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ABSTRACT

Ligand-Centered Electron-Transfer Redox Processes for Manganese, Iron,
and Cobalt Complexes in Relation to Selected Catalytic Systems. (May 1989)
Silvia Ann Richert, B.S., United States Air Force Academy;
A.M., Harvard University Y
Chair of Advisory Committee: Dr. Donald T. Sawyer  ¢”
) aﬁffz ol -

The oxidation potentials for a series of I\!InL3, Féi.é, and Cc;Lg
complexes [L = acetylacetonate, 8-quinolinolate, picolinate, 2,2"-bipyridine,
and 1,10-phenanthroline] have been determined by cyclic voltammetry.
The oxidations of these complexes occur at substantially less positive
potentials than those for their zinc analogues and are clearly ligand-
centered. The removal of an electron from the valence shell of the ligand

is facilitated by the formation of a metal (d-electron)-ligand (p-electron)

covalent bond. ~The negative shift in oxidation potential for a ligand is

Y
proportional to the metal-ligand covalent bond energy. The X-ray RS

absorption edge energies for a series of manganese complexes have been it
determined and correlated with the electrochemical results. A change in
the sp covalency of manganese (dsp — d4sp2) corresponds to a shift of
4.3 eV, and the formation of a d-p covalent bond from a ligand-centered
oxidation to a shift of 2.3 eV per bond formed.
The direct conversion of cyclohexane to cyclohexanone via iron-
induced activation of dioxygen species has been investigated. The
addition of hydrogen peroxide to a solution that contains

bis(picolinato)iron(II) and cyclohexane in a pyridine/acetic acid solvent

I
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(2:1 mole ratio) results in the direct transformation of cyclohexane to
~cyclohexanong=>Other hydrocarbon substrates are transformed to ketones

via the oxygenation of a methylenic carbon. Acetylenes and arylolefins are

dioxygenated to a-dicarbonyls and aldehydes. A p-dioxygen binuclear iron

picolinate intermediate appears to be the active form of the catalyst. ,
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CHAPTERI1I

INTRODUCTION

Ligand-Centered Electron-Transfer Redox Processes for Manganese, Iron,
and Cobalt Complexes

Chemists are interested in transition metal complexes because of
their applications as catalysts and as models for metalloenzymes. In
discussing the nature and bonding of these complexes the common
practice has been to assign formal oxidation states (sometimes
inappropriately referred to as valences) to each atom or group of atoms
within the complex.] While formal oxidation states are useful for electron
counting and have been used to predict structures and reactivities, the
actual electron distribution within a complex is often far different. To
consider the formal oxidation state to be equivalent to the actual charge on
a metal center gives a false impression of the ionicity, bond energies (ionic
being misconstrued as "weak"), oxidative power, and reactivity of the
complex.2 Although there is no consensus on how to determine the
actual charge on an atom in a complex,1-3 a parameter that gives an
indication of the extent of charge transfer within a molecule is
electronegativity. There are several methods for the evaluation of
electronegativities,4 which Pauling first defined as "the power of an atom
in a molecule to attract electrons to itself.">6 He introduced a method to

calculate electronegativities from thermochemical data for bond energies,

The journal model is J. Am. Chem. Soc.




with fluorine assigned a value of 4.0. Soon after the introduction of the
Pauling scale, Mulliken suggested an electronegativity scale based on the
average of an atom's first ionization potential and electron affinity.”
Allred and Rochow proposed a definition of electronegativity dependant
on the effective nuclear charge and covalent radius of an atom.8
Sanderson has used a similar definition of electronegativity3 to calculate
bond energies, bond lengths, and partial charges with great success.

A variation of the Mulliken electronegativity scale, based on the
most recent values for ionization potentials and electron affinities® and
scaled to (F = 4.0, is presented in Table I. This scale has smaller values of
electronegativity for carbon, nitrogen, oxygen, and sulfur, and a larger
electronegativity value for hydrogen. The electronegativities of nitrogen
and hydrogen are nearly identical, which indicates that the N-H bond is
fully covalent. Earlier studies had indicated extremely small charge
transfer in NH3 (8, +0.06).3 Recent experiments have determined there
is absolutely no tendency for ammonia to act as a proton donor in
hydrogen bonding.10

The increase in electronegativity with increased positive
charge3:11-15 (one recent estimatel6 gives the change in electronegativity
corresponding to the acquisition of unit charge as AY; = 1.57)1/2) and the
principle of electronegativity equalization within compounds3.17-19
preclude the formation of highly oxidized metal centers with donors such
as C, N, O, and S. The metal centers in complexes that contain such donor
ligands have recently begun to be represented as having low or zero

charge.220.21 A recent analysis suggests the valence-electron hybridization
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in palladium and platinum complexes should be formulated with zero-
charge metal centers to form the maximum number of covalent bonds.22
Similarly, the moiety O2- is incompatible with oxidized transition metal
complexes. A theoretical analysis?3 for the d> Cr(I) ion (isoelectronic with
the d5 Mn(I) ion) concludes that the electron-density distribution for the
CrO* ion is between d5 and d4 [CrI(-:O-)* & CrlI(:O)*]. Therefore the
oxidation state for the more electronegative manganese in the
isoelectronic MnO* ion must be essentially [Mnll(:O-)2+]. Manganous
fluoride (MnF;) has been calculated to be only 49% ionic,16 and nominal
Mn(IV) cannot be achieved in a stable form even with fluoride ligands
(MnF;4 rapidly decomposes to MnF3 and F7).2¢ Thus, high oxidation-state
metal and oxo-dianion formulations are even less appropriate. The
degree of covalency for manganese-oxygen bonds that is indicated from
these electronegativity and charge-density considerations confirms that
the presence of an electropositive center of highly oxidized manganese is
unlikely in biological complexes. The same arguments hold true for other
first row transition metals. Indeed, a model for the reagtive intermediate
of cytochrome P-450 was recently shown to have reaction chemistry and
electronic characteristics that are consistent with an oxygen atom
covalently bonded to an iron(II)-porphyrin radical species.2>

The issue of assigning oxidation states becomes even more
ambiguous with complexes that contain "non-innocent" ligands.26 Many
biological-type ligands belong in this category due to their delocalized
electronic structures and the presence of N, O, and S donors. For

complexes of this type both the metal center and the ligand can be redox




active and the electrochemical properties of both the ligand and the metal
ion are altered so that inner-sphere electron transfer between the two is
possible.27

Perhaps the most scrutinized redox-active ligand is the catechol
ligand, which may exist as the dianion catecholate, the monoanion radical
semiquinato, or the neutral quinone. Which form of the ligand
coordinates to a metal center has been shown to depend on solvent,
charge, counterligands, temperature, and physical state,28-31 and in
numerous cases the redox activity of catechol complexes has been shown
to be ligand-centered.32-36 Additional examples of ligand-centered redox
systems include the formation of ligand-centered radical cations in the
oxidation of phthalocyanine complexes,3” and the oxidations of metal-
dithiolate38 and metal-hydroxide3? complexes.

In the cases of the metal-dithiolate38 and metal-hydroxide3?
complexes the ligand-centered oxidations are facilitated by the stabilization
of the ligand-radical product via covalent bond formation with an
unpaired d-electron of the transition metal center. The negative shift in
the potential for ligand oxidation relative to that for the free ligand anion

is proportional to this covalent bond energy

E°ML/ML” = E®L/L- + (-AG)BF./23.1 kcal V-1 (1)

where (-AG)B F. is the free energy of formation for the M-L covalent bond
(M- +L).




These observations have prompted an investigation into the
relevance of a ligand-centered redox approach to the electrochemistry of
transition n}etal complexes in general, and in particular to biologically
significant systems. The results of this investigation are presented in
Chapter IIl. Manganese, iron, and cobalt, which are present in numerous
metalloenzymes,40 comprised the metal centers in these investigations.
The ligands that have been studied include 8-quinolinolate (8Q"),
acetylacetonate (acac), a-picolinate (PA-), 2,2"-bipyridine (bpy), and
1,10-phenanthroline (phen). These ligands contain oxo- and pyridyl-
nitrogen donor groups which are analogous to the tyrosine, glutamic acid,
aspartic acid, and histidine residues that can act as ligands in metallo-
proteins. The investigations have utilized dipolar aprotic solvents such as
acetonitrile, dimethylformamide, and dimethyl sulfoxide, which more
closely model the matrix of biological metals than does water (the
transition metals of metalloproteins are often buried within the protein
matrix, which is a distinctly different environment than bulk water in
regard to dielectric constant, proton availability, and ionic solvation4l).
Cyclic voltammetry has been employed to determine the electron-transfer
thermodynamics and the site of electron transfer; first, in a series of
manganese complexes to determine if the redox processes are ligand- or
metal-centered for these oxygen and nitrogen donor ligands, and later for
iron and cobalt complexes to ascertain if the nature of the transition
metal-ligand interaction is general or metal specific. Additionally, X-ray
absorption edge energies have been used to estimate the relative charge

densities42-46 on the metal centers of a series of manganese compounds.




These edge positions are correlated with the oxidation states and bonding
of the manganese centers. Various spectroscopic and magnetic measure-
ments have been employed to characterize the complexes in their several

oxidation states.

Iron-Induced Activation of Hydrogen Peroxide

The mild oxidizing action of hydrogen peroxide is enhanced in the
presence of certain metal catalysts. For nearly 100 years47 aqueous
solutions of ferrous ion-hydrogen peroxide have been used to oxidize
most organic compounds by a process known as Fenton chemistry. The
mechanism of Fenton chemistry involves the iron(II)-catalyzed
decomposition of hydrogen peroxide to generate hydroxyl radicals as
transient intermediates, as shown in Scheme 1.4148-50 The initial reaction
is the reductive cleavage of the peroxy-bond by ferrous ion to produce
ferric ion, hydroxide ion, and hydroxyl radical. The subsequent reaction of
hydroxyl radical with organic substrates via hydrogen-atom abstraction
produces carbon radicals that propogate chain reactions and
autooxidations in the presence of dioxygen. Thus, traditional Fenton
chemistry in aqueous media produces a diverse group of products from
‘OH induced radical chemistry.

