’ components at 2,04A. Presumably these second shell
oxygen interactions are also a weighted average of capping (p;-O)
oxygen and coordinated water molecules. Thus, in light of the known
structural parameters for [MOSO,(C204),(H20)S]2-, the agquo Mo(IV)
EXAFS data can be logically interpreted in terms of a trimeric core
(Figure 1.6).

In solutions less acidic than 0.01 M H* the EXAFS spectra of
aquo Mo(IV) display changes that have been attributed1 to an opening of
the trimeric core. In addition, the presence of halide ions had no
effect on the EXAFS spectra, suggesting no inner sphere coordination.
However, outer sphere ion pairing could occur without any revealing
effect on the spectra.

Mo(IIT)

Two distinct Mo(III) structural types have been examined by
EXAFS: the postulated dimeric Mo(III) aquo ion and the Mo(III) ions
resulting from reduction of their trimeric Mo(IV) counterparts (see
Chapter 4).

The dimeric Mo(III) data were analyzed in terms of one Mo-Mo
constituent at 2.54 4 and two different Mo-O interactions, each of
coordination number three, at 2.06 and 2,20A. The metal-metal
distance is clearly longer than that found in the crystal structure of

K [Mo,(OH),(0,CCH,)edta] and suggests that the acetate ligand influences
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the Mo-Mo bonding in the latter compound. The 2.06 & Mo-O compo-
nent can be reasonably assigned to bridging hydroxyl groups with the
longer Mo-O distance due to coordinated water (it is noteworthy that
among the various oxidation states only in the aquo Mo,(III) species did
Mo-OH, interactions make a significant contribution to the EXAFS).
The analysis clearly rules out an oxo bridged structure for Mo,(II),
although the distinction between a di-;~OH structure or a tri-;-OH
structure (confacial bioctahedron) is not evident, The second alter-
native is likely considering the fact that other Mo(III) ions with halide
ligands exist with confacial bioctahedral s':ructures18 (e.g., MOZCl:',
Mo,Br.").

The EXAFS analysis19 for the Mo(III) ions resulting from
reduction of the Mo(IV) aquo ion and [Mo,0,(C,0,);(H,0) " seems con-
sistent with a trimeric formulation. For the aquo ion the Mo-Mo
distance of 2.49 4 is preserved and the Mo-O interaction is best fit
with average oxygen shell of amplitude Nb =4at2,064. Inthe oxalate
jon the Mo-Mo interactions reside at 2,483 with the average (Nb= 4)
Mo-O component at 2,034. No further improvement in the EXAFS
curve fitting analysis results by addition of coordinated water to the
parameter set, The increased Mo-O components are due to the
presence of Mo-OH bridges and are consistent with the observed
electrochemistry (Chapter 4).

Mo(ID

The EXAFS spectra of the dimeric Mo(II) ion were analyzed in

terms of a single Mo-Mo element at 2.124 and four Mo-O interactions

at 2,143, The Mo-O distance is reasonable for coordinated water and
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is relatively disordered, as judged by the large Debye-Waller factor
(0.14). The Mo-Mo bond distance is in excellent accord with that
previously discussed for Mo,(0,CCH;),.

Concluding Remarks

The structural details of the molybdenum aquo ions should
facilitate a better understanding of their rich redox behavior and
chemical reactivity. In Chapter 2 the electrochemical behavior of
MO(VI) in strong acid and the reactivity of a transient Mo(V) monomer
toward perchlorate and nitrate reduction will be examined. Chapter 3
addresses the interfacial electron transfer properties of the Mo,(V)-
Mo,(I1I) couple with the aim of understanding why this multi-electron
redox reaction is so electrochemically irreversible. The electro-
chemical response of trimeric Mo(IV), with particular regard to the
aspects of coupled proton-electron transfer to metal cluster ions, is
presented in Chapter 4. The goal of these studies is to achieve a better
insight into how molybdenum functions in complex environments, such

as supported catalysts, amorphous materials, and metalloenzymes.
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CHAPTER 2

The Reduction of Mo(V]) in Trifluoromethanesulfonic Acid1
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Introduction

The electrochemical reduction of aquo molybdenum(VI) has been
studied in a variety of supporting electn::lytes.z'6 An early polaro-
graphic study2 in HC1 suggested the initial production of a chemically
unstable Mo(IV) species while later work by Souchay and co-wm‘kerss"4
proposed that several forms (monomeric, tetrameric, etc.) of Mo(V)
were produced and subsequently reduced to Mo(III). A report by Hull5
indicated that Mo(VI) is reduced in sulphuric acid to produce a Mo(V)
species that adsorbs on the electrode but no structures of possible
Mo(V) products were proposed. In all of the previous work the voltam-
metric responses were highly sensitive to the concentration of Mo(V1)
and the medium employed. Adsorption on the mercury electrodes was
often invoked to account for complex voltammetric behavior, although
oligomerization of the variety of molybdenum(VI) oxo-species present
in homogeneous solutions has also been suggested.

The objective of the present work was to establish the nature of
the initial reduction pr(;duct of Mo(VI) in a strong noncomplexing
electrolyte, trifluoromethanesulfonic acid. It will be shown that low
concentrations of Mo(VI) are necessary to suppress adsorption at
mercury electrodes and solution oligomerization. In addition, the
catalytic reactions of a reduced Mo(VI) species at low concentrations
(ca. 5% 107°M) with perchlorate and nitrate ion were monitored in the

hope that insight into atom transfer reactions might result.
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Experimental
Materials

Trifluoromethanesulfonic acid (Minnesota Mining and Manufac-
turing Co.) was purified by distillation under Argon. The purified acid
was diluted with water and stored in a refrigerator. Reagent grade
sodium molybdate was used as received. Ortho-nitroaniline (Aldrich
Chemical Co.) was recrystallized twice before use. Solutions were
deoxygenated by bubbling with argon or nitrogen that had been passed
successively through a solution of V(II) and over hot copper turnings.
Solutions were prepared with triply distilled water or distilled water
that was further purified by passage through a purification train
(Barnstead Nanopure D2790). Solutions were checked for chloride
impurities by pulse polarography. Impurity levels in 2M solutions of
trifluoromethanesulfonic acid were below 0.1 yM. Stock solutions of
Mo(VI) were standardized gravimetrically by precipitation of PbMoO,. 7

Instrumentation and Techniques

UV spectra were recorded on Cary 17, Varian 219, or Hewlett-
Packard 8450 spectrophotometers. Electrochemical experiments were
carried out in conventional compartmentalized cells. Experiments at
variable temperatures were carried out in a cell with the working elec-
trode compartment jacketed for temperature control. The reference
electrode remained at room temperature. Most electrochemical
measurements were performed with appropriate combinations of com-
mercially available instruments (Princeton Applied Research Models
173, 174, 175 and 179). The Model 174 Polarographic Analyzer was

modified to provide variable pulse width.8 Cyclic staircase vottammetry
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and chronocoulometry were carried out with a computer-based digital
data acquisition and analysis system similar to that previously
described.9 Staircase voltammetrylo was performed with a fixed step
height of 4.88 mV, Variation of the effective sweep rate (i.e., [step
height] x[ step width]'l) was obtained by appropriate changes in t.he
step widths, The area of the hanging mercury drop electrodes was
0.032 cm®. The dropping mercury electrode had a mercury flow rate
of 1to1.5mg s'l. Potentials were measured and are quoted with
respect to a saturated calomel reference electrode. The Hammett
acidities of solutions of CF;SO,H between 1 and 4M were determined
from the spectrum of o-nitroaniline indicator in each solution. Digital
simulations of staircase voltammograms employed the method of
Nicholson and Olmstead.!! (See Appendix 1 for a listing of the

program.)

Results

Voltammograms for the reduction of Mo(VI) in 1.9 M CFSO,H
show several distinctive features that depend upon the concentration of
Mo(VI) and the length of time that the mercury electrode is exposed to
the solution. Figure 2.1 shows a set of cyclic staircase voltammo-
grams for a 0.5 mM solution recorded after various times of exposure.
Three reduction peaks are discernible (labeled A, B, and C in Figure
2.1); the most prominent peak appears near -0.5 volt. Plots of peak
currents vs. the square root of the effective scan rate (i.e., vs. [step
time]";') are shown for peaks A and C in Figure 2.2, (Peak B is not

well encugh resolved at this concentration for a similar analysis )
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Figure 2.1, Cyeclic staircase voltammograms of 0.5 mM Mo(VI) in
1.9 M CF,SO,H. Before the potential scan the mercury
electrode was exposed to the solution for: 1) 0.5, 2) 5.0,
3) 15,0, 4) 45.0 sec. Effective scan rate was 12.2 V s
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Figure 2.2, Dependence of peak current on (step time)'%, i.e.,

1
(effective scan rate)2, for peaks A and C of Figure 2.1.
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The increasing positive deviations of the peak currents from the
expected linear dependence on (step time)'% is indicative of strong
adsorption of the reactant which also accounts for the otherwise un-
expected dependence on electrode exposure time. At concentrations of
Mo(VI) of 0.025 mM or less, peak B in Figure 2.1 is better resolved
and exhibits a linear dependence of peak current on (step ti.me)'%.
Thus, peak B appears to correspond to the reduction of a diffusing
reactant while peaks A and C are dominated by an adsorbed reactant.
At concerntrations of Mo(VI) greater than ca. 0.5 mM the voltam-
metric responses become increasingly complex with obvious evidence
of extensive adsorption. A variety of adsorbed species appears to be
involved under these conditions which we avoided in order to concen-
trate on the simpler behavior available with more dilute solutions.

Chronocoulometric Measurement of the Adsorption of Mo(VI).

The extent of adsorption of Mo(VI) was estimated from the inter-
cepts of single step chronocoulometric charge-(time)% plots.12 The
double layer charging biank, estimated from identical potential steps in
the pure supporting electrolyte, was subtracted from each experimental
intercept to obtain the quantity of adsorbed Mo(VI). Adsorption equi-
librium was assumed to prevail when continued exposure of the elec-
trode to the solution produced no further changes in the adsorption.
Thirty seconds of exposure were usually sufficient for equilibrium to
be reached. The results of these measurements are shown in Figure
2.3 for several initial electrode potentials. The most noteworthy
feature for present purposes is the sharp decrease in adsorption at

concentrations of Mo(VI) near 0.2-0.3 mM. Adsorption of Mo(VI) at
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Figure 2.3. Adsorption of Mo(VI) at 0.3 V as a function of the concen-
tration of Mo(VI). The potential was stepped from +0.3
to -0.6 V. Supporting electrolyte: 2 M CF,SOH.
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concentrations below ca. 0.1 mM appears to be negligible.
Chemical Speciation of Aquo Mo(VI) in Strong Acid
In strong acid solution (<pH 1) Mo(VI) at high dilution exists pre-

dominantly as the monomeric cation, 13 (H,0)sM0o0,(OH )y*. Asthe total
Mo(VI) concentration is increased condensation leads to the formation
of a series of dimeric cationic species. Equilibrium constants for the
protonation and distribution of Mo(VI) among monomeric and dimeric
forms in perchloric acid solutions have been evaluated from spectral
measurements by Cruywagen and co-workers.14 The significant equi-

libria are shown by equations 2.1-2.4.

Mo(OH), + H* s~===  Mo(OH).,OH; (=HMoO;) (2.1
2HMo0; R H,Mo, 02" (2.2)
HMo,Of +H* =  H,Mo,0? (2.3)
H,Mo,02" + H* — H,Mo,0%" (2.4)

We repeated their measurements in solutions of CF;SOgH and observed
very similar spectra. We therefore adopted their approach to evaluate
a conditional equilibrium constant for the monomer-dimer equilibrium
in 2M CFS0.H:

, Mo @5

2
CMo(v1)

where CMo(VI) is the total concentration of monomeric Mo(VI) without

regard to its state of protonation and CMoz(VI) is the corresponding
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concentration of dimeric forms of Mo(VI). ‘The value of Kb at 25°C
was 392 M. (The value reported by Cruywagen et al. in 2M HCIO,
was 150M™, )

Since we also found it desirable to examine the electrochemistry
of Mo(VI) at 50°C in 2M CF,SOH , K;) was estimated from spectral
measurements at this temperature. A value of 270 M™* was obtained.
A calculated distribution diagram for the sum of monomeric and
dimeric forms of Mo(VI) at 25° and 50°C is given in Figure 2.4. Note
that there is no sharp change in the concentrations of the monomeric
and dimeric species at bulk concentrations near 0.1 to 0.2 mM where
the sharp increase in adsorption of Mo(VI) occurs (Figure 2.3) The
implication is that the species responsible for the adsorption is not one
of the predominant forms in solution but is produced on the electrode
surface, possibly as a result of condensation reactions among the pre-
dominant solution species that are present at concentrations of Mo(VI)
greater than ca. 0.2 mM but exhibit only weak adsorption.

Pulse Polarography

Normal and reverse pulse polarography15’ 16

were utilized to
inspect the behavior of Mo(VI) at a dropping mercury electrode
(Figure 2.5). At concentrations above 0.2 mM, normal pulse polaro-
grams exhibited distorted shapes with current peaks preceding
depressed limiting currents that signaled extensive adsorption of the
reactant. 17 Reverse pulse polarograms were free of such distortions;
however, the half-wave potential displayed a significant anodic shift.
At concentrations below 0.1 mM normal pulse polarograms were also

essentially undistorted (Figure 2.6). For a one-electron process the
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Figure 2.4. Distribution of Mo(VI) between monomeric and dimeric
forms as a function of the concentration of Mo(VI) at 25°

(—) and 50°C (---) in 2 M CF,SO,H.
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Figure 2.5. Normal and reverse pulse polarograms of 0.49 mM
Mo(V]) in 2 M CFySO,H. The drop time was 1 sec.
The pulse widths were 1) 10.5, 2) 18.2 and 3) 36. 3 msec.
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Figure 2.6. Normal and reverse pulse polarograms of 0.05 mM
Mo(VI) in 2 M CFSO;H. Droptime: 1 sec.; pulse width:
10.5 msec. Inset: -E vs. log (iL-i/i) for the normal

pulse polarogram.
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limiting reduction current in Figure 2.6, iL, corresponds to a diffusion
coefficient of 1.3 x 10™° em? 8™ for Mo(V1) at this high dilution where

it exists predominantly as a monomeric ion (Figure 2.4). The plot of
E vs. log( lLi'i ) shown in the inset in Figure 2.6 is linear with a slope
of -57 mV pointing to a one-electron, nernstian electrode reaction.