In contrast to the indiscriminant reactivity of -‘OH with organic
substrates in aqueous media, pronounced regio- and stereo-selectivity has
been observed in the hydroxylation of cyclohexanol to cyclohexanediols by

iron(II) and hydrogen peroxide in 90% acetonitrile-water.51 The active




Scheme I.

HOOH + Fe(Il) 222~ Fe(II)(-OH) + -OH k, ~100 M-1s-1
OH + Fe(Il) ——= Fe(II)(-:OH) k, 2 x108 M-1s-1
OH + RH ——= R- + H,0 K, 107-1010 M-1s-1

.OH + HOOH ——= HO»- + H0 k, 1 x 107 M-1s-1




oxidant is postulated to be a ferryl ion (FeOZ2*) or possibly a dimeric p-oxo
bridged iron species (Scheme II).50-52

The contrast in products between traditional Fenton chemistry in
aqueous solution and the reaction of iron(II) and hydrogen peroxide in
dipolar aprotic media is even more dramatic when dry acetonitrile is used
as the solvent.5354 Solutions of [Fe(MeCN)4](ClO4)7 catalyze the rapid
disproportionation of hydrogen peroxide to dioxygen and water, but the
catalyst remains in the Fe(II) state. In the presence of organic substrates,
products resulting from dehydrogenation or monooxygenation are
obtained (products of Fenton chemistry are not observed). The system
cleanly oxidizes alcohols, aldehydes, thicesters, and substituted hydrazines
by a two-electron process to yield products consistent with those obtained
from catalase- and some peroxidase-catalyzed processes.5455 In the
presence of excess hydrogen peroxide, the system reacts with singlet
oxygen trapping reagents, like diphenylbenzofuran, 9,10-diphenyl-
anthracene, and rubrene, to yield exclusively dioxygenated products.53

In the same medium, ferric chloride (FeCl3) activates hydrogen
peroxide to oxygenate alkanes, alkenes, aldehydes, and thioesters, and to
dehydrogenate alcohols.5657 Anhydrous FeCl3 in dry acetonitrile also
catalyzes the demethylation of N,N-dimethylaniline, the epoxidations of
olefins (stereospecifically in the case of norbornene), and the cleavage of
1,2-diols by hydrogen peroxide.56:57

The postulated reaction sequence for the [Fe(MeCN)4](ClO4)2
chemistry in dry acetonitrile (Scheme III) involves an initial strong Lewis-

acid interaction of the iron center with hydrogen peroxide to weaken the
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Scheme II.
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Scheme II1.
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B /H T 2+
o) +H
Fe(ID)I et Fe(ﬂ)-O—O\
4 H
»OH .
Fe(II)\ Fe(Q)(OH,)
= OH -

Fe(Q)(OH,) + RH — ROH + Fe2+ + H)O

oxidase and monooxygenase model

b.
+H 2 /H sH 2+
O O O
Fe(H)(l) + HOOH —— (I)Fe(II)I —
“H M MH
2+
@)
O
o) 2+
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O-O bond.4154,55 This gives the peroxide a biradical nature, which results
in the two-electron oxidation of organic substrates without necessitating
intramolecular electron transfer from the iron(Il) center. A similar
activation is postulated for epoxidations by FeCl3 (Scheme IV),41,55-57
where the hydrogen peroxide acquires substantial oxene character for the
direct biradical electrophilic insertion into the n-bond of the substrate.

Tris(picolinato)manganese(III)38 also facilitates the decomposition
of hydrogen peroxide in aprotic solvents in the absence of substrates. The
reaction apparently proceeds via the one-electron oxidation of hydrogen
peroxide to the hydroperoxyl radical (HOO), followed by
disproportionation to hydrogen peroxide and dioxygen. The
tris(picolinato)manganese(II) complex, Mn(PA)>(PAH)(H20), efficiently
catalyzes the disproportionation of superoxide (O2°) in acetonitrile or
dimethyl sulfoxide at a rate that is two orders of magnitude faster than the
disproportionation of hydroperoxyl radical (k, 1 x 104 M-15-1).59 In the
presence of strong acids, superoxide decomposes by a rapid protonation to
form hydroperoxyl radical, followed by disproportionation to hydrogen
peroxide and dioxygen. The addition of superoxide to the manganese
complex results in a coordinated hydroperoxy-manganese adduct that
reacts with a second superoxide to yield hydrogen peroxide and dioxygen.
The bis(8-quinolinolato)manganese(Il) complex also has a catalytic effect
on the decomposition of superoxide.60

The picolinato-iron complexes have not been studied in regard to
their reaction with hydrogen peroxide or superoxide in aprotic media, but

the bis(8-quinolinato)iron(Il) complex catalytically decomposes
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Scheme IV.

FeCl3

+OH .
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[CL,Fe(O)OH,)] + RCH=CHR' ——= RCH—CHR' + FeCl + H,0

HOOH
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superoxide.6! In aqueous media tris(picolinato)iron(Il) catalyzes the
decomposition of superoxide via the generation of hydroxyl radicals,
while tris(picolinato)iron'(II) anion catalyzes the decomposition of
hydrogen peroxide to produce hydroxyl radicals.62

Although [Fe(MeCN)4](ClO4); and FeCl3 in anhydrous acetonitrile
activate hydrogen peroxide for the oxidation of a wide variety of organic
substrates, these systems are essentially unreactive with saturated
hydrocarbons. Ferric chloride/HOOH epoxidizes aliphatic mono-olefins
while [Fe(MeCN)4](ClO4)2/HOOH does not react with these substrates.
The presence of basic ligands (H2O or pyridine) promotes Fenton

chemistry. During the past five years, several reportsé3-67 have described
the selective transformation of methylenic groups ( :CHz) to ketones via
four heterogeneous iron-dioxygen systems (a) iron powder/sodium
sulfide/ Oy, (b) Fe30(OACc)g:3.5Py/ zinc dust/ Oy, (c) (Py)4FeCly/KOx(s), and
(d) (Py)4FeCl2/(O2 + e — O7) in 4:1 pyridine/HOAc. These systems are
postulated to contain the same iron-carbon 6-bonded intermediatesé® and
to have superoxide ion as the active form of reduced oxygen that oxidizes
the iron catalyst within the catalytic cycle. Pyridine is believed to be
essential to the system as a trap for hydroxyl radicals, and thereby to

-

prevent Fenton chemistry.

This background has prompted studies to optimize the

catalyst/solvent system for the ketonization of (:CHQ) via superoxide
(KOz or Oz + e — O2) and to investigate the use of iron catalysts with
hydrogen peroxide in pyridine/acetic acid solvents. The results of these

studies are presented in Chapter IV. Catalyst concentrations for a variety
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of metal complexes (predominantly iron complexes) and solvent
compositions have been varied to optimize ketone yields. The
transformations of several substrates that contain methylenic carbons,
.acetylenes, and arylolefins have been investigated. Capillary gas
chromatography and mass spectrometry have been used to identify and
assay the reaction products. Various spectroscopic and electrochemical

measurements have been used to characterize the reactions.




CHAPTER II

EXPERIMENTAL TECHNIQUES

Electrochemistry
Cyclic Voltammetry

Cyclic voltammetry was accomplished with a Bioanalytical Systems
(BAS) Model CV-27 voltammograph and a Houston Instruments Model
200 XY recorder. The electrochemical measurements were made with a
microcell assembly (10 mL capacity) closed with a Teflon cap that
contained holes for a three electrode system and two additional small bore
holes for deaeration and sample injection. The working electrode was a
Bioanalytical Systems glassy-carbon inlay electrode (area 0.09 cm2). The
auxiliary electrode was a platinum wire isolated from the bulk solution by
a glass tube closed with a fine porosity glass-frit and filled with a
concentrated solution of supporting electrolyte. A Ag/AgCl reference
electrode (filled with aqueous tetramethylammonium chloride solution
and adjusted to 0.00 V vs. SCE) with a solution junction via a Pyrex tube
with a soft-glass (soda lime) cracked tip (resistance 15-25 kQ2) was used.69
The reference electrode was placed inside a Luggin capillary in the cell
assembly. Prior to use, the electrochemical cell assembly was treated with
HNOj3 overnight, repeatedly soaked in a distilled water bath (residual acid
tended to concentrate in the glass frit), and oven dried at 140 °C for several
hours.

Dry tetraethylammonium perchlorate (TEAP, GFS Chemicals) was
used as the supporting electrolyte (0.1 M) for the electrochemical

17




experiments. Solutions were deaerated with high purity argon
(presaturated with solvent) for 10 minutes prior to each experiment or
until a background scan of the solvent and supporting electrolyte
confirmed the absence of dioxygen (5 pA scale). A blanket of argon was
maintained during the experiments. The cyclic voltammograms were
initiated at the rest potential of the solution with a scan rate of 0.1 V s-1.
The working-electrode surface was polished with Buehler No. 3 (0.05 pm)
polishing alumina prior to each scan. Experiments were performed at
room temperature (22 + 2 °C) unless otherwise indicated.

For oxidation-reduction couples that were reversible in appearance,
the half-wave potential, E1/2 = (Ep,a + Ep,c)/2, where Ep 2 and Epc are the
peak anodic and cathodic potential values, is reported (estimated error,

1 0.01 V). When a redox feature appeared irreversible, E1 /2 has been
estimated by the relation E1/2 = (Ep,a - 0.03 V) or (Ep + 0.03 V) for a one

electron process at 25 °C.69

Controlled-Potential Electrolysis

Controlled-potential electrolysis was performed with a three-
electrode potentiostat (Princeton Applied Research Model 173
potentiostat/galvanostat, Model 175 universal programmer, and Model
179 digital coulometer). The same microcell assemblies and Ag/AgCl
reference electrodes as those employed for cyclic voltammetry were used.
Platinum-flag auxiliary electrodes (contained in a glass tube with medium
or coarse porosity glass frit and filled with a concentrated solution of the

supporting electrolyte) and glassy-carbon plate working electrodes (on
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platinum wires) were used for the controlled-potential electrolyses. The
glassy-carbon plate working electrodes were polished with alumina

(Buehler No. 3, 0.05 um) and rinsed with methanol prior to use.

X-ray Absorption Edge Spectroscopy (XAES)

X-ray absorption spectra were collected for powdered samples spread
on tape by use of beam line X-11 at the National Synchrotron Light Source
at Brookhaven National Laboratory. Samples were mounted on a
movable stage placed between two detectors, perpendicular to the x-ray
path. The number of counts per detector for a given wavelength was
recorded as the monochrometer scanned through a set wavelength range.
Data were then treated as an absorption plot of In(I,/I) vs. energy. These
data were further treated by subtracting a linear background determined
from fitting the pre-edge region and by normalizing the edge height. The
edge position was defined as the inflection point of the major absorption
edge. The Eg of energy was taken as the beginning of the pre-edge feature
attributed to 1s = 3d quadrupole transitions for Mn compounds.”0-72 First
derivative plots were used to determine edge positions when available.

Maximum error in edge position is estimated to be £ 0.5 eV.

Magnetic Susceptibility Measurements

Solution magnetic susceptibilities of the complexes were measured
by the Evans' method73-76 with concentric NMR tubes in a Varian XL-200
or XE-200 NMR Spectrometer (Wilmard Glass Co., Inc. 5 mm diameter, 6"
NMR tube with a WGS-5BL coaxial insert with capillary end). Prior to use,
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the NMR tubes were treated with acid and distilled water baths in the
same manner as the electrochemical cells, followed by a NH3-EDTA bath.
The tubes were then rinsed with distilled water and oven dried. The outer
tube contained 0.6-1.0 mL of solution while the capillary end of the inner
tube held 60-100 uL. The solution of the complex under study (1-5 mM)
was placed in either the outer or inner tube; the outer tube was preferred
for ease in sample handling. Samples were prepared with deuterated
solvents in a glovebox (Vacuum Atmospherics Model HE-493 Dri-Lab
with a Model HE-493 Dri-Train system) under a nitrogen atmosphere.
Tetramethylsilane (TMS) was used as a non-interacting chemical-shift
indicator.

The paramagnetic shift of the TMS protons was the measured NMR

parameter, which was used in the relation73,74

MO = (4/3r) (Appm x 106) MW /c - Xdiamag )

where Y MO is the corrected molar susceptibility, Appm the shift in the

TMS proton resonance in parts per million, MW the molecular weight of
the complex, ¢ the concentration of the complex in solution in
grams/milliliter, and Xdiamag a correction for the diamagnetic
susceptibility of the ligand atoms as estimated from Pascal's constants.74.75
A factor of (4/3r) appears in the equation rather than (2/3=n) because the
probe geometry in the newer superconducting magnet spectrometers has
the applied magnetic field parallel to the sample tube axis, whereas the

iron magnet instruments in use when the Evans' method was developed




have the applied magnetic field perpendicular to the sample tube axis.”6

The major sources of error in the measurement of Y M ™ were the small

sample size and solubility limitations (weighing error, + 0.0001 g (Mettler

H31 or Ainsworth Type 10 Analytical Balance); error in Y M0, £ 10%).
Assuming Curie Law behavior, the magnetic moment was

calculated from the molar susceptibility,74

Heorr = (3KT YMT/Ng)1/2 = 2.84 (Y mO'T- T)1/2 (3)

where Ucorr is the magnetic moment in Bohr magnetons corrected for
diamagnetism, k is Boltzmann's constant, Ny is Avogadro's number, and
T is the temperature (K). Measurements were performed at ambient

temperature, 21-22 °C.

Gas Chromatography

The reaction products were separated and identified with a Hewlett-
Packard 5880A Series gas chromatograph equipped with a HP-1 capillary
column (cross-linked methyl silicone gum phase, 12 m x 0.2 mm i.d.) and
by gas chromatography-mass spectrometry (Hewlett-Packard 5790A Series
gas chromatograph with mass selection detector). Reference samples were
used to confirm product identifications. The quantities of products were
calculated from standard curves for authentic samples. Linear regressions
of the ratios of standard solutions (0.2 mM, 0.5 mM, 1 mM, 2 mM, 3 mM, 5
mM, 10 mM, and 20 mM) to 1 M cyclohexane were used to determine

product yields for cyclohexanone or cyclohexanol. Direct injections of the
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product solution (1-2 uL) were made. Conditions: injection temperature,
220 °C; detector temperature, 250 °C; chart speed, 0.25 cm/min;
attenuation, 22 or 23; threshold, -2. Gas flow rates: hydrogen, 40 psi; air, 40
psi; carrier, 6 psi; auxiliary 1, 16 psi. Other parameters were left at the
default values. The oven temperature profile was adjusted for the

substrate under study and its products.

Spectroscopy
Optical Spectroscopy

The UV /visible spectrophotometric measurements were performed
on a Hewlett-Packard Model 8450 diode-array spectrophotometer. The
error in wavelength measurement was + 2 nm. Quartz cells (Precision
Cells, Inc.) were cleaned by the same regimen as that used for the

electrochemical cell assemblies.

Infrared Spectroscopy
Infrared spectra were recorded with an IBM IR/44 (IR/40S
Spectrometer with IR/30S upgrade unit) FTIR instrument. Solid-state

samples were made by use of a KBr pellet press.

Nuclear Magnetic Resonance Spectroscopy
The NMR spectra were recorded on a Varian XL-200 NMR
Spectrometer with the sample dissolved in deuterated solvents that

contained an internal TMS reference.




Elemental Analysis
Elemental analyses were performed by Galbraith Microanalytical

Laboratories, Inc., Knoxville, TN.

Chemicals and Reagents

The reagents for the investigations and syntheses were the highest
purity commercially available and were used without further purification,
unless noted otherwise. Burdick and Jackson "distilled in glass" grade
acetonitrile (MeCN, 0.004% H20), dimethylformamide (DMF, 0.011%
H0), dimethyl sulfoxide (DMSO, 0.016% H0), and pyridine (Py, 0.014%
H70) were used without further purification as the solvents for the
electrochemical experiments. The solvents for the magnetic susceptibility
measurements, deuterated d3-MeCN, d7-DMF, and dg-DMSO that
contained 1% tetramethylsilane (TMS), were purchased from Aldrich.
Tetraethylammonium perchlorate (TEAP, GFS Chemicals) was vacuum
dried for 24 hours prior to use as the supporting electrolyte for the
electrochemical experiments. High purity argon gas was used to deaerate
the solutions. All compounds were dried in vacuo over CaSOy4 for 24
hours prior to use.

A number of reagents and complexes were purchased commercially:

General Reagents

Ammonium acetate (NH4OAc, Fisher); absolute ethanol (EtOH,
Mallinkrodt); hydrogen peroxide (HOOH, 30% Mallinkrodt and 50%
Fisher); methanol (MeOH, Fisher); perchloric acid (HCIO4, 70%, MCB




Reagents); potassium superoxide (KO, Aldrich); sodium bicarbonate
(NaHCOs3, Fisher); sodium perchlorate (NaClO4, GFS); and tetramethyl-
ammonium hydroxide pentahydrate (TMAOH-5H;0O, Fluka).

The substrates and reference compounds for the products for the
catalyses described in Chapter IV were purchased from Aldrich with the
exceptions of cyclohexanol (CgH110OH, Baker), cyclohexene (CgHjyg, Fisher),
and acetophenone (PhC(O)CHj3, Mallinkrodt).

Ligands

Glacial acetic acid (HOAc, ACS grade, Fisher Scientific or
Chempure); 2,2"-bipyridine (bpy, Aldrich); 8-hydroxyquinolinol (8HQ,
Aldrich Gold Label); 2,4-pentanedione (acacH, Aldrich Gold Label);
1,10-phenanthroline monohydrate (phen, Aldrich Gold Label); a-picolinic
acid (PAH, Aldrich); 2,6-pyridinedicarboxylic acid (DPAHj,, Aldrich);
tetrabutylammonium hydroxide ((BugN)OH, 1 M, obtained from Aldrich
as a 25% solution in methanol and concentration determined by acid-base

titration); and triphenylphosphine oxide (OPPhj3, Aldrich).

Manganese Complexes

IMn(H20)6}(C104)2 (Fluka); Mn(OAc)2-4H20 (Alfa); Mn(OAc)32H20
(Aldrich); Mn(acac)2 (McKenzie); Mn(acac); (McKenzie), recrystallized
from benzene before use; MnCl, (Aldrich); MnF3 (Alfa); Na3[Mn(P207)3}
(K&K Laboratories); MnTPP(OAc) (TPP = tetraphenylporphinato, Strem);
MnO> (Mallinkrodt); and KMnQy4 (Fisher).
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Iron Complexes

[Fe(H20)6)(C104)2 (GFS); Fe(ClO4)3 (Strem); FeCl3-6H20 (Fisher);
Fe(acac); (McKenzie); Fe(acac)z (McKenzie), recrystallized from dry |
acetonitrile before use; [Fe(bpy)3]1(ClO4)2 (GFS); [Fe(phen)3](C1O4)2 (GFS);
Fe(CO)s5 (Aldrich); and ferrocene (Fe(Cp)2, Cp = cyclopentadienyl, Aldrich
L UV standard).

The IR spectrum of Fe(acac)3 (absorption maxima (ecm-1); 1572(vs),
1525(vs), 1466(vw), 1442(w), 1424(m), 1390(m), 1363(s), 1275(s), 1189(w),
1023(s), 930(s), 802(w), 772(m), 668(s), 560(m), 550(m), 435(vs)) was in accord
with published spectra,””.78 as was its UV/visible spectrum79.80 (Apay; 235,
273, 353, and 434 nm). The solution magnetic moment for Fe(acac)z was

Ueorr = 5.88 B.M.

Cobalt Complexes

[Co(H0)6](Cl04)72 (GES); Co(CO3) (Allied Chemicals, Baker &
Adamson); Co(NO3)2 (Allied Chemicals); CoCly-6H20 (Mallinkrodt);
Co(acac)2 (Aldrich), dried in vacuo over P,Os overnight; and
Co(OAc)2:4H>0 (Aldrich), heated in vacuo overnight at 60-90 °C with an
oil bath to obtain Co(OAc);.

Zinc Complexes
[Zn(H20)6)(C1O04)2 (GFS); Zn(acac)- H2O (Aldrich); and
Zn(OAc)2:2H->0 (Aldrich).




Syntheses

Several complexes were prepared by conventional methods:

Manganese Complexes

Mn(8Q)381.82; Mn(PA)3-H2058:81.82; [Mn(bpy)3l(ClO4)282;
[Mn(phen)3](C104)283-85; and [Mn(OPPh3)4](C104)286.