Reverse pulse polarograms recorded from an initial potential of 0.45
volt (where Mo(VI) is reduced to Mo(V) during the growth of each
mercury drop before the potential is pulsed to more positive values)
produced anodic limiting currents that were almost equal to the re-
duction currents obtained in the normal pulse polarograms of Mo(VI)
so long as electrode drop times were restricted to 1 second or less.
This is the behavior expected when a stable and re-oxidizable reduction
product is produced at the electrode suriace.15' 16 However, at longer
drop times the ratio of anodic to cathodic currents decreased as ex-
pected when the product of the electrode process, Mo(V) in the present
case, is unstable.

A plot of the normal pulse polarographic half-wave poténtials for
the reduction of Mo(VI) as a function of Hammet acidity (recorded with
drop times short enough to avoid significant decomposition of the re-
duction product) is shown in Figure 2.7. The slope of 102 mV is
reasonably close to the 118 mV value expected if the one-electron re-
duction reaction consumed two protons.

Cyclic Staircase Voltammetry

Conventional cyclic voltammetry with reactant solutions as dilute

as those required to eliminate the complications from oligomerization

and adsorption of Mo(VI) yields current responses that are dominated
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Figure 2.7. Polarographic half-wave potential vs, Hammett acidity
function, H,, for reduction of monomeric Mo(VI) in
CF,SO;H. The pK, of the o-nitroaniline indicator used

to evaluate H o vas taken as -0.3
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by the capacitive background current. Cyclic staircase voltammetry
eliminates much of this capacitive charging curtentm and was there-
fore the preferred voltammetric method for these studies. Figure 2.8
shows a set of cyclic staircase voltammograms for several concen-
trations of Mo(VI). These voltammograms were recorded at 50°C
because at this temperature higher concentrations of Mo(VI) could be
utilized without encountering the severe adsorption that occurs near
room temperature. A reversible couple is clearly evident near -0.1
volt and, in contrast with the behavior at room temperature or in more
concentrated solutions, there is no dependence of the peak currents or
wave shapes on the length of time the electrode is exposed to the
solution before the voltammogram is recorded. The cathodic and
anodic peak currents are equal and linearly dependent on the square

', However, at

root of the effective scan rate between 2 and 100 v s~
scan rates below ca. 2 V s™* the anodic peak current falls below its
cathodic counterparts as the decompuosition of Mo(V) begins to deplete
its concentration at the electrode surface.

The separation of peak potentials in the cyclic staircase voltam-
mograms is dependent on the effective scan rate and even at the lowest
scan rates employed (1 V ™) it remained somewhat greater than the
80.6 mV value expected (at 50°C) when a 4.88 mV staircase step height
is applied to a nernstian reaction (10 h). 1 is probable that both uncom-
pensated resistance and slow electron transfer contributed to this
behavior but we did not examine this feature in greater detail,

At concentrations of Mo(VI) greater than ca. 0.1 mM significant

quantities of the dimeric ion are formed (Figure 2.4) and a wave which
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Figure 2.8, Cyclic staircase voltammograms for Mo(VI) in 2 M
CF,S0,H at 50°C. Initial potential: +0.25 V. Step time:
0.976 msec (effective scan rate =5 V ™), Mo(VI)
concentrations were A) 0.098; B) 0.24; C) 0.49 mM.
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we believe to be due to the reduction of the dimer appears at more
positive potentials in staircase voltammograms (Figure 2.8 B,C). By
recording the voltammograms at sufficiently high effective sweep rates
(>5 V s7%) the monomer and dimer equilibrium were essentially
"frozen" and the magnitudes of the two waves were compared with
those calculated on the basis of the conditional equilibrium constant
for the dimerization at 50°C in 2M CF,SO;H. Figure 2.9 shows a
comparison of experimental staircase votammograms with those
obtained from a digital simulation of the staircase response for solu-
tions containing a mixture of the monomeric and dimeric species.
(The dimer was assumed to be reduced in a single, two-electron step
and to have a diffusion coefficient 0. 65 times as large as that of the
monomer). The reasonable agreement between the observed and
simulated voltammograms supports the assignment of the first wave
to the reduction of dimeric Mo(VI).

At effective scan rates slower than 5 V s™* the wave attributed to
dimeric Mo(V1) increases at the expense of the monomeric Mo(VI)
wave. The repox’tet‘l18 value of kf (=1.71x10°M™ s™) for reaction
2,2 measured by the temperature jump method in perchlorate media is
consistent with this observation. Electrochemical measurement of
this value was not possible due to the unknown diffusion coefficient of
Mo,(VD).

The reduction of the familiar, dimeric form of molybdenum (V),

20 No wave corresponding

Mo, (V), 19 is known to occur near -0.8 volt.
to this process is evident in the staircase.voltammograms for Mo(VI)

when they are recorded at scan rates large enough to preserve equality
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Figure 2,9, Comparison of experimental (left hand column) and
simulated (right hand column) staircase voltammograms.
The experimental voltammograms were taken from

Figure 2.8 for potentials between +0.15 and -0.45 V.
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of the anodic and cathodic peak currents. However, at lower scan

rates, where smaller anodic to cathodic peak current ratios result,
a new wave begins to appear at the potential where Mo,(V) is reduced
to Moy(IIl) (Figure 2.8 B, C),20

initial Mo(VI) reduction product undergoes a subsequent reaction

The clear implication is that the

leading to the formation of the stable molybdenum(V) dimer, Mo,(V).
Controlled Potential Electrolysis

Reduction of 2 0,1 mM solution of Mo(VI) at a stirred mercury
pool at -0, 25 volt consumed one faraday per mole of Mo(VI)., Voltam-
mograms recorded during various stages of the electrolysis showed
that a wave corresponding to the reduction of Mo,(V) to Mo,(III)
developed as the original Mo(VI) reduction wave diminished. Thus, on
the time scale of controlled potential electrolyses (20-40 minutes) the
reduction of monomeric Mo(VI) produces Mo,(V).

Kinetics of the Disappearance of Mo(V)

Chronocoulometry provides a convenient procedure for evaluating
the rates of chemical reactions entered into by the products of an elec-

a1 The procedure involves the measurement of the

trode reaction.
ratio of faradaic charge consumed in the electrochemical production of
an unstable species to the charge required for its subsequent electro-
chemical reconversion to starting material. This technique was applied
to the Mo(VI)-Mo(V) system at a concentration of 0.1 mM and tempera-
tures between 35° and 55 °C to minimize adsorption. The data were
analyzed by means of a working curve derived from a published digital
simulation of the case that the chemical reaction is a second-order

dimerization reactionZ2 (see Appendix 2). The resulting dimerization
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rate constant could be estimated only roughly because of complications
from residual adsorption of Mo(VI), increasing concentration of dimeric
Mo(VI), and the small signal-to-noise ratio. The values obtained at
several temperatures and their estimated precision are shown in the
Arrhenius plot in Figure 2.10. Extrapolation of the plot to 298°K leads
to a rate constant of ca. 10° M~ s™', The estimated activation enthalpy
and entropy are 9 kcal/mole and -12 e.u., respectively.

Catalyzed Reduction of Perchlorate and Nitrate

If moderate amounts of perchloric or nitric acid are added to
dilute solutions of Mo(VI) in 2M CF,SO,H the resulting cyclic voltammo-
grams (Figure 2.11) exhibit the features expected for a catalyzed
regeneration of a reactant from its reduction product23 (equation 2.6,

2.7).

Ox + ne = Red (2.6)
k’
Red+Z — 0Ox+Y 2.7

The current-voltage curve becomes flat rather than peaked, the anodic
wave retraces the forward scan current, and the voltammograms are
scan rate invariant under the conditions listed.

Since Mo,(V) does not react with either anion the catalytically
active species seems likely to be the monomeric form of Mo(V). A
quantitative determination of the stoichiometry of the catalytic reaction
was not attempted with either anion due to the competing dimerization
of monomeric Mo(V). However, chloride ion was observed to appear

in long term reductions of Mo(VI) in the presence of perchlorate.
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Figure 2,10, Arrhenius plot of chronocoulometrically determined
rate constants governing the dimerization of Mo(V)
monomer generated from 0.097 mM Mo(VI) in 2 M
CF,SO,H.
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Effect of perchlorate and nitrate on the cyclic staircase
voltammograms of 0,050 mM Mo(VI). Supporting
electrolytes: 1) 1.9 M CFySO;H + 0.1 M HNO,,

2) 1,9M CF,SO,H + 0.1 M HCIO,, 3) 2M CF,S0.H.

50 mv s™* scan rate.
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An extensive analysis of the theory of catalytic following reactions
(ErC'i) has been reported by Saveant and Vianello. 24 In general, the
experimental data and analysis assume that Cz » Coxe Under these
conditions C, remains virtually constant and pseudo first-order condi-
tions govern reachon 2.7. By defining the kinetic parameter
A=KC,t (- { RT 1), where o = scan rate, two limiting cases
can be distmg'ulshed depending on the value of A . In the region of
small ) (< 0.04) voltammograms of substance Ox display normal
diffusional behavior. When ) becomes greater than 1 the current
attains a limiting value independent of scan rate which is given by

equation 2.8,

(i), = NFAC, (D, K'C,)¥ (2.8)

Evaluation of kX’ can be accomplished using equation 2.8 or from the
following equation which accounts for the stoichiometric factor (o) in

more complex catalytic schemes.24

(e _ V3 _ /Ff ,/"k'co 2.9

(g  0.447 0.447 447

Here (ip) g is the current due to Ox in the absence of catalytic substrate
Z at scan rate v.

A somewhat consistent value of (iw)c/C;% is obtained at several
concentrations of Cg for both anions (Table 2.1). Assuming that the
initial reaction of substrate with catalyst is rate determining, the

-1 _=1

apparent rate constants are 8.2(+1.2) x 10" M~ 5™ for perchlorate

and 1.2(£0.1) x 10° M™* s~ for nitrate.
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Table 2.1
50 uM Mo(VI) (i)g = 0.36 pa
I=2.0 adjusted with HTFMS
HCIO, = 2 50 mv/s
Cp M (1,),/Co (.)e/ g oK
(nA/M) ot s™
0.05 5.6 3.5 96.
0.10 4.7 4.1 65.
0.20 5.0 6.2 5.
0.5 5.5 10.8 91.
avg. =82:12M~' s~
HNO, = Z
cS, M (1)/C2 ()e/(i)g oK
(uA/MD) o s
0.05 4.6 13 1.3%10°
0.10 6.4 18 1.2x10°
0.20 9.2 26 1.3x10°
0.50 13.8 38 1.1x10°

-1 =1

avg.=1.210.1 x 10°M™'s
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Discussion
The important monomeric forms of Mo(VI) present in strongly
acidic solutions were termed molybdic acid and protonated molybdic

l.l‘1 who wrote the formulae Mo(OH), and

acid by Cruywagen et a
Mo(OH)SOH: , respectively., We prefer to depict these two species in

equation 2.1 as trioxo and cis-dioxo derivatives as shown below:

o (o] +

(HZO),I’\l{Io=O +H = (Hzo>,191=o (2.10)
6 du

for which Cruywagen et al. 14 report an equilibrium constant of 11.4 M~

Thus, in 2M CF,SO,H, over 95% of the monomeric Mo(VI) is present as

+

|
(HzO)SI}I/I=O . As shown in Figure 2.4, dimer formation does not

OH exceed several percent with concentrations of Mo(VI)
of 0.1 mM or less so that under these conditions the observed electro-
chemistry should be that of the dioxo cation ?l) +

(Hzo),IIVI:O .
OH

The pattern of electrochemical responses exhibited by dilute

solutions of Mo(VI) is consistent with the following pair of reactions

governing the course of the reduction:

2+

+ o
+2H +e” = (HZO)J\‘IIO-OH (2.11)

)
(H,0);M0=0
H
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2+ o o 2+
] ky I _ol +
2 |(H,0),Mo-OH ?—‘ (Hzo),Mo\o /,Mo(OHz)s +2H" + 2H,0

(2.12)

Reaction 2.11 takes account of the pH dependence of the half-wave
potential for the reduction of Mo(VI) (Figure 2.7) and reaction 2.12 is
based on a plausible structure that has been proposed for the stable
dimer of Mo(V).m' 25 pirect evidence for the reverse of reaction 2,12
is sparse: Murman has measured the kinetics of the exchange with the
solvent of labeled bridging oxo groups in the Mo(V) dimex‘26 but the
mechanism of this process need not include the reverse of reaction 2,12,
Epr signals for several monomeric complexes of Mo(V) have been
reported, 21 but such experiments have always involved the presence of
added ligands that form very stable complexes with Mo(V).

The kinetics of dimerization of a monomeric Mo(V) catechol com-
plex were reported recentlyza and a mechanism proposed that shares
several of the features of reactions 2.11 and 2,12, However, large
differences in pH and solution compositions prevent a more detailed
comparison,

20 oxhibits an

Since the Mo(V) monomer, but not the dimer,
anodic wave at -0. 2 volt (Figure 2.8) we sought to detect any monomer
in equilibrium with the dimer by means of anodic normal pulse polaro~
graphy with a 10 mM solution of Mo,(V) prepared by exhaustive electro-
Iytic reduction of Mo(VI) in 2M CF,SO;H. No anodic response above
background levels was detected in this experiment. We estimate
the maximum concentration of monomer that could have gone undetected

as 6 x 10™° M which places a lower limit of ca. 10° M (25° C) on the
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equilibrium constant for reaction 2.12 (assuming that the proton depen-
dence is correct as shown).