Dr. T. Matsushita kindly provided a number of compounds used in
the XAES study of manganese: [Mn(urea)gl(C104)387; [IMn(DMU)g](ClO4),88
(DMU = dimethylurea); [Mn(DMSO)¢](C104)38%; Mn(DPA)Y(DPAH)(EtOH)81;
Na[Mn(DPA)2]%8; BuyN[Mn(DPA)2]38; Mn(PA)2:2H20%;
[Mn(terpy03)21(Cl04)2:2H,091 (terpyOs3 = 2,2',2"-terpyridine 1,1',1"-trioxide);
[Mn(bpy02)3]2(5208)3-8H,092 (bpyO; = 2,2'-bipyridine 1,1'-dioxide);
[Mna(bpy)s(u-0)2)(ClO4)3-4H2093.94; [Mna(phen)s(n-0)2](ClO4)4-4H0%5;
Mn(salpn)C1% (salpnHj = N,N'-disalicylidenepropanediamine); and
Mn(salen)Cl-H20% (salenH; = N,N'-disalicylidenethanediamine).

Iron Complexes

Fe(8Q)3%7; [Fe(OPPh3)4](Cl04)298; and (Py)4FeCl;%9.

The IR spectrum of Fe(8Q)3 is consistent with published
spectral00-102 (absorption maxima (cm-1); 1597(w), 1574(s), 1562(w),
1496(vs), 1462(vs), 1438(w), 1424(w), 1421(w), 1377(vs), 1322(vs), 1278(s),
1237(m), 1227(m), 1109(vs), 824(s), 804(m), 788(m), 738(vs), 620(m), 524(s)).
The UV/visible spectrum of Fe(8Q)3 has three absorption bands (Amax;
372 nm, 462 nm, and 574 nm, with a shoulder at 315 nm). The Fe(8Q)3

complex has a solution magnetic moment of peorr = 6.35 B.M.




Cobalt Complexes

Co(8Q)2103; Co(PA);104; Co(acac)3105; Na3[Co(CO3)3]-3H,0106;
[Co(bpy)31(Cl0O4)2104; [Co(phen)3](ClO4)284; [Co(phen)3](Cl04)3-2H,084; and
[Co(OPPh3)4}(ClO4)786.

The IR sp.ectrum of Co(8Q)2 confirmed that it was anhydrous. The
NMR spectrum of Co(acac)s had two clean lines (5; 2.046 ppm and 5.543
ppm, areas 6:1, TMS internal reference) for CH3 and -CH.

Anhydrous Hydrogen Peroxide

Anhydrous hydrogen peroxide (HOOH) was prepared by careful
removal of water from 10 mL of 50% HOOH at 0 °C under vacuum to give
1.5-3 mL of pure hydrogen peroxide.>4 This was quickly dissolved in dry
acetonitrile (25 mL). The resulting solutions were assayed by iodometric
titration107 and found to be 1.6 M (94%) and 3.6 M (82%).

Hazard Warning: Pure HOOH is an exceptional oxidant. Trace

quantities of reduced transition-metal ions can initiate its violent
decomposition and oxidation of organic materials. It is necessary to
exercise extreme care, use adequate safety precautions, and work with a

small quantity during its purification, storage, and use.

Tetramethylammonium Superoxide

Tetramethylammonium superoxide (Me4N)O3 was prepared by
combining KOz and (MegN)OH-H;0 (from TMAOH:5H20 which was

sequentially dried under vacuum at 65 °C with continuous stirring for
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18 hours, 80 °C for 24 hours, and 93 °C for 24 hours) and subsequent

extraction in liquid ammonia.108,109

Ligand Anion Solutions

Ligand anion solutions of 8Q-, acac”, “OAc, and PA- were prepared
by mixing the appropriate ligand (8HQ, acacH, HOACc, or PAH) with
(BugN)OH (1 M tetrabutylammonium hydroxide in methanol).

(MegN)PA and (MegN),DPA

Tetramethylammonium picolinate ((Me4N)PA) and
tetramethylammonium dipicolinate ((Me4N)2DPA) were prepared by the
neutralization of PAH or DPAH, by TMAOH-5H>0 in aqueous
solution.110 Recrystallizations of (MegN)PA were from acetonitrile;
(Me4N)2DPA was recrystallized from 95% MeCN-5% MeOH. The

extremely hydroscopic products were stored under vacuum.

[M(MeCN)4](ClO4)2, M = Mn, Fe, Co, and Zn

The [M(MeCN)4](ClO4)2 complexes of Mn, Fe, Co, and Zn were
prepared by multiple recrystallizations of the commercial hydrated
perchlorates in dry MeCN.

Iron Picolinate and Iron Dipicolinate Solutions
Solutions (1-5 mM) of iron picolinate and iron dipicolinate were

prepared in situ by mixing Fe(ClO4)3 (anhydrous) or [Fe(MeCN)4)(ClO4)2
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with varying stoichiometries of the appropriate ligand anion (PA-,
(MegN)PA, or (MegN)2DPA).

Fe(PA); and Fe(DPA)

The nominal complexes Fe(PA); and Fe(DPA) were prepared by
mixing [Fe(MeCN)4}(ClO4)2 and the stoichiometric amount of the
tetramethylammonium salt of the ligand in acetonitrile under argon. A
brick-red precipitate was obtained for "Fe(PA);". The isolated powder
gradually turned light brown upon exposure to air. Exposure of the
Fe(PA); solution to air resulted in the precipitation of a pale green powder.
The precipitate obtained for "Fe(DPA)" was an orange-brown powder that
became light brown upon exposure to air. Exposure of the Fe(DPA)

solution to air caused the precipitation of a dark mustard-colored powder.

Co(PA)3 and Co(8Q)3

These complexes were prepared by a variation of a literature
method for the synthesis of Co(acac)3.195 Three equivalents of ligand
(approximately 4 g) in 150 mL of solvent were mixed with
Na3[Co(CO3)3]-3H20 in the presence of 2 mL of 70% HCIO4. Co(PA)3 was
prepared in water and Co(8Q)3 in 95% ethanol. The products were
recrystallized from water, then heptane, and absolute ethanol,
respectively. Purple crystals were obtained for Co(PA)3 (Amax; 376 nm and
528 nm). Analysis. Calculated for CoC318H12N30g (Co(PA)3): C, 50.84; H,
2.84; N, 9.88; O, 22.57; Co, 13.86. Found: C, 50.78; H, 2.84; N, 9.76; O, 23.05;
Co, 13.77.




The NMR spectrum for Co(8Q)3, although fairly noisy, was
consistent with the published spectrum.111 The NMR spectrum of
Co(PA)3 consisted of a doublet (3; 7.519, 7.549 ppm), a triplet (5; centered at
7.794 ppm), and two larger multiplets. One of the latter had a complex
pattern (9; 7.942, 7.973, 8.006, 8.042, 8.065, 8.076, 8.088, 8.100, 8.132 ppm), and
the other appeared to consist of a triplet (5; 8.321, 8.359, 8.397 ppm) and a
doublet of doublets (3; 8.451, 8.478, 8.524, 8.552 ppm). The UV/visible
spectrum of Co(PA)3 contained two maxima (Amax; 376 nm and 528 nm),
consistent with that reported in the literature (Amax; 380 nm and
528 nm)112 for a pale pink crystalline product (deep purple crystals were
obtained in the present work). The corresponding synthesis!12 did not
include the addition of acid needed to drive the reaction to completion106

or a rigorous drying procedure.

Zn(8Q)2:2H70 and Zn(PA)2H>0

Zn(8Q)22H20 was prepared by a modified procedurell3 that made
use of [Zn(H70)6)J(C104)2 in place of Zn(NO3);, where 0.5 equivalent of
[Zn(H20)6)(C104)2 was added to an equimolar mixture of NaOH and 8HQ
in water. The resulting yellow precipitate was collected on a glass frit,
washed with ethanol, and dried in vacuo over CaSO4. A similar synthesis
was used for Zn(PA)-2H70. The IR spectrum of Zn(PA)2-2H20 was
reasonable in comparison to the spectra of other M(PA)2 compounds?0
(absorption maxima (cm-1); 1097(m), 1051(s), 1023(s), 860(m), 765(vs), 722(s),
699(vs), 642(s)).
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CHAPTERIII

LIGAND-CENTERED REDOX PROCESSES FOR MnLj, FeL3, AND ColLj
COMPLEXES (L = 8-QUINOLINOLATE, ACETYLACETONATE,
PICOLINATE, 2,2'-BIPYRIDINE, AND 1,10-PHENANTHROLINE)

Results
Manganese

The oxidation and reduction potentials for the ligands used in these
studies are summarized in Table II. The ligand anions (formed by the
addition of one equivalent of hydroxide ((BugN)OH) to a solution of the
ligand) exhibited one-electron irreversible oxidations, whose potentials are
summarized in Table IIIl. The isolated tetramethylammonium picolinate
salt had identical electrochemistry to the picolinate ion formed in solution
[PAH + -OH].

The potentials for the irreversible one-electron oxidations of the
ligand anions (or neutral ligands) in the presence of Zn(ll), a transition-
metal ion with a filled d10 subshell, are summarized in Table IV. The
oxidations are shifted slightly positive (~0.03 V) of the oxidations for the
free ligand anions. Identical electrochemical results are obtained with the
ligand anions whether the ZnL3- complexes are formed by the addition of
three equivalents of ligand anion to [Zn(MeCN)4](ClO4)2 or by the addition
of one L- to the ZnLj complex. In the latter case, an excess of L- (1.5-2
equivalents) is required to obtain a sharp oxidation peak. The ZnL;
complexes (from isolated complexes or formed in situ by mixing 2L- and

(Zn(MeCN)4)J(ClO4)7) are insoluble, but are solubilized upon addition
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Table II. Redox Potentials for Ligands in Acetonitrile.2

Ey/2b, V vs. SCES

Ligandd Oxidations Reductions

a. 8HQ +1.17, +1.80 —€
acacH +1.85(2e) -
HOAc —£ —
PAH : —e —t

b. bpy +2.08 -2.19(2¢")
phen +1.83 -2.10(2¢"), -2.27
OPPhj — —€

a 3 mM solutions in acetonitrile (0.1 M tetraethylammonium
perchlorate).

b Ej/2 taken as Epa/2 + 0.03 V for oxidations, Epc/2 - 0.03 V for reductions
(Ref. 69).

¢ Saturated calomel electrode (SCE) vs. NHE, +0.242 V.

d Key: 8HQ, 8-hydroxyquinolinol; acacH, acetylacetone; HOACc, acetic acid;
PAH, picolinic acid; bpy, 2,2-bipyridine; phen, 1,10-phenanthroline;
OPPh;, triphenylphosphine oxide.

e No redox features observed within MeCN solvent window,
+23to-25V.
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Table III. Oxidation Potentials for Ligand Anions (L-/L).a

Ep /zb, V vs. SCE¢

Ligand Anion (L") MeCN DMF DMSO
8Q -0.03 -0.03 -0.01
acac +0.31 +0.35 +0.41
“OAc +1.14 +1.17 +1.16
PA- +1.26 +1.18 +1.19
-OH +0.35 +0.75(+0.35)d  +0.72(+0.34)d

a2 3 mM solutions (0.1 M tetraethylammonium perchlorate).
b Ej/; taken as Ep,a/2 +0.03 V (Ref. 69).
¢ Saturated calomel electrode (SCE) vs. NHE, +0.242 V.

d A new oxidation peak appears for concentrations > 6 mM or at times
> 30 min.




Table IV. Oxidation Potentials for Zinc Complexes.a

E1/2b, V vs. SCE¢

Zinc Complex MeCN DMF DMSO

a. Zn(8Q)s3" -0.02 0.00 +0.02
Zn(acac)s” +0.34 +0.40 +0.42
Zn(OAQ)3" +1.17 +1.16 +1.18
Zn(PA)3- +1.30 +1.19 +1.21

b. [Zn(MeCN)4J(ClO4)2  >2.3
[Zn(bpy)3l(ClOy)2 >2.3
[Zn(phen)3](ClO4); >2.3
[Zn(OPPh3)4](ClOg);  >2.3

2 3 mM solutions (0.1 M tetraethylammonium perchlorate).
b E1/2 taken as Ep a/2 + 0.03 V (Ref. 69).
€ Saturated calomel electrode (SCE) vs. NHE, +0.242 V.
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of the third equivalent of L-. Addition of one equivalent of hydroxide to
ZnL; results in dissolution, but a second equivalent causes the formation
of a white precipitate and electrochemistry that is characteristic of the 2L-
species. The [Zn(MeCN)4](ClO4)2 used to form the zinc complexes is
electrochemically inactive except for electrode plating and stripping
processes at Ep, -1.10 V and Ep 3, -0.57 V vs. SCE, respectively, in MeCN.

Figure 1 illustrates the cyclic voltammograms for picolinate anion
(PA-), Zn(PA)3-, and Mn(PA)3-H;0. The latter is reversibly reduced to
Mn(PA)3- and reoxidized by two reversible one-electron steps (nominally
attributable to the Mn(II)/Mn(Ill) and Mn(III)/Mn(IV) redox couples). The
cyclic voltammograms for the 8-quinolinolate, acetylacetonate, and acetate
anions and their zinc and manganese complexes have similar features.
The cyclic voltammogram for Mn(acac)s includes a small couple at +0.23 V
(probably due to Mn(acac)z*). Although the ligand anions and zinc
complexes exhibit irreversible oxidation peaks, the manganese complexes
undergo two reversible oxidations; their Ej/2 values are summarized in
Table V(a). The results for the acetate complex of manganese are
anomalous. Instead of two reversible couples, the positive voltage scan
yields broad, complex irreversible oxidation peaks (apparently due to the
propensity of Mn(OAc)3-H20 to polymerize).114

The electrochemistry for these species does not vary appreciably
with solvent, with the exception of some oxidative features that are
observed in MeCN, which are beyond the solvent edges of DMF and
DMSO. Identical electrochemical features are observed for the MnL3

compounds, for the addition of three equivalents of ligand anion to
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Figure 1. Cyclic voltammograms: (a) 3 mM picolinate (PA-)

[PAH + (BugN)OH, 1:1]; (b) 3 mM Zn(PA)2-2H20 plus two equivalents of
PA-; (c) 3 mM Mn(PA)3-H20 in MeCN (0.1 M tetraethylammonium
perchlorate). Conditions: scan rate, 0.1 V s-1; ambient temperature; glassy-
carbon working electrode (0.09 cm?); saturated calomel electrode (SCE) vs.

NHE, +0.242 V.
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Table V. Oxidation Potentials for Manganese Complexes.2

E1/2, V vs. SCEP

Mn Complex MeCN DMF DMSO

a. Mn(8Q)3 -0.30/+0.73 -0.25/—¢ -0.21/—¢
Mn(acac)3 -0.06/+0.96 -0.06/+1.04 +0.01/+1.00
Mn(OAc)3d +0.20/+1.17
Mn(PA)3 +0.36/+1.35 +0.36/+1.38 +0.21/—¢

b. [Mn(MeCN)}]J(CIO4)2 >23
Mn(bpy)sl(ClO4)2 +1.31
[Mn(phen)3](ClOg)2  +1.32
[Mn(OPPh3)4](C1O04)2  >2.3

¢. Mn2*/Mn3+ (H,0, pHO)e +1.27

3 mM solutions (0.1 M tetraethylammonium perchlorate).
Saturated calomel electrode (SCE) vs. NHE, +0.242 V.
Second couple past solvent edge.

Poorly resolved cyclic voltammograms. Ej/2 taken as Epa/2 +0.03V
(Ref. 69).

e Standard reduction potential (Ref. 115).
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[Mn(MeCN)4](ClO4)7, and for the addition of one equivalent of ligand
anion to MnLp. Attempts to use [Mn(DMU)g)(ClO4)2 as the source of
manganese ion failed with the exception of the picolinate species. The
ligand anions appear to attack DMU instead of replacing it in the
coordination complex. Because DMU can undergo partial enolization, the
anions (which are all relatively strong bases in MeCN) deprotonate the
enolized form. Picolinate, as the weakest base, forms the manganese
complex. The E1/2 values for the oxidations of several other manganese
complexes are summarized in Table V(b) and Table VI contains additional
redox data for various manganese complexes in aqueous and acetonitrile
solutions.

The X-ray absorption spectrum for Mn(PA)3-HO (Figure 2) indicates
that the edge energies have been taken at the inflection point of the
absorption band. Table VII summarizes the near-edge energies for a series
of solid state (a) MnL, complexes, (b) and (c) their oxidized analogues
(traditionally viewed as Mn(Ill) complexes), (d) binuclear manganese
complexes, and (e) and (f) oxidized manganese-oxygen compounds (MnO>
and KMnQy). Both [Mn2(bpy)4(n-O)2](Cl04)3-4H20 and MnO3 exhibit
shoulders along the major absorption edge; the edge values are for the first

inflection point.
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Table V1. Redox Chemistry of Manganese Complexes.a

I. Metal-Centered, Mn(II)/Mn(III)

E°, V vs. complex in E®b Vs
aqueous media SCE acetonitrile SCE
3 M HCIO4 +1.32 [Mn(MeCN)4]2+ >+2.3
7.5 M HyS04 +1.25 [Mn(DMU)g)2+ +1.90

. Ligand-Centered, MnLy/Mn(-L)Ln-1

E®, V vs. complex in E°.b V vs.
aqueous media SCE acetonitrile SCE
0.4 M HyP,072 (pH7.1)  +0.77 (i) (HTDT-/HTDT) -0.05
[Zn(TDT),)2 +0.18
0.1 M N(CH,CH20H)3 -0.72 [Mn(TDT),)?- -0.63
(pH 12) '
0.1 M gluconate (pH 13.5) -0.27 (ii) (DTBCH-/DTBCH:) -0.12
[Mn(DTBC);)?- -0.51

0.1 M catechol (pH 13.5)  -0.52

(Mn(bpyO,)3]2+ +0.87
MnO42-/MnOyq (pH 14)  +0.32

[Mn(terpyOz)3]2* +1.06

a Ref. 116.

b Based on anodic voltammograms.

¢ Key: DMU, dimethylurea; TDT, 3,4-toluenedithiolate; DTBC, 3,5-di-tert-
butylcatecholate; bpyO,, 2,2'-bipyridine 1,1'-dioxide; terpyOs3,
2,2',2"-terpyridine 1,1',1"-trioxide.
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Figure 2. X-ray absorption spectrum for solid Mn(PA)3-H20. The reference

energy, Eq, is the K-edge for manganese metal at 6537.4 eV (~ -16 eV on the
differential energy scale).
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Table VII. X-ray Absorption Edges for Solid Manganese Complexes and

Compounds.
major edge,? assignment;
Complex eV edge, eV
a. Mn(OAc)2(OHy) 6546.5
Mn(PA)2(OH»)s 6546.5
Mn(acac); 6546.0
[Mn(terpyO3)2](C104)22H,0 6546.0
Mn(bpy)3J(C104)2 6546.0
[Mn(OPPhy)g}(CIOg)2 6545.5
MnCl, . 65455
Mn (dSsp + 2.L)
6546.0 £ 0.3
b. [Mn(bpyO2)3]2(5;08)3-8H20 6550.0 Mn (d4sp? +3-L)
6550.0 £ 0.5
¢ MnF3 6549.0
Na3[Mn(P207)3] 6549.0
Mn(OAc)32H20 6549.0
[Mn(urea)g)(ClO4)3 6548.5
[Mn(DMSO)6)(C104)3 6548.5
Mn(PA)3-H0 6548.5
Mn(acac)3 6548.5




Table VII. (Continued).