The value estimated for the rate constant governing the dimeri-
zation of Mo(V), kg ~ 10° M~ 5™ (25°C), is qualitatively consistent
with the behavior observed in the normal and reverse pulse polaro-
graphic experiments with 5 x 10™°M solutions of Mo(VI) (Figures 2.5).
For example, the ratio of anodic to cathodic limiting current decreased
from unity to 0.71 as the drop time was increased from 1 to 5 seconds
compared with a calculated value of 0.79 assuming simple, second-
order irreversible loss of the Mo(V) throughout the 5 second drop life.

Although reoxidation of the monomeric form of Mo(V) to Mo(VI)
appears to proceed readily at the mercury electrode, no further
reduction of the monomer was observed before decomposition of the
solvent commences at ca. -1,0 volt. This resistance of monomeric
Mo(V) tewards electro-reduction to Mo(IV) matches the behavior of the
monomeric Mo(III) ion, Mo(OHz)s:, which is not oxidized to Mo(IV) at
mercury electrodes. 20 The apparent barrier to the generation of a
monomeric form of aquo Mo(IV) is probably associated with the strong
preference of this oxidation state to form multi-nuclear ions: The

stable form of aquo Mo(IV) has been argued to contain one, 29 two:"0

18, 31 molybdenum centers but the correct structure appears

and three
to be the trimeric ion, M030:+. 31,32 The structural differences
separating the monomeric Mo(I1I) ion, Mo(OHz):+, and the structure
proposed for monomeric Mo(V) in equation 2.11 do not appear to be
large but the difficulty in passing through the evidently unstable mono-

meric Mo(IV) state to reach Mo(OHz)z+ is presumably responsible for
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the absence of a two-electron reduction of the Mo(V) monomer. Inan

20 on the pulse polarography of monomeric l\/Io(OI*I.‘.)?,+

earlier report
(with the initial electrode potential at +0.15 volt) a prominent reduction
wave was observed near -0.1 volt that was tentatively ascribed to the
reduction of monomeric Mo(V) generated at the electrode surface by
oxidation of Mo(OHz):+. The present results indicate that monomeric
Mo(V) is not reducible in the accessible potential range but that the
reduction of monomeric Mo(VI) proceeds near -0.1 volt. For this
reason assigning the wave at -0.1 volt in the pulse polarography of
Mo(OHz)f,+ to the reduction of Mo(VI) monomer generated by the (very
s!.ow)20 oxidation of Mo(OHz):J' at +0.15 volt seems plausible.

The general aspects of atom transfer reactions with regard to
the reduction of perchlorate and nitrate ions by transition metal ions
have been addressed by Ta\.lbe.33 Presently, there is no well defined
correlation between AG and reactivity or a good understanding of why
le” reductants are as reactive or more so than 2e” reductants. The
reactivity of monomeric Mo(V) towards perchlorate and nitra.te ions is
thought to be related to its ability to stabilize 02- and form an "yl"

product, namely the Mo(V]) cation, 9 +
(H,0)Mo=0| .
H

Monomeric Mo(V) is an extremely reactive le” reductant possessing a
rate constant ca. 10° larger than the more well characterized le”
reductant, Ti(tm), 3¢

The reduction of perchlorate and nitrate is not limited to the

monomeric Mo(V) ion shown in equation 2,11, Deaerated solutions of
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trimeric Mo(IV) are only stable for periods of ca. one day in solutions

containing perchlorate.29 In addition, the Bowen-Taube ion, Mo(H20)3+,

-1 _=-1
s

reduces nitrate with a rate constant of 2.9 x 107 1. M according

to the following stoichiometry. 35

2Mo(H,0); + 2NO; — Mo,0,(H,0)2" + 2NO] + 4H* + 4H,0 (2.13)

It is interesting to note that the Mo(V) monomer produced by acidifi-

cation (> 6 N HCI) of Mo,0,(H,0)%" is not reactive towards perchlorate.3®

[o]
Apparently the [(H20)4ﬂ}10-0ﬁ]z+ unit is required for significant
reactivity,
Adsorption of Mo(VI)
The sudden onset of extensive adsorption of Mo(VI) at bulk con-
centrations greater than ca. 0.2 mM (Figure 2. 3) is not typical of

31 It is more reminiscent of

simple ionic adsorption at mercury.
adsorption that appears to result in the formation of new phases con-
taining multilayers of the adsorbate on the surface. 38 The behavior of
Mo(VI) differs from most previous exampl(-:s39 in that no complex-
forming ligands are required to induce the adsorption. The well-known
tendency for Mo(VI) to condense spontaneously into oligomeric ions as
its concentration is increased40 seems likely to underlie the adsorption.
Specifically adsorbed Mo,(VI) may be an initiator for this surface con-
densation process. At concentrations above 1 mM or so the electrode
surface appears to become covered with a film of condensed poly-
molybdate of unknown composition that interferes with the reduction of

Mo(VI) from the bulk of the solution leading to the distorted and
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depressed polarograms and voltammograms that are so familiar in the

electrochemistry of Mo(VI). 2-6

Conclusions

Highly dilute acidic solutions of Mo(VI) in which monomeric ions
predominate exhibit much simpler electrochemistry than results with
less dilute solutions. A reversible redox couple consisting of mono-
meric Mo(VI) and Mo(V) ions can be observed in such solutions. The
aquo Mo(V) ion undergoes spontaneous dimerization to form the stable
Mo,(V) ion which is not oxidizable at mercury electrodes. The mono-
meric form of Mo(V) is not further reduced in the accessible range of
potentials probably because of the intrinsic instability of the monomeric
Mo(IV). This monomeric Mo(V) species is catalytically active towards

reduction of perchlorate and nitrate.
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CHAPTER 3

Observations on the Electrochemistry of the

Dimeric Mo(V) - Dimeric Mo(III) Redox Couple
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Introduction

The efficient reduction of small molecules such as O,, N,, and
C,H, requires chemical moieties capable of multiple electron
transfers. In atiempts to mimic the catalytic reactions of metallo-
enzymes dimeric molecules capable of multiple electron transfer have
attracted considerable attention. 1 An example of this is the use of the
Mo,(V)/Mo,(III) redox couple in the presence of complexing ligands

2-4 Although these systems

as a catalyst for acetylene reduction.
possess no reactivity toward nitrogen it is noteworthy that biological
nitrogen-fixing systems also reduce acetylene. With regard to small
molecule reductions the electrochemical behavior of the
Mo,(V)/Mo,(III) redox couple is of interest.

Reduction of the dimeric Mo(V) aquo ion leads directly to a
dimeric Mo(IIl) product, without passing through a stable Mo(IV)
state. 5 This multi-electron, multi-proton redox reaction is noted for
its highly irreversible character, Specific factors which contribute to

the sluggish electrode kinetics will be addressed by an electrochemical

study of the aquo ion and oxalate derivative,

Experimental
Materials

Solvent and electrolyte preparation are mentioned in Chapter 2.
Reagent grade sodium molybdate was used as received, Solutions of
Mozoi+ were prepared by electrochemical reduction (Chapter 2) or by
reduction with hydrazine sulfate followed by ion exchange purification

with Bio-Rad AG 50W-X2 cation exchange resin. Solutions were
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deoxygenated by sparging with argon gas passed through solutions of
either chromium(II) or vanadium(Il), Buffered oxalate solutions were
prepared from oxalic acid and potassium oxalate. The extinction
coefficient of M0202+ was determined to be 3210+100 M™*em™ at

296 nm in 2M trifluoromethanesulfonic acid by oxidation with standard-
ized ceric ion solution. This value compared well with the value

(3370 M™* em™) reporl:ed6 in 1M perchloric acid. Concentrations
were evaluated spectrally using e = 3210 M7 em™.

NH, [Mo,0,(C,0,),(H,0),] was prepared by literature methods” or was
generously supplied by Jay Winkler,

Instrumentation
Electrochemical and absorption spectroscopy instruments are

described in Chapter 2.

Results
Mo,(V) aquo ion

The general features of the chemically reversible Mo,(V)/Mo,(III)
aquo ion redox couple were recently described by Chalilpoyil and
Anson. 5 Among the observations reported were an overall four
electron reduction to Mo,(1II), very irreversible electron transfer
properties, an apparent proton dependence in the reduction potential,
and a slow chemical step preceding the four electron reoxidation of
Mo,(III) to Mo,(V). These experimental observations will be examined
in detail using several electrochemical techniques.

Cyclic voltammograms of the Mo,(V) aquo ion at two different

acidities are shown in Figure 3.1, The wave shapes are very
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Figure 3.1, Cyclic voltammograms of A) 1.1 mM Mo,(V) in 0.2 M
HTFMS + 1.8 M LiTFMS and B) 0.56 mM Mo,(V) in 2,0 M
HTFMS at scan rates of 1) 200, 2) 100, 3) 50, 4) 20 and
5)10 mv s™.
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asymmetric with a large potential separation between the cathodic and
anodic peaks and an anodic/cathodic peak current ratio of much less
than unity. At scan rates between 0,02 and 0.2 V s~* the reduction
process is ldiifusion controlled as determined from plots of ipc versus
(scan rate)? (inset Figure 3.1). At lowered acidity the reduction peak
shifts to more negative potentials and the anodic/cathodic peak current
ratio increases. Also at lower acidity the slow scan voltammograms
(ca. 0.01-0.02 V s~ of Figure 3.1A display an unusual negative shift
of the cathodic peak potential and a cathodic current increase above
that expected for a diffusion controlled reaction. Presently, there is
no explanation for this observation,

Voltammograms at faster scan rates were recorded using the
cyclic staircase technique. The inherent advantages of this technique
were discussed in Chapter 2, Most of the qualitative features observed
in the cyclic voltammograms are seen in the staircase voltammograms
(Figure 3.2), These fe;;.tures include very asymmetric wave shapes,

a negative shift in peak potentials with effective scan rate, diffusion
controlied reduction peaks as judged by linear ipc versus (step time) -3
behavior (inset Figure 3.2), and anodic/cathodic peak current ratios
that are less than unity. The decrease in anodic current is more
pronounced at the faster scan rates. In Figure 3.2B the anodic current

' In less

is scan rate invariant for effective scan rates above 0.5 V s~
acidic solution (Figure 3.2A) the voltammograms show a slight in-
crease in anodic current with increasing effective scan rate; however,
at sufficiently fast effective scan rates (>5.0V s") the anodic

current is independent of scan rate, Reoxidation of Mo,(III) to Mo,(V)



Figure 3.2.

8

Cyclic staircase votammograms of A) 1.0 mM Mo,(V)

in 0.2 M HTFMS + 1.8 M LiTFMS and B) 1.1 mM Mo,(V)
in 2 M HTFMS at effective scan rates of 1) 5.0, 2) 2.0,
3) 1.0, and 4) 0.5V s7%,
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is preceded by a chemical step displaying an inverse proton depen-
dence.

The normal and reverse pulse polarograms clearly demonstrate
the highly irreversible nature of the Mo,(V)/Mo,(III) redox couple
(Figure 3.3). A general description of the following terminelogy and
theory of pulse polarographic current-potential curves is given in
Appendix 3. The reverse pulse polarograms are split into two well
separated components, as expected for an electrode reaction with very

8 In addition, the total reverse pulse

slow electron transfer properties.
limiting current (illzu)1 + iﬁpz) in 2 M HTFMS is substantially less than
the normal pulse limiting current (i{iu,) for all pulse widths. In less
acidic solutions (0.2 M HTMS: Figure 3.3B) the ratio of total reverse
pulse limiting current (iialpl + iépz) to normal pulse limiting current
(i{ilp) is approximately unity at long pulse widths. Table 3.1 lists the
values of ilg{Pl /illiIP for different acidities and pulse widths. Reasonable
agreement is found witb theory for irreversible electron transfers at all
pulse width variations. In Table 3.2 the ratios (i p; + ik po)/ifp ave
given for the same acidity range and pulse width variation. As seen from
the data decreasing the time parameter (pulse width) results in a progres-
sively decreasing value of (if;(pl + iﬁpz)/"ﬁrp' This is consistent with a
chemical step preceding the reoxidation of Mo,(III) to Mo,(V). Again,

the preceding chemical reaction displays an inverse proton dependence
such that at the lowest acidities (0. 048 M HTFMS) the reverse and

normal pulse limiting currents were essentially equal at all pulse

widths. It was not possible to work in solutions less acidic than

pH ca. 1.5 because the reduction wave shifts into the background
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Figure 3.3. Normal (N) and reverse (R) pulse polarograms of 1.1 mM
Mo,(V) in A) 2.0 M HTFMS and in B) 0.2 M HTFMS +
1.8 M LiTFMS at a pulse width of 18.2 ms andals

drop time.
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discharge current due to hydrogen production.
The normal pulse current-potential curves were analyzed in the

2,
fashion prescribed by Oldham and Parry9 by plotting mg[x2 1.75+% 1
1-x)
versus -E, where x is i/id, The slope of the resulting line
20y
59
is the number of electrons involved in the rate determining step.

is equal to

(mV™'), where o is the transfer coefficient, and n,

Figure 3.4 displays such normal pulse polarographic log plots for the
Mo,(V) aquo ion. The product on, is determined to be ca. 0.73 over
the acidity range 2.0 to 0.048 M HTFMS in the absence of a double
layer correction, 10 The shift in half wave potential with H, is 106 mV
per H, unit. The reaction order with respect to protons can be deter-
mined from a plot of logx versus H,, under conditions of electro-
chemical irreversibility (x < 0.12), The slope of the line in such a
plot is 1,4 (Figure 3.5). The significance of this value is explained
in the discussion section. The normal pulse limiting currents are
equivalent to an overall four electron reduction with a diffusion
coefficient of 3.2 10™° em®s™ in 2M HTFMS. The value of kg could
not be determined since the standard potential for the Ma,(V)/Mo,(III)
redox couple is not presently known.

The chemical reaction preceding reoxidation of the Mo,(III) aquo
ion was also qualitatively examined using double potential step chrono-
coulometry. As described in Appendix 2 a key experimental obser-
vable relevant to the homogeneous solution chemistry is the ratio of
charge at the end of the reverse step to that at the end of the forward
step (QIIB/QF; assuming appropriate correction for double layer
charging). For the Mo,(V)/Moy,(III) redox couple the initial potential
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Figure 3.4, Normal pulse polarographic log plots for Mo,(V) reduction
in(e) 2,0M, (+) 1.0M, (D) 0.5 M, (4) 0.2 M and (O)
0.048 M HTFMS. The pulse width was 54,9 ms and the

drop time was 1 s,
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Figure 3.5, Proton reaction order log plot for the Mo,(V) aquo ion

reduction.
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was stepped to a value sufficiently negative to insure diffusion con-
trolled reduction of Mo,(V). The reverse potential step was ca. 200 mV
positive of the apparent oxidation peak of Mo,(II). So that, in the
absence of the homogeneous preceding chemical reaction, the reoxi-
dation should have proceeded at the diffusion controlled rate. However,
the observed ratio of Qé/QF is substantially less than that predicted
from theory for diffusion controlled reduction and reoxidation (0.5858).
Table 3.3 lists the experimental values of QiB/QF for the Mo,(V)/Mo,(11)
couple at various switching times () and acidities. Noteworthy are the
increasing values of QiS/QF at all acidities as r increases. The in-
verse proton dependence in the chemical reaction preceding reoxidation
is also manifest from the QiB/QF values. The charge ratios displayed
no dependence on total concentration of Mo,(V).

Controlled potential electrolysis of the Mo,(V) aquo ion has been
repurited5 to consume four electrons per equivalent of dimer in pro-
ducing the Mo,(III) aquo.ion. Fully reduced solutions possess an ab-
sorption spectrum identical to that of the Mo,(IIT) aquo ion.:ll Reoxi-
dation of the Mo,(III) aquo ion has been reported to be sluggish,
evidently due toan intervening chemical step. Attempts to duplicate the
coulometric reduction of Mo,(V) produced variable results. Although
the reduced solutions produced the correct absorption spectrum for
Mo,(III) the number of equivalents required to reach background
current levels exceeded four by severaliold. In spite of this
difficulty, it was possible to reduce the Mo,(V) aquo ion quantitatively
to Moy,(III) and subsequently to reoxidize the Mo,(III) aquo ion back to
Mo,(V).
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M0;0,(C;0,),(H;0);_

The reduction of this Mo,(V) derivative was studied in the pH
range 2.5 to 5.0 in buffered oxalate solutions. The electrochemical
responses exhibited by the oxalate derivative will be compared with
those reported by Schultz et al.lz' 13 for the cysteine and edta deriva-
tives. In addition, the information gained in this less acidic region
complements the electrochemistry of the uncomplexed Mo,(V) aquo ion
described in the previous section.

Cyclic voltammograms of M0204(C204)2(H20):- in oxalate media
are characterized by a highly irreversible reduction (Figure 3.6).

The reduction peak is diffusion controlled as judged from the linear
dependence of peak current on (scan rate)% (see inset in Figure 3.6 A,B).
The reduction peak potential shifts to more positive potentials with in-
creasing acidity suggesting coupled proton-electron transfer in the
reduction process. The anodic current is very dependent on scan rate
and pH of the medium. . At sufficiently fast scan rates (ca. 1V s™)
one anodic wave is seen ca. 600 mV positive of the reduction peak.

As the scan rate decreases the relative height of the anodic wave
decreases and other waves at more positive potentials appear. The
behavior is more complex in the less acidic solution (pH = 4.69), with
as many as three waves appearing.

In the more acidic solution (pH < 3.1) two anodic waves are
obtained at 0,02 V s™*, with the predominant one centered at ca. -400 mV.
Throughout the pH range studied the anodic currents never attained the

magnitude of the original cathodic current.



93

Figure 3.6, Cyclic voltammograms of 0.9 mM Mo=04(CZO,,)2(H20):' in
A) pH 4.69 and B) pH 3. 07 oxalate media at scan rates
1) 200, 2) 100, 3) 50, 4) 20, and 5) 10 mV s™*. Tonic
strength adjusted to 0.5 with KC1.
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Controlled potential electrolysis of the Mozo,(Czo.)z(HzO):- ion in
oxalate solutions at potentials negative of the reduction wave gave
irreproducible results, The number of equivalents passed equaled
four after ca. four hours and a substantial cathodic current was still
present even though sampled cyclic voltammograms indicated that
the well defined Mo,(V) reduction peak had disappeared. Electrolyses,
that were continued until the current attained background levels,
consumed variable equivalents (6-10 faradays) and produced a fine
brown precipitate. The final pH of such solutions was measured at
ca, 7, indicating considerable proton consumption. Coulometric reduc-
tions were generally carried out in pH 4,69 solutions to achieve suffi-
cient potential separation from background reduction of protons to
hydrogen. Reoxidation of the fully reduced solutions was also irrepro-
ducible and failed to regenerate the starting complex. Reduction of the
Mo,0,(C,0,),(H,0)2 species is evidently both chemically and electro-
chemically irreversible producing an uncharacterized brown precipitate,

The irreversible electron transfer properties of the
M0204(CZO,)2(H20)§- ion are also evident in the pulse polarograms. The
reverse pulse polarograms are split into two distinct portions, similar
to those of the Mo,(V) aquo ion, and the i}g{Pl/iI%IP ratios are consistent
with theory (see Appendix 2) for a totally irreversible electron transfer.
The normal pulse limiting current corresponds to an overall four-
electron reduction step with a diffusion coefficient of
5.2(x0.7) x 10™° em® 8™ in 0.5 ionic strength oxalate buffer. Log plots
for the normal pulse polarograms of MOZO,(C204)2(H20)2" at varied pH

are shown in Figure 3.7. The Tafel slope is essentially the same at all
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Figure 3.7, Normal pulse polarographic log plots for the reduction of
M0,0,(C,0,),(H,0)  in (@) pH 3.07, (&) pH 3.88 and
(A) pH 4. 69 oxalate media adjusted to ionic strength 0.5
with KC1. The pulse width was 48.5 ms and the drop

time was 1 s.
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three acidities and an, is determined to be 0.70. The half wave poten-
tial shifts 15 mV per pH unit, considerably less than that exhibited by
the Mo,(V) aquo ion. The proton reaction order dependence
(alogx/Alog [H*]) is 0,25, also considerably less than that shown by
the aquo ion, Since the standard potential is unknown for this. complex
and appears to be unobtainable due to the chemical instability of the
reduced products, ks could not be evaluated, The chemical instability
of the reduced products also prevented an independent determination of

@ in the usual manner. 14

Discussion

The solution structures of the initial and final states of the
Mo,(V)/Mo,(III) redox couple were discussed in Chapter 1, The Mo,(V)
aquo ion has a di-y=-oxo core structure (Figure 1.6 A) with a terminal
oxo on each molybdenum atom.

Elution sl:udies:l 8

of the Mo,(III) aquo ion from cation exchange
columns have demonstrated a net charge in solution of +4. The two
following dimeric structures of the Mo,(IIl) aquo ion are consistent with
this observation: i) a di-hydroxy bridged species, Moz(OH),(HZO)‘;+ 4, or
ii) a linear oxo bridge ion, MOZO(Hzo):,H . Since the EXAFS analysis

19 the 1inear oxo bridge species, the most likely struc-

clearly rules out
ture is the di-hydroxy species shown in Figure 1.6D. Thus, possible
redox pathways to account for the electrochemical results will be
assumed to involve species with the structures shown in Figure 1, 6A
and D. 1t is clear that proton transfer and possible other chemical

rearrangements must accompany the addition of electrons to Mo,(V) to
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produce Mo,(III). In dissecting the possible rate determining steps of
this complex electrode reaction the following analysis utilizes a general

scheme of squareszo

in which each electron and proton transfer is
assigned an independent pathway as shown in Figure 3.8. For sim-
plicity, chemical steps other than proton transfer are neglected, but
in principle, they could be easily included in this scheme.

From inspection of Figure 3.8 a multitude of possible pathways
link the initial and final states of a general redox sequence involving m
electrons and n protons. Proton transfers to oxygen and nitrogen bases
in aqueous solution in cases where the free energy is favorable (AG < 0)

2 Under

have been measured at close to diffusion controlled rates.
such conditions coupled electron-proton transfers are generally
observed, as in the reduction of organic molecules20 (e.g., quinone),
Mathematical descriptions of complex electrode processes such as
those for the case m=n=2 have appeared. 20 For the Mo,(V)/Mo,(IIT)
redox couple the electrode reaction is sufficiently complex that an exact
mathematical explicatior; of all of the possible redox pathways has not
been attempted, However, the electrochemical data and chemical
intuition allow a delineation of the likely pathways involved in proceeding
from Mo,(V) to Mo,(IIT) and vice versa.

For the Mo,(V) aquo ion two possible rate determining steps
appear as likely candidates in the overall reduction to Mo,(III).
Equations (3. 6) and (3.7) represent two alternatives that are consistent
with the observed value of an, = 0.73 and the proton reaction order

dependence of 1.4,
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Figure 3.8. The scheme of squares for an overall m electron -

n proton electrode reaction (see text),
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+
Mo,0,(,0" +e + H*—”-—l‘:f'—s—'— [Mozos(om(nzoﬁ*] ',)‘L—i Mo,(OH)s "

(3.6)

+
"
Mo,0,(H,0)2* + 2e + 2H —r%‘?— [Mozog(ﬂzo)f'] 425~ Mo,(OH);
(3.7

The electrochemical evidence strongly suggests that the reoxi-
dation of Mo,(IIT) to Mo,(V) is preceded by a rate determining proton
dependent step. Deprotonation of coordinated water molecules to form
terminal oxo or hydroxyl groups is a plausible interpretation (equation
3.8).

x H X +4 vy H Y x+(n-4)
B rads. | B0~ pMo—
x| SN0 | >k SHT e o IS
X ®H X X H X
(3.8)
-4e
-(6-nmH™|
c o ‘(I) X 2+
X
\Mo/ \Mo<
x| S0 Tx
X X

(X =H,0; Y =OH" or 0°")

.However, there is no evidence to rule out alternative chemical rearrange-

ments of the Mo,(IIl) species involving the bridging oxygen atoms which
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impede the reoxidation to Mo,(V). The observed reduction and oxidation
pathways of the Mo,(V)/Mo,(IIl) redox couple are clearly quite different
and are not necessarily the microscopic reverse of one another because
of the different possible pathways connecting the two states (Figure 3. 8).
Oxidation of the monomeric Mo(III) aquo ion to monomeric Mo(V) aquo
ion (which dimerizes to form Mo,(V)) is also kinetically limited? perhaps
because of a deprotonation step to form a terminal oxo or hydroxyl
group prior to electron removal.

Essentially identical Tafel slopes are observed for the reduction
of M0,0,(C,0,),(H,0)*” and the Mo,(V) aquo ion. The equality of an,
for the two oppositely charged species suggests a common electron
transfer route for reduction.

The proton reaction order for the reduction of the oxalate ion is 0,25,
considerably smaller than that for the aquo ion. Similar proton reaction
orders have been observed15 in the reduction of Mozo4(cys):- (cys=
cysteine) which also shows a dependence on the total buffer concentration.
This point was not addressed in the case of the oxalate ion.

Chemical irreversibility is also clearly evident in the reduction
of Mozo,,(C204)2(H20)§—, a feature that has been previously observed!®
in the four-electron reduction of Mozo,,(cys):-. In comparison, the
four-electron reduction” of Mozo,,(edta)" is chemically reversible.

In accounting for the chemical stability of the two species the author515
could not ascertain whether sulfur bonding by the cysteine ligand
labilized the Mozoﬁ+ core or ligand encapsulation by edta stabilized the
Mozoi"' core. It seems clear from the reduction of Mozo,(C.‘,Od)z(HZO):-
that stabilizing the M020§+ core requires a ligand, such as edta, that
effectively protects the bridging oxygens and prevernts core breakup.
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CHAPTER 4

The Electrochemistry of Trinuclear Aquo Mo(IV)

and an Oxalato Derivative in Acidic Media1
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Introduction

Notable discrepancies regarding solution structure have appeared
in the published research on aquo Mo(IV). Souchay and co-workers, 2
in the initial synthesis of aquo Mo(IV), postulated a monomeric struc-
ture. A kinetic study of the equilibration of NCS™ with aquo Mo(IV) led
Sykes et al. 3 to favor a monomeric formulation, Moo (or possibly
Mo(OH):+). In a later report Ardon and coworkers? disproved this
assignment when they demonstrated that several species are present
when aquo Mo(IV) is equilibrated with NCS™. From their acid cryo-
scopy measuremeni:s4 and the ion exchange behavior, 5 they concluded
that aquo Mo(IV) exists as a dimeric ion with the probable structure
shown in Figure 4.1A. Further support for the dimeric ion came from
the initial EXAFS study of Cramer and Gray, 6 although the results
were somewhat inconclusive as to whether aquo Mo(IV) is dimeric or
trimeric in structure. Finally, the dimeric structure was also favored
by Chalilpoyil and Anson7 in an electrochemical study of the aquo Mo(IV)
ion. As described in Chapter 1, more recent structural studies show
conclusively that aquo Mo(IV) is trimerics' 9 with the composition
Mosoj‘“ (Figure 4.1B). A re-examination of the electrochemistry of
this ion was undertaken to see if it is consistent with the presence of
three reducible centers in the ion. While this study was in progress
Richens and Sykes reported the results of experiments on aquo Mo(TV)
that included some electrochemical measurements. 10,11 Where they
overlap, the experimental observations coincide with those described

11

by Richens and Sykes™~ although a different interpretation of some of
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Figure 4.1, A) Postulated structure of aquo Mo(IV); B) Actual

9,12

core structure of trimeric Moy(IV) complexes.
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the electrochemical response exhibited by the aquo Mo(IV) ion will be

given.