~ major edge,2 assignment;
Complex’ eV edge, eV
Mn(salpn)Cl 6548.5
Mn(salen)Cl-H20 6548.0
Mn(8Q)3 6548.0
MnTPP(OACc) 6548.0
Mn(DPA)DPAH)(EtOH) 6548.0
(BugN)[Mn(DPA);] 6548.0

Mn (d3sp + 2L, + L)
6548.3 £ 0.5

d. [Mna(bpy)s(u-O))(ClO4)3-4H20  6548.5 Mn (dSsp +2'L, + 1.5L)
6548.5 0.5
[Mn2(phen)4(u-0)2](Cl04)4-4H20 6549.0 Mn (d5sp + 2L, +2.L)
6549.0£ 0.5
e. MnO; 6551.0 Mn (d5sp + 2L, + 2.L)
6551.0£0.5
f. KMnOy4 6557.5 Mn (d3sp + 2L, + 4L + L")
6557.5+ 0.5

a Position of first major inflection point after Mn K-edge at 6537.4 eV;
reproducibility, £ 0.5 eV.
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Iron

The electrochemical results for the control experiments with the
ligand anions and zinc complexes have been presented in the previous
section. The cyclic voltammograms for the FeL3 complexes, each of which
exhibits a reversible one-electron couple, are shown in Figure 3. The E1/2
values for these iron complexes are summarized in Table VIII(a). Because
Fe(8Q)3 is slightly soluble in MeCN (<1 mM), there is only a faint
reversible couple in this solvent. The electrochemical behavior of
Fe(acac)s is in accord with that previously observed.117.118 Fe(PA); was
formed in situ. Identical electrochemical features are obtained for
[Fe(ClO4)3 + 3PA-] and for [Fe(MeCN)4(ClOy4); + 3PA-]. The solution
magnetic moments for Fe(8Q)3 and Fe(acac)s indicate the iron complexes
are 5/2 spin systems. Ferric acetate exists only in polymeric forms,119.120
and was not studied.

~ Addition of hydroxide ion ((BugylN)OH) to a solution of Fe(acac)s

results in an initial green color that persists for several seconds at room
temperature. Addition of 1, 2, or 3 equivalents of -OH yields a dark-green
solution, which rapidly returns to an orange color that is slightly different
from that of the original solution. In MeCN and DMF an orange
precipitate forms after the addition of the third equivalent of hydroxide
(on occasion, this occurs in DMSO). Addition of hydroxide ion to the
same concentration of FeCl3 or Fe(ClO4)3 also results in an orange
precipitate. Experiments in DMSO yield a precipitate in ~60% of the cases.
The solubility of "Fe(OH)3" in DMSO appears to depend on the water

content (typically 3-10 mM, approximately the same concentration as the




Figure 3. Cyclic voltammograms: (a) 1 mM Fe(8Q)3; (b) 1 mM Fe(acac)s;
(c) 1 mM Fe(PA); [Fe(ClO4)3 + 3PA-] in DMF (0.1 M tetraethylammonium
perchlorate). Conditions: scan rate, 0.1 V s’1; ambient temperature; glassy-
carbon working electrode (0.09 cm?2); saturated calomel electrode (SCE) vs.
NHE, +0.242 V.
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Table VIII. Oxidation Potentials for Iron Complexes.2

E1/2, V vs. SCEP

Iron Complex MeCN DMF DMSO

a. Fe(8Q)3 -0.65¢ -0.65d -0.58d
Fe(acac)s -0.66 -0.66¢ -0.63¢
Fe(PA)3 -0.04 -0.04 -0.03

b. [Fe(MeCN),J(ClOg)2  +1.61

[Fe(bpy)3)(ClOq)2 +1.06
[Fe(phen)3(ClO4)2 +1.08
[Fe(OPPh3)4J(ClOy4);  +1.03

c. Fe2+/Fed3+(HO,pHOY  +0.53

3 mM solutions (0.1 M tetraethylammonium perchlorate).

Saturated calomel electrode (SCE) vs. NHE, +0.242 V.

Solubility in MeCN <1 mM.

In addition to the reversible couple at -0.65 V, Fe(8Q)3 has three

irreversible one-electron oxidations at +1.37 V, +1.52 V, and +1.68 V in

DMF; only two of these are observed in DMSO, at +1.29 V and +1.48 V.

¢ Fe(acac)3 exhibits an additional small couple at +0.07 V in DMF and at
-0.03 V in DMSO (probably due to Fe{acac);* in analogy to the equilibria
for Fe(8Q)3) (Ref. 61).

f Standard reduction potential (Ref. 115).

an o
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iron species). Iron(Il) salts give brown precipitates upon the addition of
two equivalents of “OH, as does [Fe(bpy)3](ClO4)>.

The titration of Fe(acac)3 with 3 equivalents of -OH results in a
linear decrease in the peak currents for the -0.66 V couple and the
appearance of an oxidation peak that corresponds to that of free acac. The
increase in amplitude of this oxidation peak corresponds to the release of
one acac” per “OH added. Addition of excess “-OH results in a second
oxidation peak that overlaps the acac peak to form a shoulder. In these
solvents the oxidation peaks of acac™ and of -OH (in DMF and DMSO the
oxidation is of the product that forms from -OH attack on the solvent)
occur at the same potentials as the product species of the “OH/Fe(acac)3
titration. The use of a fast positive voltammetric scan immediately upon
addition of hydroxide ion to Fe(acac); failed to resolve whether the acac-is
initially released upon formation of the green species, or is released when
it decomposes. With a large excess of acac™ (10 equivalents) present in
solution, the green color is not observed upon addition of -OH, but ligand
substitution and disproportionation to Fe(acac); and "Fe(OH)3"({) are
rapid processes. With only two acac- ligands in excess a brief green color is
observed with the addition of -OH.

With MeCN at -30 °C as the solvent matrix, the green intermediate
can be stabilized for study by UV /visible spectroscopy and electro-
chemistry. The initial Fe(acac); solution has two absorption bands (Amax;
356 nm and 430 nm) which shift to 344 nm and a shoulder at 390 nm,
respectively, within two seconds after addition of hydroxide ion. At the

same time, the solution becomes green and a broad absorption band




appears between 600 nm and 800 nm; this feature grows to a maximum
within 30 seconds, and then begins to decay. After several minutes the
green color (and this broad absorbance) completely disappears to give a
solution with a spectrum, slightly shifted and reduced in absorbance, for
Fe(acac)s,

Figure 4 illustrates that the addition of hydroxide ion to Fe(acac)s3
causes a reduction in its peak current and the appearance of an oxidation
peak at +0.02 V vs. SCE and a broad reduction at -1.5 V. The reduction is
coupled with an oxidation at ~ -1.14 V. With time the oxidation at +0.02 V
disappears and is replaced by the oxidation peak for free acac" at +0.34 V,
the broad reduction peak decreases, and the initial Fe(acac)3 couple regains
some of its amplitude.

Addition of hydroxide ion to a Fe(8Q)3; sclution causes a decrease in
the amplitude for the -0.65 V couple and the appearance of the oxidation
peak for free 8Q-. UV /visible spectroscopy indicates that the magnitudes
of the Fe(8Q)3 absorbances decrease with a concomitant increase in the
absorbances for free 8Q- upon addition of each of three equivalents of
hydroxide ion.

Figure 5 illustrates the cyclic voltammograms for a number of other
iron complexes. The voltammograms of [Fe(MeCN)4](ClO4)2 and FeCl3, in
addition to a reversible couple, displayed typical electrode plating and
stripping processes. The voltammogram of Fe(acac)3 exhibits oxidation
features common to acac” and its complexes. Table VIII(b) summarizes the

Ej /2 values for the oxidations of a number of other iron complexes.
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Figure 4. Cyclic voltammograms: (a) 0.5 mM Fe(acac)s; (b) a + 2 equiv. of
-OH ((BuyN)OH), initial scan; (c) b, after 1.5 min; (d) b, after 3 min; (e) b,
after 5 min in'cold MeCN (0.1 M tetraethylammonium perchlorate,
MeCN/dry ice). Conditions: scan rate, 0.1 V s-1; ~-30 °é; glassy-carbon
working electrode (0.09 cm?); saturated calomel electrode (SCE) vs. NHE,
+0.242 V.
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Figure 5. Cyclic voltammograms: (a) 3 mM [Fe(MeCN)4](ClO4)7; (b) 3 mM
FeCl3; (¢) 3 mM Fe(acac)3; (d) 3 mM Fe(Cp)z ; (e) 3 mM Fe(CO)s in MeCN
(0.1 M tetraethylammonium perchlorate). Conditions: scan rate, 0.1 V s°1;
ambient temperature; glassy-carbon working electrode (0.09 cm2); saturated

calomel electrode (SCE) vs. NHE, +0.242 V.
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Cobalt

The electrochemical results for the control experiments with the
ligands, ligand anions, and zinc complexes have been presented in
Tables II, III, and IV. Figure 6 illustrates the cyclic voltammograms for the
CoL3 complexes. The electrochemistry of these complexes is characterized
by coupled, irreversible oxidation and reduction peaks separated by
0.5-1.0 V. The peaks are broader than those for the reversible couples of
the manganese and iron complexes, and the cobalt peak heights are less
than expected for one-electron redox processes (Figure 7). The oxidation
peak is not observed for an initial positive scan, but appears after
reduction to an anionic species. The Ej/; values for the cobalt complexes,
based on the reductive features,69 are summarized in Table IX(a). The
Co(8Q)3 complex is only slightly soluble (<0.5 mM in MeCN, <1 mM in
DMF or DMSO). Cobaltic triacetate exists as a binuclear compound
containing p-hydroxo bridges12! or as a trinuclear oxo-bridged structure122
and was not included in this study. The solution magnetic moments for a
number of cobalt complexes are listed in Table X. The CoL; complexes are
3/2 spin systems and the CoL3 complexes are diamagnetic.