Experimental
Materials, Cs,Mo,0,(C,0,)s(H,0), was synthesized according to a

published procedure. 12 Mo,(IV) aquo ion was prepared as previously
described7 and further purified by ion exchange on a (Bio-Rad)
AG50W-2X cation exchange column (14 X 2 cm). The concentration of
Mo, (IV) was determined by titration with a standard solution of Ce(IV).
The molar absorbance of Mog(IV) at 508 nm in 2M trifluoromethane-
sulfonic acid was measured as €, = 192 M™ em™ which agreed with

a previously reported valuels

in p-toluenesulfonic acid. Solutions of
what is almost certainly Mo,(III) were prepared by controlled potential
reduction of Mog(IV) at a mercury pool electrode.
Trifluoromethanesulfonic acid, (Minnesota Mining and Manufac-
turing Co.) was purified by distillation as described in Chapter 2.
The concentrated, purified acid was diluted with distilled water that
had been further purified by passage through a purification train
(Barnstead Nanopure D2790). Stock solutions of lithium trifluoro-
methanesulfonate were prepared by neutralization of reagent grade
Li,CO;. Other reagent grade materials were used as received.
Q-Nitroaniline (Aldrich Chemical Co.) was recrystallized twice.

Solutions were deoxygenated by bubbling with pre-purified argon.

Instrumentation and Techniques. Spectra were recorded on Cary 17

or Hewlett-Packard 8450A spectrophotometers. EPR spectra were

recorded on a Varian E-Line Century Series spectrometer. Electro-
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chemical instrumentation is described in Chapter 2. To permit
spectra of air-sensitive electrolysis solutions to be recorded without
removal from the electrolysis cell an H-cell with a spectroscopic
cuvette attached by an L-shaped arm was constructed. During electro-
lysis the solution level was below the inlet to the cuvette. To record
spectra the cell was tipped to fill the cuvette and the process was
reversed when additional electrolysis was desired. Digital simulation
of the multiple electron transfer case employed the finite difference

equation method of F‘eldberg14 (see Appendix 1 for a program listing).
Results

The tris-oxalato complex of Mo(IV). The complete formula of the tris-

oxalato complex is M0904(C204)3(H20):-. 12 Hereafter we will omit the
water molecules in writing the formula of this complex. An earlier

15 of the M0304(C204)2' ion reported the presence

polarographic study
of two reduction waves but possible structural changes accompanying
its reduction were not considered. Cyclic voltammograms of
M0504(C204):- exhibit two well-separated reduction steps (Figure 4.2).
The separation of the two steps simplifies the interpretation of the
behavior of this complex. For this reason we will consider it first
because the behavioral pattern it exhibits will prove useful in under-
standing that of the Mog(IV) aquo ion to be described subsequently.

The magnitudes of the cathodic peak currents in Figure 4.2 are
consistent with a two-electron step followed by a one-electron step.
The first reduction peak is diffusion controlled as determined from the

plot of its peak current versus (scan rate)% (inset in Figure 4.2). The



112

Figure 4.2. Cyclic voltammograms of 0.8 mM Mo,O‘(CzQ,):- in
0.1 F (H,C,0, + K,C,0,) at pH 1.53. The ionic strength
was adjusted to 0.5 M with KC1. Initial potential: -300 mV.
Scan rates: 10, 20, 50, 100 and 200 mV s Negative
potentials are plotted to the right and reduction currents
are plotted upward,
Inset: Peak current vs, (scan rate)% for the first cathodic

peak.
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separation between the cathodic and anodic peak potentials of the first
wave increases as the scan rate increases as expected if the electrode
reaction were only quasi-nernstian. At a scan rate of 10 mV s~ the
peaks are separated by 55 mV compared with the 30 mV separation
expected for a two-electron nernstian reaction (or the 60 mV expected
if the reduction involved only one electron). The second reduction
process is also diffusion controlled with an invariant peak splitting of
60 mV. Electrolyte composition had no effect on the peak splitting of
the second wave; however, adsorption of the reactant was evident in
solutions free of chloride ion. The chloride was added to the supporting
electrolyte employed to record Figure 4.2 both to adjust the ionic
strength and to suppress this adsorption.

Controlled potential reduction of M0304(C204):- in 0.5 M oxalic
acid consumes two faradays per mole of complex when the electrode is
held at a potential slightly negative of the first wave (-600 mV). At
more negative potentials (e.g., -900 mV) three faradays per mole of
complex are consumed.‘ The fully reduced species is stable in the
absence of air for at least a week. Its spectrum is shown in Figure 4.3
(curve A) along with that of the original complex (curve C). A spectrum
of the two-electron reduction product is also shown in Figure 4.3 (curve
B) but the solution also contains a small amount (~5%) of the fully
reduced complex whose formation is difficult to avoid at the potential
where the two-electron product is generated at a convenient rate.

The fully reduced ion exhibited the EPR spectrum shown in
Figure 4.4A in a frozen solution at 77° K. Solutions of the two-electron
reduction product showed essentially no EPR response under the same

conditions.
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Figure 4.3. Spectra of: A) Mog(OH),(C,0,);; B) Mog(OH),(C,0,)s;
C) Mo,0,(C,0,)2” in 0.5 M H,C,0,.
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Figure 4.4. ESR spectra of: A) Mo,(OH),(C,0,);; B) Aquo Moy(III) ion.
Microwave frequencies and modulation amplitudes were

A) 9.225 GHz, 1G; B) 9.168 GHz, 2G.
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Pulse Polarography. Normal and reverse pulse l.uolarogmms16 for
solutions of Mosod(CZQ,):' also contain two reduction steps (Figure 4.5).
The separation between the two steps is larger in the reverse pulse
polarograms (Figure 4.5B) because of the differing electron transfer
kinetics exhibited by the two reduction steps: the half-wave potential of
the two-electron, quasi-nernstian step is shifted to a more positive
value in the reverse pulse polarogram while that of the one-electron
nernstian step remains fixed. The two well-developed limiting currents
in the reverse polarogram have the expected ratio of 2to 1. The
shapes of the normal and ‘reverse pulse polarographic waves were
analyzed by plotting log (—l‘—:li:) as a function of the electrode patentialU’18
The results are shown in curves C and D of Figure 4.5. The slope of
the logarithmic plot corresponding to the foot of the first reduction
wave is close to 30 mV per decade, as expected for a two-electron
reaction. The slope increases as the wave is ascended and the quasi-
nernstian character of the wave is expressed. The corresponding plot
for the first oxidation wé.ve in the reverse pulse polarogram has a slope
near 60 mV over most of the wave as expected for a nernstian one-
electron reaction.

The two reduction steps evident in Figure 4.5A are more clearly
separated when their derivatives are recorded as in differential pulse

19 Figure 4.6 shows a set of differential pulse polaro-

polarography.
grams for a series of Moso,,(C204):' solutions with varying pH. The
peak corresponding to the first two-electron reduction shifts to more
negative values as the pH increases until it merges with the second,

one-electron peak whose position is insensitive to pH before the merger.
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Figure 4.5. Normal (A) and reverse (B) polarograms of 0.8 mM
Moso,(CZO,,)z-. Supporting electrolyte as in Figure 4.2.
C and D are the corresponding plots of log (ﬁ)
vs. E (see text). '
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Figure 4.6. Differential pulse polarograms of MOSO,(CZO):- asa
function of pH. All solutions contained 0.1 F total
oxalate and the ionic strength was maintained at 0.5 M
with KC1. The pH values were: (A) 1.25; (B) 1.57;
(C) 1.95; (D) 2.49; (E) 3.05; (F) 3.85; (G) 4.69.
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The single peak remaining after the reduction steps have coalesced
continues to shift to more negative potentials with further increases in
pH. (The small wave appearing at the foot of the main waves in
Figure 4.6 arose from slight air oxidation of the Mo,0,(C,0,): stock
solution. The wave is not present in freshly prepared solutions). The
peak potentials of the first (or merged) wave in Figure 4.6 are plotted
vs. pH in Figure 4.7. At pH values of 2 and below the first wave shifts
by 120 mV per pH unit while the peak potential of the coalesced wave
shifts by 52 mV per pH unit.

These electrochemical results can be accommodated by the

series of electrode reactions depicted in Scheme I:
SCHEME 1
pH < 2
2= +2e, +au"
First step: Mo,0,(C,0,); ﬁ Mo,(OH),(C,0,),
T

quasi-nernstian
Second step:  Mo,(OH),(C,0,); =———2—> Mo,(OH),(C,0,);
-e
nernstian

pH > 2

2- +3e, +3H* 2-
Two steps merged: Mo,0,(C,0,); _8——";3—}—!? Mo,0(0H)4(C,0,)s
-3¢, -
Scheme I implies that one of the oxo-groups in the Mosoz“’ core is less

basic than the other three and resists protonation in the fully reduced
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Figure 4.7. Differential pulse polarographic peak potentials vs. pH
for the reduction of M0504(C20,,):-. Conditions as in

Figure 4.6.
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ion at pH values above 2. The formal potential of the resulting three
electron, three-proton reduction step would be expected to shift by

59 mV per pH unit which is reasonably close to the slope of the line in
Figure 4.7 at pH values above 2.

The Aquo Mo,(IV) Cation. The number of water molecules coordinated

a+

to the MogO,~ core in aquo Mo(IV) has not been determined. On the

basis of the known structures of the oxalato and edta complexeslz’ 20
nine coordinated water molecules seem likely but we will abbreviate
the aquo ion as M030:+. Cyclic voltammograms of Mos,oz+ ina
supporting electrolyte composed of 1. 0 M trifluoromethanesulfonic

acid (HTFMS) and 1.0 M HCI consist of a single reduction and oxidation
wave (Figure 4.8). The cathodic peak current increases linearly with
(scan rate)% (inset in Figure 4. 8) and the separation between the peak
potentials does not depend on the scan rate. Inthe absence of chloride
less ideal behavior is observed witn unequal anodic and cathodic peak
currents.'7 In the presence of chloride, but without explicit electronic
compensation to overcome uncompensated resistance in the cell, a
separation of 33 mV between the peak potentials was previously inter-

7 However, a

preted as a sign of a nernstian two-electron reduction.
three-electron nernstian reduction in the presence of some uncompen-
sated cell resistance could also have produced a peak splitting in excess
of the theoretical value of 20 mV, One purpose of the present experi-
ments was to check this point.

Controlled potential electrolysis of solutions of Mosof' ata

mercury pool at -500 mV consumes one electron per Mo atom. 7 The
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Figure 4.8. Cyclic voltammograms of 0.31 mM M030:+. Supporting
electrolyte: 1 M HTFMS + 1 M HC1. Initial potential:
-100 mV. Scan rates: 10, 20, 50 and 100 mV s™*,
Inset: Cathodic peak currents vs. (scan rate)%. Negative
potentials are plotted to the left and reduction currents
are plotted upward. Inset: Cathodic peak current vs.

1
(scan rate)2.
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resulting complex is readily re-oxidized to M030:+ at the electrode or

10,11

by careful exposure to dioxygen. Prolonged exposure of Mo,0:+

to dioxygen results in its eventual oxidation to Mo(V1).

Polarography
Normal and reverse (as well as differential) pulse polarograms

of solutions of Moso“:+ exhibit only one apparent reduction wave in tri-
fluoromethanesulfonic acid solutions at acid concentrations between
0.5 and 4 M. Figure 4.9 contains representative normal and reverse
pulse polarograms. Logarithmic analysis of these two polarograms
produced non-linear plots (Figure 4.9, curves C and D). The slopes
of the logarithmic plots did not depend upon the duration of the pulses
(in the presence of chloride) showing that slow electron transfer was

21

not an important factor. The slopes of the logarithmic plots are

consistent with the pr of two ive reduction steps just as
was true with the Mosoq(czo,,)ﬁ' complex. However, the two formal
potentials for the reduction of the Mo:,OZ+ appear to lie much closer to
each other. ‘

A theoretical analysis of the shapes of polarographic waves for
overlapping, multi-step, nernstian electrode processes has been pre~

22

sented by Ruzic, ““ This treatment was applied to the case of M030:+

by assuming that a two-step reduction involved was analogous to that
observed with Mo,0,(C,0,)3” (Reaction 4.1):
A
Moy(IV) + 26 === Moy(II, OI, IV) (4.1a)
E}
Mog(III, III, IV) + e === Moy(Ill) (4.1b)
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Figure 4.9. Normal (A) and reverse (B) pulse polarograms of
0.31 mM Muao:". Supporting electrolyte as in
Figure 4.8, Parts C and D are the corresponding

iy -
plots of log (-9=1) vs. E (see text).

1
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It is convenient to define a comproportionation equilibrium constant

relating the three species depicted in equation (4.1).
2Moy(IIT) + Moy(IV) s—= 3Mo,(IlI, HI, IV) 4.2)

_ [Moy(m, 1m, m)°

(4.3)
€ [Moy(tn))* [Moy(V)]

K, can also be expressed in terms of the formal potentials of the two

nnF f _f
K, = exp [;RT— (E{-E;) (4.4)

where n, and n, are the number of electrons involved in the two succes-

redox steps:

ig=i
sive steps. The ratio ( ) used in the logarithmic analysis of the
polarographic wave shapes for this case can be expressed as in equation

(4.5).

_1
®p D™+ 41

A1, +n2
1 (4.5)
Mmoo
N,
e nz) +1
where
1
$ = ex { g7 [0 -n)E - n,E] - n,E{]} (4.6)

and E is the potential on the polarographic wave corresponding to each

-i
) versus E were

i
value of i in equation (4.5). Plots of log ( d
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calculated from equation (4.5) for several values of (Eg-Ef) with
n, =2 and n, = 1 (reaction 4.1), The results are shown in Figure 4,10
along with the experimental points resulting from the corresponding
plot for a normal pulse polarogram of the reduction of M030:+.
Equation (4.5) produces calculated curves with the same general
morphology as the experimental data fall close to the curve calculated
for (Eg- Ef) =-40 mV. It is noteworthy that the calculated curves in
Figure 4.10 show that clearly non-linear logarithmic plots are to be
expected for values of Eg- Ef as positive as +20 mV. If (Eg- Ef is
even more positive, linear plots result with slopes corresponding to
the sum of n, and n,.

Another useful (but not independent) method for estimating (Eg - Ef
is to observe the difference in potential between the points where

ig-i
log ( d_ ) equals 1,0 and -1.0. An analogous procedure for the

1
analysis of cyclic voltammograms was described by Meyer and Shain. 23

These potential differences (calculated from equation (4.5) are plotted
in Figure 4.11 as a funt;tion of (Eg- Ef). When this curve was used to
analyze the experimental data shown in Figure 4.10 a value of (EL - Ef)
of -(35+2) mV resulted.

Cyclic Voltammetry. The cyclic voltammetric response to be expected
from a two-step nernstian electrode reaction that proceeds according
to reaction (4.1) can be calculated by means of a digital simulation
procedure described recently by Sokol et al.. 24 Application of this
procedure to the present case (1M HTFMS + 1M HCI) gave the best
agreement between the experimental and calculated voltammograms

with Ef - Ef set equal to ~36 mV (and n, = 2and n, =1). A comparison
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Figure 4,10, Plots of log [(id- i)/i] vs. E calculated from equation 5
for different values of E:- Ef The experimental points
() were taken from Figure 4.9C. Values of EZ-Ef were:
(A) +90; (B) +20; (C) 0; (D) -20; (E) -40; (F) -90 mV.
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is shown in Figure 4.12A. The agreement is excellent for the cathodic
portion of the wave but deviations appear in the anodic portion. The
same behavior was also observed by Sokol et al. 24 who attributed them
to difficulties in making adequate corrections for the background
current during the second half of the cyclic voltammogram. The good
agreement we observed for the cathodic portion of the wave adds
further support to our supposition that equation 4.1 represents a
realistic picture of the pathways involved in the electro-reduction of
Mosof.

Estimating the closely spaced formal potentials of the multiple
electron redox reaction 4.1 from peak separations in the cyclic voltam-
mograms is a rather dubious procedure. Simulated cyclic voltammo-
grams for various values of (Eg- Ef) (Figure 4.13) show no apparent
correlation between cathodic to anodic peak separation and formal
potential differences. In fact, the second electron transfer is not

readily apparent until the formal potential separation reaches -60 mV.

Acid Dependence of the Half-Wave Potential for Mo:,O';+ Reduction,

The dependence of E, for the composite normal pulse pelarographic
wave for the reducti;n of MOSO:+ in solutions containing increasing
concentrations of protons is shown in Figure 4.14. The Hammet
acidities of each solution, H,, were evaluated from spectral measure-
ments with o-nitroaniline, 2> The non-linearity of the plot is to be
expected if the two steps identified in reaction 1 have different acid
dependences. At the lower acidities (H, < 0.1) a limiting slope of ca.
60 mV per H, unit results while at higher acidities the slope increases

to ca. 90 mV per H, unit. These data show that protons are consumed



140

Figure 4.12. Experimental (solid line) and simulated (points)
cyclic voltammograms for M030:+. Supporting
electrolyte: (A) 1 M HTFMS + 1 M HC], Scan rate:
200 mV s™*. (B) 2 M HPTS, Scan rate: 50 mV s,
Initial potential: ~100 mV.
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Figure 4.13. Simulated cyclic voltammograms (dimensionless
current units) plotted for different values of E.f,-Ef
(the cathodic to anodic peak separation is given in
parentheses): A) 0 (25) mV; B) -20 (26) mV;
C) -40 (31) mV; D) -60 (31) mV; E) -80 (31) mV;
F) -100 (31) mV,
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Polarographic half-wave potential vs. Hammett acidity
function, H,, for reduction of Mo,0:+. Supporting
electrolyte: 0,1 M HC1 + HTFMS + LiTFMS adjusted

to maintain an ionic strength of 2.0 M.
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in the reduction reaction throughout the range of acidities tested. To
dissect the acid dependence into its component parts Figure 4.11 was
used to obtain values of Ez- Ef from the logarithmic analysis of polaro-
grams recorded in solutions of varying acidity. Figure 4.15 displays
the log plots obtained at various acidities. (The limits on the range of
acidities tested were set on the high side by the desire to maintain
constant ionic strength and on the low side by changes in the structure
of the M030:+ core at acidities below ca. 0.1M. )9 A plot of the
resulting values of (Eg-Ef) versus H, is shown in Figure 4.16. The
data fall on a straight line of slope 43 + 5 mV per H, unit. A number
of possible acid dependences of the two reduction steps in reaction 4.1
were considered to account for the slope of the line in Figure 4.16.
The closest correspondence results if the first, two-electron step con-
sumes three protons and the second, one-electron step consumes one

additional proton as depicted in Scheme 1I.

SCHEME II
I E— f

El
+2e, +3H"

First step:. Mo,0it ————> Mo,0(0H);"
-2e, -3H

+e, +H

+ +
Second step: Mo,0(OH); s Mo,(OH);
e, o

The slope of a plot of E.f.-Ef vs. H, would be predicted to be 30 mV
per H, unit on the basis of Scheme II. The observed slope (43 + 5 mV)
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Figure 4.15. Plots of log[(id- i)/i] versus E for different acidities
(the ionic strength was maintained at 2.0 by addition
of LITFMS): A) 2.00; B) 1,52; C) 1.12; D) 0.64.
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Figure 4,16, Values of Eg-Ef evaluated from Figure 4.11 plotted

vs. H,.
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does not seem unreasonable considering the possible scurces of error
in the many measurements that were required for the preparation of

Figure 4.1b.

Absorption Spectra, Uv-visible absorption spectra of solutions con-
taining only Mo,(IV) or only Mogy(III) in 0.5 to 4 M HTFMS agreed with

those reported previously. 10,11

However, similar solutions containing
mixtures of these two ions and, therefore, Moy(IH, I, IV) ion as well,
produced somewhat different spectra. To see if this difference was a
property of the acidic electrolyte utilized in the previous work
(p-toluenesulfonic acid, HPTS), we also recorded spectra of 2:1 mix-
tures of Mog(IIT) and Mo,(IV) in this acid. The resulting spectra were

identical to those reported previously. 10,11

p-Toluenesulfonic Acid Media. The dependence of the absorption

spectra on the nature of the acid led us to examine the electrochemical
behavior of Mo,(IV) in HPTS. A cyclic votammogram for Mo,(IV) in
2M HPTS is shown as the solid line in Figure 4.12B. The presence of
two reduction steps is evident indicating that the separation between
the formal potentials of the two steps is larger in HPTS than in HTFMS
supporting electrolytes. Normal pulse polarograms were recorded in
2M HPTS and their shapes were analyzed by menas of the curve in
Figure 4,11 to estimate a 68 mV separation between the formal poten-
tials of the two reduction steps. In 4M HPTS the apparent difference
in the two formal potentials increases to ca. 106 mV so that the two
stages of the reduction are even more clearly distinguishable. Thus,
in HPTS the reduction of Moy(IV) appears more similar to that of
Mogo.‘(CzO,)i' than it does in HTFMS supporting electrolytes.
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Estimation of Formal Potentials and Comproportionation Constant.

The formal potentials of the half-reactions in Scheme II and the equi-
librium constant for reaction 4.2 were estimated at several concen-
trations of HTFMS from an analysis of the shapes of normal pulse
polarograms by means of the curve in Figure 4.11. The resulting
values of Eg- Ef were substituted in equation (4. 4) to obtain the values
of K, listed in Table 4.1. The variation of (E.f-Ef) and, therefore, of
Kc with acidity is much smaller than that reported by Richens and
Sykes in HPTS electrolytes. 1 As a result, and in contrast with HP'I‘S,:l1
reaction 4.2 cannot be forced to proceed completely to the right and the
two reduction waves of Mo,(IV) cannot be completely separated by in-
creasing the concentration of HTFMS. The values of Ef and EZ in
Table 4.1 are similar in magnitude to some of the ""reduction potentials"
reported by Richens and Sykes but they refer to distinctly

different half-reaction for reasons to be discussed.

The aquo Mo,(Ill) cation. Cyclic voltammograms for a solution of

Mo,(III) produced by controlled potential reduction of M030:+ are shown
in Figure 4.17. Two anodic peaks are clearly evident, This contrasts
with the anodic response shown in Figure 4.8 during the second half of
cyclic voltammograms recorded with solutions of Mosoj+ where only a
single anodic peak appears. The implication is that a portion of the
Mo,(III) formed initially from the reduction of Mo,(IV) undergoes some
structural rearrangement on the time scale of controlled potential
electrolysis (up to several hours) to produce a form that is re-oxidized

at a more positive potential than the unrearranged Moy(ITI). The
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Table 4.1, Evaluation of Formal Potentials and the Compropor-

tionation Equilibrium Constant.

m+? E® -Ef¢ -l -Ef) K
M mv mv mv

4,10 305 351 46.0 36°

2,00 345,5 389 43,5 30

1.52 353.5 395 41,5 25

1,12 364 398 34,0 14

0.64 382.5 409.5 27,0 8

aExcept for [H7] = 4.1 M all solutions were prepared from trifluoro-
methanesulfonic acids, 0.1 M HC1 and sufficient lithium trifluoro-
methanefulfonate to maintain an ionic strength of 2.0 M.

hFormal potential of step 1 in Scheme II.

€Formal potential of step 2 in Scheme II.

quuilibrium constant for reaction 4. 2.

€Solution contained only 4.1 M HTFMS.
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Figure 4.17. Cyclic voltammograms of Mo,(III) produced by
controlled potential reduction of Mo,(IV). Supporting
electrolyte: 2 M HTFMS. Initial potential: 500 milli-
volts, Scan rates: 10, 20, 50, 100 and 200 mV s,
Negative potentials are plotted to the left and reduction

currents are plotted upward.
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rearrangement would have to proceed too slowly to be detected by
cyclic voltammetry at scan rates as low as 10 mV s™* (Figure 4. 8) or
reverse pulse polarography with a drop time of 1 sec. (Figure 4.9).
To test this supposition solutions of Moy(III) were prepared as rapidly
as possible by pouring solutions of Mog(IV) through a column of zinc
metal. (The Zn2+ ion introduced into the solution was reduced at
potentials outside the range of interest and therefore did not interfere).
The resulting solutions were examined periodically by the sensitive
method of differential pulse polarography to detect if one or two waves
were present in the responses. The results, shown in Figure 4,18,
demonstrate that the second wave begins to appear after ca. 2 hours
and reaches its final magnitude after ca. 30 hours under the experi-
mental conditions employed. This time dependence of the relative
magnitudes of the two waves in solutions containing only Mo,(III) shows
clearly that the species initially formed reacts to produce a more
difficultly oxidized form of the same net oxidation state. Since cyclic
voltammograms of the éolutions showed only a single reduction wave
under all conditions, the two forms of Mo,(IIT) are apparently oxidized
to the single, stable form of Moy(IV). This interpretation does not
correspond to that proposed by Richens and Sykes who also reported
two oxidation waves for Mo,(Il) under some conditions. 10,11 ppe

reasons for this interpretation are given in the Discussion séction.

EPR Spectrum of Mo,(IIT). Solutions of Moy(Il) produced EPR spectra

such as that shown in Figure 4.4B. The similarity between the
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Differential pulse polarograms of a solution of
Mo, (II1) at various times after its preparation by
rapid reduction with zinc metal, The age of the
solution was (A) 20 minutes; (B) 8 hours;

(C) 12 hours; (D) 22 hours; (E) 36 hours. Initial
potential: -550 mV, Between recordings the
solution was stirred with argon over a mercury

pool maintained at -550 mV.
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spectrum for the aquo and oxalato complexes suggests similar struc-
tures for the two ions. Both spectra were eliminated by electro-
chemical re-oxidation of the reduced ions. When a solution of M030:+
in 2M trifluoromethanesulfonic acid was electrolytically reduced by
one-third electron per molybdenum atom an EPR spectrum identical to
that in Figure 4.4B was obtained but its intensity was only about 10% of
that resulting when the electrolysis was carried to completion. The
failure of the spectrum’'s intensity to follow linearly the extent of
reduction points to a rapid equilibrium among the various species
present with appreciable equilibrium concentrations of all three of the

species depicted in Scheme II.

Discussion

Comparison of Mo,Oi(CZO,,):- and M0,0:+. The mechanism of the

electroreduction of Moao,,(czoq)ﬁ' is reasonably transparent at acidities
where the two reduction steps are well separated. The overall reduc-
tion proceeds as indicated in Scheme I. The difference in the pH depen-
dences of the first and second step accounts for the merging of the two
waves at pH values above 2.