The same electrochemical features, slightly reduced in magnitude,
are observed for the combination of CoL; and L-. Both the oxidation peak
and the reduction peak are seen in initial positive and in initial negative
scans. In the case of [Co(acac); + acac’], a combination of the redox features
for Co(acac)s and the oxidation peak for free acac is observed. Although
crystalline Co(acac); is tetrameric and in solution is [Co(acac);lp, n=1-4, at

concentrations less than 10 mM (the concentrations used in these studies)




Figure 6. Cyclic voltammograms: (a) 1 mM Co(8Q)3 (not completely
soluble); (b) 1 mM Co(acac)s; (¢) 1 mM Co(PA)3 in DMF (0.1 M tetraethyl-
ammonium perchlorate). Conditions: scan rate, 0.1 V s-1; ambient
temperature; glassy-carbon working electrode (0.09 cm?); saturated calomel

electrode (SCE) vs. NHE, +0.242 V.
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Figure 7. Cyclic voltammograms: (a) 3 mM acetylacetonate (acac-)
[acacH + (BuyN)OH, 1:1]; (b) 3 mM Mn(acac)3; (c) 3 mM Fe(acac)s;

(d) 3 mM Co(acac); in DMF (0.1 M tetraethylammonium perchiorate).
Conditions: scan rate, 0.1 V s'1; ambient temperature; glassy-carbon
working electrode (0.09 cm?2); saturated calomel electrode (SCE) vs. NHE,
+0.242 V.
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Table IX. Oxidation Potentials for Cobalt Complexes.a

E1/2,P V vs. SCE€

Co Complex MeCN DMF DMSO
a. Co(8Q)3d -0.71 -0.70 -0.69
Co(acac)s -0.59 -0.60 -0.52
Co(PA)3 -0.20 -0.34 -0.29

b. [CoMeCN),](ClOg)2  >2.3
[Co(bpy)3)(ClO4)2 +0.34
{Co(phen)31(ClO4)2 +0.38
[Co(OPPh3ul(Cl0g)2,  >2.3

c. Co2+/Co3+ (H2O,pHO)e +1.68

» mM solutions (0.1 M tetraethylammonium perchlorate).
E1/2 taken as Ep /2 - 0.03 V (Ref. 69).

Saturated calomel electrode (SCE) vs. NHE, +0.242 V.
Solubility in MeCN <0.5 mM, in DMF, DMSO <1 mM.
Standard reduction potential (Ref. 115).
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Table X. Solution Magnetic Moments for Cobalt Complexes.a

uCOITI B.M.
Compound MeCN DMF DMSO Lit.
a. Co(8Q)sPb —_ —_ —_
Co(acac)y 4.60 413 4.98 4.18-4.37,4.93
(Ref. 75, 123)
Co(OAc)2 —b 4.77 5.03 5.0-5.1
(Ref. 124)
Co(PA)2 4.73 3.43b 4.71 494 (Ref. 104)
[Co(phen)3)(ClO4)2  4.95 491 5.03
b. Co(8Q)3 —b diamag. diamag.
Co(acac)s 0.61 0.38
(Ref. 117, 125)
Co(PA)3 0.66 0.66
[Co(phen)3)(Cl04)3 0.95

a 1-5 mM solutions in deuterated solvent (samples at 21 °C, 1% TMS

internal reference).

b Solubility too low for accurate measurements by the Evan's method.
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the monomer predominates;126,127 therefore, the [Co(acac); + acac’]
experiments are valid comparisons with Co(acac)s.
The addition of one equivalent of hydroxide ion to CoL; [CoL? +

-OH] produces a solution with the same electrochemical features as those

that occur upon the addition of one equivalent of ligand to CoL;
[CoL; + L7}, but with the peaks (primarily the reduction peaks) shifted by a
few hundredths of a volt. The addition of a second equivalent of “-OH to
CoL; causes a brown precipitate to form and the appearance of the
oxidation peak for two free ligand anions (L-) in the cyclic voltammogram.
The oxidation potentials for a number of other cobalt complexes are
summarized in Table IX(b). Figure 8 illustrates the redox chemistry for
2,2"-bipyridine, and its zinc, iron, and cobalt complexes ([Zn(bpy)3](ClO4)2,
[Fe(bpy)3](ClO4)7, and [Co(bpy)3]1(ClO4)2). The E1/2 values for the redox
couples of the tris bipyridyl complexes (M (bpy)31(C1O4)2, M = Mn, Fe, Co,
and Zn, are summarized in Table XI.. The manganese and iron complexes
have three reversible reduction couples while the cobalt complex only has
two, but the second is a two-electron process. [Co(phen)3](ClO4); exhibits
electrochemistry that is similar to that of [Co(bpy;3](ClO4)2; identical redox
features are observed for [Co(phen)3](ClO4)2 and [Co(phen)3](Cl04)3-2H20.
The [Zn(bpy)3](ClO4)2 complex is not oxidized prior to the solvent edge,
but displays the sharp redox features that are characteristic of reductive
metal plating to and anodic stripping from the electrode surface. The
three reversible reduction couples for the Mn(bpy)3(ClO4)2 and
Fe(bpy)3(ClO4); complexes have essentially identical potentials (which also
is the case for the first reduction couple of [Zn(bpy)3}(ClO4)3).
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Figure 8. Cyclic voltammograms: (a) 3 mM bpy; (b) 3 mM
[Fe(bpy)3](ClO4)2; (c) 3 mM [Co(bpy)3](ClOg4)2; (d) 3 mM [Zn(bpy)3)(ClO4)2 in
MeCN (0.1 M tetraethylammonium perchlorate). Conditions: scan rate,
0.1 V s°1; ambient temperature; glassy-carbon working electrode (0.09 cm?2);

saturated calomel electrode (SCE) vs. NHE, +0.242 V.




(a) bpy

(b) Fe(bpy)s(ClO4)2

(c) Co(bpy)s(Cl04)2

(d) Zn(bpy)a(ClO4)2
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i
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Table XI. Redox Potentials for the Tris Bipyridyl Complexes of Manganese,

Iron, Cobalt, and Zinc.a
E1/2, Vvs. SCED
Complex 3+/2+ 2+/+ +/0 0/-
bpy< +2.08(+/0) -2.19(2e7)
Zn(py)s(ClOg)2 >+2.3 -1.37(2e") — -1.85d
Mn(bpy)s(ClOg)2  +1.31 -1.36 -1.54 -1.75
Fe(bpy)3(ClO4)2 +1.06 -1.35 -1.54 -1.78
Co(bpy)s(ClOg)2  +0.34 -0.95 -1.57(2¢")

a 3 mM solutions in MeCN (0.1 M tetraethylammonium perchlorate).

b Saturated calomel electrode (SCE) vs. NHE, +0.242 V.

¢ Ej/2 taken as Epas2+0.03V for the oxidation, Epc/2-003V for the

reduction (Ref. 69).

d Overlap of Zn2+/0 plating onto electrode surface and reduction of

complex.
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Discussion

The free ligands (Table IT) do not exhibit redox features that could
interfere with the redox features of the ligand anions (Table III) or the
metal complexes (Tabl.es IV, V, VIII, and IX). The trend in oxidation
potentials of the free-ligand anions, which covers a range of 1.3 V, is the
opposite of that for the pKa values of the protonated ligands in aprotic
solvents.128 Thus the strongest Bronsted base has the least positive
oxidation potential. The oxidation of hydroxide ion involves an EC

process39
2°OH - O°+ HO + e E1/2, +0.35V vs. SCE. (4)

More positive potentials are observed at higher concentrations (Table III)
due to increased levels of water and to uncompensated iR.39

The oxidation potentials for the ZnL3- complexes in Table IV are
slightly positive (by ~0.03 V) of those for the free-ligand anions (L") in
Table IIT, which is due to the Lewis acidity interaction of Zn(Il) with the
ligand anion. In the cases where electron transfer does not occur, coord-
ination to a cationic metal ion usually increases the oxidation potential of
the ligand anion. The positive metal center delocalizes the electron
density of the anion to make removal of an electron more difficult
(a more positive oxidation potential). Likewise, the reduction potential of
a neutral ligand becomes less negative upon coordination to a cationic

metal ion (e.g., Zn(bpy)32+, Table IV).27




Although Mn(Il) has an acidity similar to that of Zn(Il), the
oxidation potentials for the MnL3- complexes are less positive by 0.28-
0.97 V (Table V), and the oxidation processes are reversible (the oxidation
potentials of ZnL3- and L- are irreversible). Also, a second reversible
couple is observed for the MnLj3- complexes. Although these couples
traditionally are attributed to the Mn(II)/Mn(Ill) and Mn(II)/Mn(IV)
metal-centered oxidation processes, the first (nominally Mn(II) /Mn(1II))
occurs at a substantially less positive potential than (a) that for the
oxidation of solvated Mn(Il) (in MeCN an oxidation peak is not observed
before the solvent edge at +2.3 V vs. SCE) or (b) that for the oxidation of
the free ligand anion or the ZnL3- complex. This negative shift in
potential traditionally has been rationalized as due to enhanced
stabilization of high oxidation states of the metal. The trend of the
oxidation potentials for the MnL3- complexes parallels that for the ZnL3"
complexes and the free ligand anions. If stabilization of Mn(IlI) were the
process, then Mn(PA)3- should have the least positive oxidation; instead,
it has the most positive potential.

The shifts in the oxidation potentials for the MnL3- complexes in
Table XII are consistent with a ligand-centered oxidation. The ligand
radical product (L- — L) is stabilized by covalent bond formation with the
d-electron manifold of the manganese center. Manganese, MnL3-, is a
high-spin d5 center with the orbitals half-filled in a spherical array and
available for bond formation via the unpaired p-electron of an oxidized
ligand radical. The stabilization that results from covalent bond form-

ation causes the oxidation potential of the ligand anion in the complex to




Table XII. Oxidation Potentials and Shifts for ML3- Complexes in

Acetonitrile.2

Complex E1/2,P V vs. SCEc AEeV
a. Zn(3Q)3- -0.02
Zn(acac)s” +0.34
Zn(OAcq)3" +1.17
Zn(PA)3" +1.30

b. Mn(8Q)3 -0.30 0.28

Mn(acac)s -0.06 0.40

Mn(OAc)3 +0.20 0.97

Mn(PA)3 +0.36 0.94

c. Fe(8Q)3 -0.654 0.63

Fe(acac)s -0.66 1.00

Fe(PA)3 -0.04 1.34

d. Co(8Q)3 -0.71d 0.69

Co(acac)z -0.59 0.93

Co(PA)3 -0.20 1.50

a n

3 mM solutions in acetonitrile (0.1 M tetraethylammonium
perchlorate).

E1/2 taken as (Epa + Ep,c)/2 for reversible couples of Mn and Fe
complexes; as Epa/2 +0.03 V for ZnL; ; and as Ep ¢/2 - 0.03 V for Co
complexes, which exhibit separated redox couples (Ref. 69).
Saturated calomel electrode (SCE) vs. NHE, +0.242 V.

Solubility in MeCN; Fe(8Q)3 <1 mM, Co(8Q)3 <0.5 mM.