In solutions of p-toluenesulfonic acid (HPTS) the electrochemical
behavior of the aquo Moy(IV) cation, Mo,0;", parallels that of the
oxalato complex. Adjustment of the formal potentials of the two reduc-
tion steps by control of the acid concentration allows large equilibrium
concentrations of the partially reduced ion, Mo,(III, II, IV), to be
generated, By contrast, in trifluoromethanesulfonic acid (HTFMS)

solutions the smaller separation of the formal potentials for the two
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reduction steps of M030:+ and their lesser pH dependence leads to
much greater disproportionation of the partially reduced ion under all
experimentally accessible conditions. This prevented us from using
spectral data to evaluate the equilibrium compositions of solutions of
Mo(1lI, III, IV) in HTFMS at any of the concentrations where Richens
and Sykes were able to do so in HPTS. n The acidities of equally con-
centrated solutions of HPTS and HTFMS do not differ greatly (as judged
from the ratio of protonated to unprotonated o-nitroaniline in the two
solutions) so that the difference in the electrochemical responses of
M030:+ in the two acids probably arises from differences in specific
ionic interactions between the molybdenum cations and the PTS™ or

TFMS"™ anions.

Mo,(IIT) Aquo Ion. The pair of anodic peaks in the voltammogram for
an aged solution of Mo,(III) (Figure 4.17) and the single oxidation peak
obtained during the oxidizing half of cyclic voltammograms for solutions
of Mo,(IV) (Figure 4.8) plearly point to the occurrence of a chemical
reaction subseduent to the electrb-reducticn of Moy(IV). Similar
behavior was reported by Richens and SyRes11 who attributed the double
peaks to the existence of two, slowly inter-converting forms of Mo,(III,
11, IV) only one of which could be further reduced to Moy(TII). The
implication was that Moy(IV) was reduced only to the irreducible form
of Mo,(II, III, IV) on the time scale of cyclic voltammetry so that only
a single reoxidation wave appeared. The longer times involved in con-
trolled potential electrolyses were presumed adequate for some rear-
rangement of the initially formed Mo,(III, III, IV) species followed by

its further reduction to Moy(III). The two waves observed in voltammo-
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grams for the oxidation of Moy(IIT) were then presumably ascribed
(reference 11 is not explicit on this point) to the formation of the second
form of Mo,(IlI, I, IV) followed by its further oxidation to Mos(IV)
without a slow structural rearrangement being required.

This interpretation suffers from the fact that it predicts a voltam-
metric peak current for the reduction of Mo,(IV) that corresponds to
two rather than three electrons. This is not observed. A further pre-
dicted consequence would be a normal pulse polarographic limiting
current for the reduction of Mo,(IV) that is two-thirds as large as that
for the oxidation of an equilibrated solution of Moy(III). In fact, the
limiting currents for these two solutions are virtually identical. Thus,
the two forms of Mo(III, I, IV) proposed by Richens and Sykes11 are
not compatible with the observed electrochemical responses.

The most compelling evidence that the chemical transformation
involved occurs at the level of Mo,(Il) is contained in Figure 4.18:

The second peak in the differential pulse polarogram of solutions of
Mo,(IV) that have been xl'apidly reduced to Moy(III) develops as the fully
reduced solution stands. Thus, it appears that two electrochemically
distinguishable forms of Mo,(III) are generated in these solutions, The
UV-Vis spectrum of freshly reduced solutions of Mo,(III) that exhibit
just one anodic peak differs only slightly from that of an aged solution
that exhibits two peaks (Figure 4.19) and both forms of Mo,(III) are
readily oxidized to the same Mo,(IV) species. In addition, very slight
changes in the EPR signals are observable as the Moy(IIT) solution ages.
The structural differences between the two forms of Moy(III) (including

the possibility that one form may contain more than three Mo atoms)



162

Figure 4.19. Spectra of Moy(IIl): (A) immediately after preparation;
(B) 48 hours later.
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remain to be elucidated. However, the existence of two electrochem-
ically distinct forms of Moy(III) means that there are two formal poten-
tials connecting the Moy(II) and Moy(IH, II, IV) oxidation states to be
considered. The values given in Table 4.1 were obtained under con-
ditions where only freshly formed Mo,(IIT) was present so that they
represent the formal potential relating Mo(IlI, III, IV) and that initial
form of Mo,(II). Both the magnitudes and the assignments of the
formal potentials given in reference 11 require some revision in the

light of these results.

Conclusion

The trinuclear Moy(IV) ion is reduced in a two-electron step
followed by a one-electron step at potentials that are very close
together. The reasons for this reductive pattern are presumably
related to structural changes that accompany the reductions. A rele-

26 and more recent calcu-

vant molecular orbital calculation of Cotton
]ation527 suggest that the addition of electrons to the Mo,,o,:+ core
results in increased electron density on the bridging and capping oxo
groups. This is consistent with the coupled electron-proton reduction
steps outlined in Schemes I and I in which the formation of hydroxo
groups is indicated in the reduced products.

1t is interesting to note that molybdenum in oxidation state (III)
is now known to form at least three simple aquo ions: Mcmomeric28
Mo(OHz)S:, dimeric9 Moz(OH);+ and the trimeric ion whose core com-
position is believed to be Mo,(OH):+. In addition, the results presented

here indicate that there are two electrochemically distinct forms of the
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trimeric ion. Only the trimeric ion is electro-oxidizable to the tri-

meric molybdenum(IV) ion, M030:+. MO(OHZ)S: is electro-oxidized

7

o geces : . 4+
with difficulty ' and yields the molybdenum(V) dimer, Mo,0, .

ldoz(OH);+ is electro-oxidized more readily to the same product. 7
Mo(OHz)z+ apparently undergoes slow spontaneous condensationzapossibly
to Mo,(OH);*  but the relative thermodynamic stabilities of the

dimeric and trimeric forms of aquo Mo(III) remain to be established.
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Appendix 1
Computer Programs

The following programs are listed in order of their appearance
in this thesis. With the exception of the simulated cyclic sta case
voltammograms of Chapter 2, the programs are self-explanatory and
fully referenced in the opening comment statements. The cyclic stair-
case voltammograms simulated in Chapter 2 were constructed from a
simple addition of the current-voltage profiles of the two components
computed separately from program SCVNRS. FTN. All programs are
written in FORTRAN.
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. PROGRAN ECVNRS
: STAIRCRSE VOLTAMMETRY - FEVEREIBLE CREE
. FROM PROGRAM BY J. K. CHRISTIE

> T TURNER

& RUG 78

© MRETIHNLINE FROGFRAM

commMod JELELS FCZR0B), SC2800)0
COMMON /ELKZ/ NFECLB2, NTDCL1BY, DEC1B), NELECCL18Y, NFREC1R,
«DTEC3)

> INFUT OF PRRAKETERS

CALL SCVNRLCIRD

: CALCULATIOM DF CURFENT FUMCTION
. RNI* SRVING OF DATR

CRLL SCYNRZCIRD
ENL FILE 7

CRLL EXIT

END
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SUBROUTINE SCVNRLCJIR)

COMNON /BLKL/F(30BB>, 5(3880>

COMHMON /BLK2/NFS(18>, NTDC18>, DEC1B>, EIC18>, NELECC18)>, NPP5(18),
«DTE(3)

PROGRAM SCVNRS - SAVES DATA

SUBROUTINE SCVNRL - FRRAMETER INPUT
STRIRCASE VOLTAMMETRY - REVERSIBLE REACTION
FROM PROGRAM BY J. H. CHRISTIE

DRTED 2-18-75

J TURNER
30 NOV 77 - MODIFIED 8 RUG 78

HRITECE, 188>
CALL DRTECDTED
HRITECE, 185> C(DTECID, I=4, 3>

FARRMETER INPUT SECTION

ono

CALL VARINI CJR, “INPUT ND. OF RUNS 7,18,1,18>
DD 18 JI=1,JR
WRITE ¢6,110> JI
2 CALL VARIMICNFSCJIIY, *ND. OF FDRKWARD STEPS “,22,8,408)
CALL VARINICNRS, “ND. DF REVERSE STEPS ‘,22,1,488>
CALL VARINICNPPSCJI>, ND. OF POINTS PER STEP ‘,24,1,58)
NFSCJID>=NFS(JI>¢+1
NTDCJIID>=NFSCII>+NRS
M=NPPSCIID&NTDCJIID> +1 .
IF (M. LE. 2008> GO TO S
WRITECE, 115>
GO TO 3
S CALL VARINCDECJID>, ‘INPUT STEP HEIGHT - CMV> ,26,8.1,58.)

CALL VARINCEICJI>, *INPUT INITIRL POTENTIAL CWMV V5 EL1/2> ‘.38,

«-1, BE3, 1. BE3)
CALL VARINICNELECCJIY, INPUT ND OF ELECTRONS ‘,23,1,10)

18 CONTINUE
RETURN .
100 FORMAT ¢/, STRAIRCASE VOLTAMMETRY - REVERSIBLE REARCTION, /7>
185 FORMAT (‘¢ DRTE OF CALCULATION ‘, 3R4>
1te FORMAT ¢/, FDR PARRMETER SET ND. “I4>
145 FORMRT ¢/7,° TODD MANY PDINTS !!'7,/7)

END
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SUBRDUTINE SCVNR2(JR?

COMMON /BLKL/F(20BB>, 5(30P0>

COMHON /BLKE/NFSC1B>, NTDC18>, DEC18>, EIC18), NELECC18), NFP5SC18),
«DTE(3)

DIMENSION CURRCS588>

FROGRAM SCVNRS - SAVES DATA

SUBROUTINE SCVWHRZ2 - CALCULATION ROUTINE
STRIRCASE VOLTAMMETRY - REVERSIBLE REACTION
FKROM FROGRAM BY J. H. CHRISTIE

LRTED 2-18-75

J TURNER
X6 NDV 77 - MODIFIED B RUG 7B

ooOnNONONNO00

DEFINE FILE 7<18, 1823, U, NKT>
NRT=1

C
C DEFINITION DF CONSTRNTS
C

NAME=ZHNR

12 FI=3.141583
00 58 JI=1,JR
HRITEC6, 128> JI
ANST=3. B92X2E-2¢NELECCJIID
C0=2. /SRRTCFLOATCHPPSCIIN) >
LPL=NFPSCIId+1
H=NPPSCIID&NTDC(JII) +1

C
C SOLVES THE INTERGRAL USING THE STEP FUNCTION HMETHRD
C AS EWPLAINED BY NICHOLSON AND OLMSTERD
C IN ELECTROCHEMISTRY MATTSON, HARK & MACDONALD ED
C CHAFTER 5 FG 127
[
C CALCULRTION OF S RRRAY
[
TENP=8. -
DD 15 I=1,M
SQ=SERTCFLOATCIN>
SCI1)=SQ-TENP
TENP=5Q
i5 CONTINUE

L C
! € SOLUTION SECTION
- C
Vo F(1y=e
: N=NTDCIT)
D0 38 I=1i,N B
Inter-g
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Se

120

172

LAMB=-1NHL

IFCI.GT. NFSCJI>> LRMB=I+1-2%NFSCJID
PO=EICJI)¢+LAMB*DECII>
EPSPi=1. +EXFCANSTPD>

D0 28 K=1,LPL
M=NFPSCJII>*«IML+K-1

SH=8.

DO 25 J=1, M
SH=SM+F(JIIeECH-J+2)
TEMF=C(PI/(CO&EFSPL>>-5M
FCH+L)>=TENP

IF (K. EQ. LPLOCURRCI>=TEMP
CONTINUE

CONTINUE

WRITEC?/NKT> NRME, NFSCJID>, NTDCJI>, DECJIID, EICJIID, NELECCJII), NPPSCJID
«DTE, CURR

CONTINUE

RETURN

FORMAT (/,‘ COMPUTING PRRAMETER SET ND. “I4)
END

e 1o ———— e e ¢
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PROGRAM TOME

CONPUTES I/ZID RAND LOGLID-I1/11 PLOTS FOR
SEQUENTIRL ELECTRDN TRANSFERS

EE CASE

SEE I.RUZIC, J.ELECTROANAL. CHENW., 25,144, (1978).
PROGRANMED BY MARK PRFFETT 4/B2

DIHENSIDON EAPC6BL>, CURRCEBL>, TONE(EBL)

INPUT PRRRMETERS

CALL VREINCA, *INPUT ND. ELECTRONS 15T STEP ‘,306,1.,18.)
CALL VRRINCE, *INFUT ND. ELECTRONS 2ND STEP ‘,38,1.,18.)
MRITECE, 188>

EPDL=0. B

CALL VARINCEFD2,  INPUT POTENTIAL CHV> 2ND STEP 7, 38,-100.8,180. ¢
ANST=3. B3256E-2

LINIT=661

RB=RA+B

CK=EXPC(R&B&(EPDL-EPD2>>«RNST>

BRAF=+158.5

MRITEC6, 105>

DD 95 I=4,LINIT

BRP=EAFP-B. 5

ERPCI>=BRF

[
C COMPUTE LOGIID-I/I] PROFILE
c

TRIP=EXP(AB#ANST&(BRP-CCA/RE>#EPDL)-C(B/RBY*EPD2>)>
TRIK=1. B8/TRIF
TRE=CK&(TRIK&&R)

(E/ABISREY+L. B
BRE=CK/(TRIK&&E)
RRE=BRE®&(L. /RE)
BOT=C(R/RE)*RRE>+1. B
TOPE=TRIP&(TOP/EBOT>

c
C CONPUTE I/ID PROFILE
c

95

100
185
110
112
115

TRU=(CK&«(TRIP#&B)>)«&(1. B/RB>

TRV=CC(A/ABX>&«TRUM+L. B

BRV=TRIP+TRU+L. B

YRO=TRV/BRV

CURRCID>=VRD

TOMECI>=ALDGLB(TOPE>

CONTINUE

NRITECE, 118>CK

NRITE(6, 112>

MRITEC6, 115> CCEAPCI>, CURRCI>, TOMECID), I=1, LINIT)
FORMATC(LX, ‘1ST POTENTIAL SET TD 8.8 HV *, /7>
FORMAT(LX, ‘E RPPLIED STARTS +150 MV FRON EPOL ‘., ¢/
FORNATC(LK,* CK = ‘,EL2. 6,77

FORNAT(SK, * E APPLIED *, 45K, ¢ I/ID 7, 45K, ‘LOGIID-I/IY .7/
FORNART(3K, EL6. B, K, ELE. B, 6K, E16. B>

END
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PROGRAN CVRR

CYCLIC VOLTANKETRY - HULTISTEP ELECTRODE RERCTION
FROGRAN SUFPFLIED BY D. H. EVANS

SEE J. ELECTROANAL. CHEN.,1068,1B7-115 (1588>

MARK PRFFETT 4/B2

DIMENSIDN UBCSRBB), UL(S@B), URC50B>, U3(58D)
DINENSION CHISV(SBB)>, POTSV(SBD)

INFUT OF FRRRMETERS

CRLL VRRINCTEMF,’ TEMP CC.)> = 7,414,8. 8.105 8>

RTF=25, 69¢(273. L5+TENP>/2588B. 15

CALL VRRINCEINV,‘ INIT PDOT MRT EDL = '.21.-1 E3, L. E3>

CALL VRRINCSNHAV,‘ SHITCH POT WRT TD EDLCHV) = 7,29,-1.E3,1.E3)>
CALL VARINCERD, * EDZ WRT EDLCHMV> = ¢, 28, -1 E3, 1. E3D

CALL YRRINCECD,‘ ED3 WRT EOLCHV)> = ¢,28,-1 E3, 1. E3

CALL VARINCECAMP, * SCANP = FV/RT = R = 7,22, -1 . EL, 1 EL)

SETUP
PNR=EINV/RTF
PN EINV-EBO>ZRTF
PH EINV-ECO)>/RTF

FHOVE=R. @

THRIK=EKP(-FNR>
THEIN=EXF(-FNE)
THCIN=EXPC-PNC)
NTREV=CSHNV-EINVI/CRTF&SCANPY
NAKTT=2¢NTREV

TTHRX=HAKTT

D=&. 45

HVENY=€. BeSDRTC(D#TTHRX>+2. B
CHIRT=0.8

FOTHYV=R. B
ECANF=SQRT(RESCSCRANP&DY)
NFTS5=288

NERVE=NRKTT/NPTS¢4

nn=p

CLERF -ARRRAYS

DD 260 I=4L. NVENK
uBCI>=b. 8
ULcIr=0. 0
ua2cI>=b. 0

208 U3cI>=t. 0
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SOLUTION SECTION-FINITE DIFFERENCE EQURTIODNS
FELDBERG’ S METHOD

oo

DO BBE NTU=4, HRKTT
TT=NTU
IFC(NTU-HTREV)> 228, 218, 220
216 SCANP=-SCANP
een CONTINUE
uues=uedcL>
UULL=usCL>
. uuaL=uzcL)d
- TouuRL=pRELy T T T T
uue a2
uuie=uLcz>

FHOVE+SCRNP
=ERPC-FHOVE>
THETA=THAIN&SHIFT
THETE=THEIN&EHIFT
THCIM&SHIFT

. B+THETR+THETA«THETE+THETR*THETB«THETC
UUza=CUU2L+UL2L+ULLL+ULIBL Y /GRMA
Uuze=UUREB«THETA
UULB=UUZB&THETE
UUBEB=UULB&THETC

bh=2. B&D

cas=phsculpL-ULRB>
Zi=DbDeCUULL-LILULE)
uueL-uvuzed
Zi=pbeCUUZL-ULZA)

HVE=E. B#ESDRT(D¢TTI+L. B
vacLr=uuaL+pecllp2-uURL>-2B
ULCLO =tuLL ¢ DeCULIL2-UULL>-21
uzcLd=uu2L+bacuuze-uL2ei>-22
UL =UU3L+DeCUUZ2-UURL>-23
DO 488 I=2, NVE

uu2z=uacIeLd
UU23=U3CI¢L> -
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UBCI>=UUB2+DeCUUB3~2. B&UUBR2+UUBL)
ULCDD =UUL2+DeCULL3-2. D&UUL2+UULLD
u2<¢Id>=uu22+deCUU22-2. BeUU22+UU2L>
URCI>=UU32+De (VLR -2, B&UUR2+UU3L)
vusL=vua2

vuLL=vuL2

uu2i=vu2e

vuzi=vu32

uuve2=uuez2

vuLe=uuLz

Uuze=uuez

uuze=uu32

uuzes=suuzs

2FRR=ZL+2. B#Z2+3. BeZ3
CHIAT=ZFAR/SCANF
IFCHTU/NSRVEENSAVE-NTU> BBB, €60, BDD
HH=NH+L

CHISVC(HM)> =CHIRAT

POTSV(HH) =EITHV+PHDOVE«RTF

CONTINUE

NRITECE, SR>

FORMATC(LK, * CYCLIC VOLTRMMETRY EEE CRSE ‘., /7/)
MRITECE, 1BRBINN

NRITECE, LBBS)

0O 908 I=1,HN

NRITECE, LEBLBYPOTSVCI), CHISVCID
FORMATCLK, 14, /7>

FORMATCL4K,  POTENTIRLY, L5K, *CHI‘, /7>
FORMATCLBK, ELE. B, 5K, ELE. B

END
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Appendix 2

Measuring Homogeneous Chemical Reactions Following Electrode
Reactions by Double Potential Step Chronocoulometry (DPSCC)

In general, DPSCC experiments are performed as follows:

For the simple redox scheme (equation A2.1)
ED
Ox + ne ==> Red (A2.1)

the initial electrode potential is posed at a value (E,) where no
faradaic current flows and is stepped to a potential (E,) sufficient to
produce Red at a diffusion controlled rate. After time 7 the potential
is stepped back to a potential (E,) necessary to regenerate Ox at a
diffusion controlled rate. The charge is monitored as a function of
time during both potential steps and the charge-time behavior is
described by equations A2.2 and A2.3 which were derived by Christie1

for the simple electrode reaction (A2.1).

/Dot
Qplt < 7) = 20FAC, ¥ —~ + Aqy, (A2.2)
Qp(t>7) = 20FAC, ¥ 22« [Vt - VE=7]+ Ady + Ag, (A2.3)

The electrochemical variables have their usual meaning and Aq,, and
AQ,, are the values of the charge consumed by the double layer capaci-
tance upon changing potentials from the respective values. It is more

convenient to monitor the reverse charge according to equation A2.4.
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Bt > 7) =Qp(t >7) - Q(r) = 2nFAC, @ s [VE-VT =VE-T]+aq,
(A2.4)
Equations A2.2 and A2.4 predict that plots of QF(t < T) versus t% and
and Qg(t > 7) versus [VE- V- Vvt -7] should be linear. The inter-
cepts, AQ,, and Aq,,, should be equal to the double layer capacitance

values determined in the absence of any electroactive material. A key
Qb(Z‘r)
g

FT

experimental observable is the value of the ratio, , Which in the

Qper) | |Qp(en)| - |ag,|
Qp(r) Qp(r) - Aty

| =2-v2=0.5858 (A2.5)

absence of adsorption or homogeneous reactions should be 0.5858.
In electrode reactions where following chemical reactions occur,
mathematical solutions to the boundary value problem, where they exist,

become quite complex. For the simple EC electrode reaction (A2. 6)

'E,
Ox + ne =2 Red ——k—> C. (A2,6)

Christiel has derive a complex analytical expression for the ratio

Qj2r) _ 2nFAG, J% = 1-v2+y(27,kr) (A2.7)
Q(7)

where the value of y(t,kt) for t = 27 is given by
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©  F(n+i n+l, k -
W(27,k7) = ~exp(-2kT) { El 1Fy(n+ 3, n+l, kr) 0 (l('rz)n
n=.

nl

+ n:ll (k‘r)n-i-l (2n - 1)::

sl 9*2  (2n-2i-1)!!

(A2.8)

b 1
Yo, erfVkr exp(-k7) . L AFi(n+g, 04l k7) (2n-1)::

+ n
2 vEkT n=0 2™t

The function ,F,(a,b,z) is Kummer's confluent hypergeometric f\.mcf.'ion.1

For mechanisms where no analytical solution exists digital

2

simulation® allows one to compute solutions for the mechanism at hand.

Several groupsa’ 4 have solved the EC mechanism using digital simu-

lation and good agreement exists between the simulationlr(eZSl;lt and the
T
analytical expression (A2, 8) for values of the ratio 9B .

Q(7)
Figure A2.1 displays the analytical and simulation results in the form

of a working curve. Values of k are determined from Figure A2.1 by
measuring the experimental values of Q'B(ZT)/QF(T) at various
switching times 7. The charge ratios determined by digital simulation
in reference 3 were converted to the present format by the following

function, where RQ is the normalized

Q27
QF(T)

=(1- RQ) - 0.5858 (A2.9)

charge ratio of reference 3 (its significance is poorly defined in

reference 3).
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Figure A2.1, DPSCC working curve for the simple EC case of
equation A2.6, (—) analytical solution, (&) simulation
result of reference 3, (o) simulation result of

reference 4.
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A similar working curve (Figure A2.2) is derived from the data

in reference 3 for reaction A2.10.

ED
Ox + ne == Red
Kk (A2.10)
2Red %= Red,
The dimerization of monomeric Mo(V) was analyzed from DPSCC data

and the working curve of Figure A2, 2.



Figure A2.2, DPSCC working curve for the EC radical-radical

dimerization mechanism of equation A2,10 (see text).
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Appendix 3
Normal and Reverse Pulse Polarographic Current-Potential Curves

Pulse polarography utilizes potential pulses applied to a working
electrode (DME in this work) and sampling the current just prior to
drop dislodgement. Between pulse applications the electrode potential
is returned to the initial potential (E,). The applied potential pulse is
linearly increased as a function of time. In normal pulse polarography
the initial potential is poised such that no faradaic current flows. For
reverse pulse polarography the initial potential is set at a value on the
diffusion limited plateau of an electrode reaction and progressively
pulsed to a potential where no faradaic current flows in the normal
pulse case, A key advantage of pulse polarography is the ability to
reduce capacitive charging currents, which decay exponentially, and
selectively enhance faradaic currents, which decay according to E%.

A general theory for pulse polarographic current potential curves
has been elegantly derived by Matsuda. 1 The following discussion is a
synopsis of the normal and reverse pulse polarographic cases. The
current-potential curve for normal pulse polarography is described by
equations A3,1-A3.5. The following equations were derived for an

initial reduction process as indicated by the superscript c.

@iy
Sp = ﬁ .+ e (43.1)

s D,
(9ott = nFeoalt + 7m) 72 (43.2
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®(e) = Vr-€- Fole) = V7 - € » exp(e?) erfc(e) (A3.3)
k,

A= f‘.. + 2 (A3.4)
Dz D2

2= 2% (5, - B (43.5)

The variable Tm is the sampling time, E, is the potential scanned to,
q(t, + Tm) is the surface area at the DMA evaluated between time t, and
Tm and the other variables have their usual meaning. Figure A3.1a

displays normalized current potential curves for different values of

7
log [ks J———nl ]. Inthe case of reversible electron transfer

(k > 0. 01 cm.sec™) the polarographic waves are well defined and

and traditional log treatments (e.g., log[ ]versus E) give linear
plots. As the electron transfer becomes lesls reversible the polaro-
graphic wave shape changes and the half-wave potential shifts to values
negative of the standard potential. Under conditions where quasi-
reversible and irreversible polarograms are obtained the appropriate

log plot analysis is given by equations A3.6 and A3.7

E, =E* - _.1 1.75 + x°(1 + exp(@))* 4% A3.6
2 an, o {x[ 1 - x(1 + exp(R)) ]} ¢ )

*_ RT 4, [m
E*=E_+ TnF [ kg V7' (A3.7)

The log plots in Chapter 3 utilize a reduced form of equation A3.6 since

under irreversible conditions exp(Q) «< 1,
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Figure A3.1, Current-potential curves of a) normal and b) reverse
pulse polarography for values of log[ks J;—i; ]:
1) > 0.5 (reversible), 2) 0.0, 3) -0.5, 4) -1.0, 5) -1.5,
6) -2.0, T -2.5, 8) -3.0.

(Figure taken from reference 1,)
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The current-potential curve for reverse pulse polarography is

described by equations A3.8 and A3.9.

(ip)
a D’cott sC .
igp= 17 oxpl-y - ®(\V7y) - igp; * FoO\VTp)
(43.8)
igp1 = @ nFq(t)C, /ﬂ——‘f. (A3.9)

As seen in Figure A3.1b the reverse pulse polarograms for reversible
electron transfer have essentially the same shape as the normal pulse
polarograms. As the electron transfer becomes less reversible the
wave shape changes such that two different limiting currents are
observed, il%Pl and illiPZ' Under irreversible conditions the limiting
current iRPl is given by the Ilkovic equation for instantaneous current
(equation A3.9). Although not obvious,the half-wave potentia.12 for iRPl
lies a few millivolts negative of the half-wave potential for iNP' The

ratio of il o, to i, is given by,

)
1

][] @s.10
INp m

where t is the age of the mercury drop. In addition, the ratio of

N L L s
(lRPl + lRPZ) to ivp should be unity in the absence of homogeneous
chemical reactions or adsorption processes. The potential of zero
faradaic current is obtained in the reverse pulse polarograms on the

limiting current plateau i L3 Experimentally, the polarograms in
'Rp1
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Chapters 2-4 were displayed in the manner of Figure 3.1b to emphasize

the homogeneous chemistry of the participants in the redox reactions.
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