AE = E1/2(znL3™/2nL3) - E1/2(ML3"/M(L)LD)-
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be less than that of the free anion. Therefore, the redox couple for the
Mn(PA)3;- complex is best represented as a ligand-centered redox process
Mn(PA)3]-/IMn(-PA)(PA)3] (a Hiickel LCAO-MO calculation129 concludes
Mn(acac)3 has covalent metal-(ligand-radical) bonds, Mn(-acac)(acac)y).
The apparent free energy of covalent-bond formation, -AGg F, can
be estimated from the shift in potential between the ZnL3-/ZnL3 and the

ML3-/ML3 oxidation processes,

(-AG)BF. = [E1/2(ZnL3 /ZnL3) - E1/20ML3 /M(L)Lp]l X 23.1 keal V-1 (5)

The apparent bond-formation energies for the ML3 complexes, based on
the data in Table XII, are summarized in Table XIII.

A comparison of the oxidation potentials for the ZnL3- anions with
the potentials of the first oxidation couple for MnL3- indicates a Mn-L
covalent-bond energy of 6-22 kcal/mol ([0.28 V-0.97 V] x 23.1 kcal V-1).
These values are in accord with the covalent-bond energy (8 kcal) that has
been observed for the hydroxide complex Mn(OPPh3)4(OH)+.39

The shifts in potential between the first redox couple and the
oxidation peak of the free ligand anion parallel the ease of oxidation for
the free ligand anions. The ligands with oxidizable carboxylate groups
(‘OAc and PA") have the largest voltage shifts, which indicates that the
Mn-OC(O)R covalent bond is much stronger than the Mn-OR bond. The
second oxidation couple [Mn(-L)(L")2]/[Mn(-L)2(L")]*, is approximately 1.0 V
positive of that for the first couple, which is due to the electrostatic effect

of oxidizing a neutral complex rather than an anion. Additional redox




Table XIII. Apparent Metal-Ligand Covalent Bond-Formation Free

Energies (-AGg.F.) for Several Manganese, Iron, and Cobalt Complexes.2

Complex -AGgF.2 kcal/mole
a. Mn(8Q)3 6
Mn(acac)s 9
Mn(OAc)3 22
Mn(PA)3 22
b. Fe(8Q)3 15
Fe(acac)s 23
Fe(PA)3 31
c. Co(8Q)3 16
Co(acac)z 21
Co(PA)3 35

-]

-AGB F. = [E1/2(ZnL3"/ZnL3) - E1/20ML3"/M(L)Lp)] x 23.1 keal V-1.
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data are presented in Table VI for various manganese complexes in
aqueous and acetonitrile solutions, and are grouped as metal-centered and
ligand-centered processes.

The X-ray absorption edge data of Table VII can be categorized so as
to be consistent with the interpretation of the electrochemical results. The
edge energies for the MnL; complexes (with a covalency of two, d3sp) are
in the range 6545.5-6546.5 eV, while that for [Mn(bpy05)3]2(5208)3-8H20 is
6550.0 eV. The metal center of this complex traditionally is fcrmulated as
MnlI(L)33+, but, given the Mn(II)/Mn(III) redox potential of >+2.3 V vs.
SCE (Table V(b)) and the fact that pyridine-N-oxides (L) can be oxidized to
-L* at lesser potentials, a more reasonable formulation is Mn(-L+)33+ with
three manganese(d4sp2)-(ligand cation-radical) covalent bonds. Thus, the
shift in edge energy with valence (not oxidation state) is about +4.3 eV per
change in sp covalency (d5sp — d4sp?; the shift for Co d7sp to Co désp? is
+4 eV43), which is consistent with an edge energy of 6537.4 eV for zero-
valent manganese metal. For organic ligand complexes (traditionally
formulated as MnlIl(L-)3), the average edge energy is 6548.5 eV (Table VII),
which corresponds to an edge shift of +2.3 eV from the formation of a
d-p covalent bond [MnL; (d3sp + 2:.L) = Mn(-L)(L-)2 (d3sp + 2L, + -L)]
(indicated by the electrochemical results). The more ionic complexes with
weak covalent bonds, like MnF3, have slightly higher edge energies. The
edge of 6548.5 eV for the Nyholm complex is consistent with the
formulation [(bpy)2Mn(u--O-)(u--O-)Mn(bpy)2]3+, with an average of 3.5
covalent bonds per manganese (d5sp + 2L, + ‘L and d3sp + 2L, + 2.L),
where the observed edge is for Mn(d3sp + 2L, + -L). The Goodwin
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complex, [Mna(phen)4(u-0)2](C104)4-4H0, with 4.0 covalent bonds per
manganese (d3sp + 2.L, + 2'L), has a lower edge energy than expected.

In the case of the (TPP)Mn(OAc) porphyrin complex the edge energy
is consistent with a d5sp Mn center with a covalency of three; two covalent
bonds to TPP (as in H2TPP) and one to a neutral ligand radical (OAc). The
data for MnO; can be rationalized with a formulation of four covalent
bonds (two sp and two d orbitals of d5sp Mn) to two oxygen atoms (two p
orbitals of s2p4 O) to give O=Mn=0; and for KMnQOy4 seven covalent bonds
(d3sp; 2 sp and 5 d orbitals) are indicated, [Mn(-O-)3(-O")]~. As such, its
estimated edge energy is 6557.5 eV [6537.4 eV + (2 x 4.3 eV) + (5x 2.3 eV)],
which is identical to that observed!30 (Table VII(f)). The estimated edge for
MnQ is 6550.6 eV [6537.4 eV + (2 x 4.3 eV) + (2 x 2.3 eV)], close to its
observed value of 6551.0130,131 (Table VII(e)).

From these results it appears that the conclusion that the oxidation
of Mn complexes is ligand-centered almost certainly applies to all anionic
manganese complexes and most neutral complexes with organic ligands
(Tables V and VI). Hence, the extensively studied catechol complexes!32
(MnlV(DBTC)32- and Mnlll(DTBC)2- where DTBC = 3,5-di-tert-
butylcatechol dianion) are more accurately formulated as
[Mn(-DTBC-)(:DTBSQ")2]2- with a covalency of 4 to Mn (d3sp) and S=3/2;
and [Mn(-DTBC-)(-DTBSQ-)]- with a covalency of 3 and S=4/2, respectively.
Likewise, the polyol complexes!16 (gluconate and sorbitol dianions) that
have been formulated as MnlIV(L2-)32- and MnllI(L2-);- are more
appropriately represented by the formulae [Mn(-L-)('L-)7]2- (with a
covalency of 4) and [Mn(-L-)(:L-)}- (with a covalency of 3), respectively. The




same modifications are in order for the "Mn(IV)" and "Mn(IlII)" complexes
with Schiff bases, EDTA, and phthalocyanines. In each system the
manganese has its full complement of valence electrons (d3sp); a
covalency of 2, 3, or 4; and an oxidation state of zero.

The oxidation potentials for the FeL3- compiexes also are
substantially less positive (by 0.63-1.34 V) than those for the zinc
complexes (Table XII) or for the oxidation of solvated Fe(Il) ion in MeCN.
The same trend in oxidation potentials is observed for the FeL3- complexes
as in the parallel series of MnL3- and ZnLj3- complexes. Thus, the iron
complexes appear to undergo ligand-centered oxidations, facilitated by
stabilization of the ligand radical product via covalent bond formation
with an unpaired d-electron of the transition metal center, in much the
same manner as did the manganese complexes. The FeL3 complexes have
stronger (by 8-11 kcal) bond energies than the MnL3 complexes (Table XIII).

The overall reaction for the addition of hydroxide ion to Fe(acac); is

shown below
Fe(acac)3 + “-OH —[green]— 2/3Fe(acac); + 1/3"Fe(OH)3"! + acac". (6)

Reference to Figure 4 confirms that the addition of -OH to Fe(acac); does
not immediately displace an acac™ ion upon formation of the green
intermediate. With time the intermediate decomposes to a "Fe(OH)3"
precipitate and the original tris complex. The green intermediate has not
been isolated or structurally characterized, but a reaction sequence that is

consistent with the experimental results and the bond energies of




Table XIII is outlined in Scheme V. The electroactive intermediate is most
likely the hydroxide adduct [Fe(acac)3(OH)]- so that the oxidation of
hydroxide (-OH — -OH) is shifted tc; +0.02 V. This electroactive adduct
may also be the green species. In contrast, Fe(8Q)3; simply undergoes

ligand substitution and disproportionation
Fe(8Q)3 + "OH — 2/3Fe(8Q)3 + 1/3"Fe(OH)3"{ + 8Q" (7)

to yield the iron hydroxide precipitate and the original iron quinolinate
complex.

While many nominal Co(III) complexes are considered to have
substantial covalent character133,134 they are considered to have strong
donor bonds rather than covalent bonds after ligand-metal electron
transfer. However, cobalt is more difficult to oxidize to the +3 oxidation
state than manganese or iron. The relevant oxidation potentials are
+1.68 V vs. SCE for Co(II)/Co(IlI) as compared to +1.27 V for
Mn(II)/Mn(I) and +0.53 V for Fe(I)/Fe(II1).115 Thus cobalt also should
exhibit ligand-centered oxidation for the same ligands as manganese and
iron.

In contrast to the reversible redox couples of MnL3 and FeL3, the
cobalt complexes exhibit electrochemistry characterized by widely
separated irreversible oxidation and reduction peaks (Figures 6 and 7).
The similar electrochemistry observed for [CoL2 + L-] and [CoL; + -OH]
indicate that the irreversible reduction for the CoL3 complexes is the result

of the propensity of CoL3- anions to hydrolyze as shown in Scheme VI.
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Scheme V.

L 7 - e—
Fe(acac); + -OH [Fe{acac)30H] I3V 95 505 Fe(acac); + -OH + acac

(d5sp% S=5/2)  green(dSsp2; $=5/2)

-e (0.00 vs. SCE)

(acac),Fe=0O + H,O + acac’
(d®sp; 5=0, 2/2)

2/3 "Fe(OH)3"! + 1/3 Fe(acac)3 + 2 acac




Scheme VI.

Col;

CoL3 =€, “CoLy + L™

ColLy + L-
CoL3" + H O == [CoL2(OH)}- + LH
-e
J
CoL,OH
LH
CoL3 + HO
ColL2 + -OH

CoL;0H- + OH- ——= Co(OH); { + 2L-
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Therefore, the observed reduction is due to CoL3, but the re-
oxidation is due to [CoL2(OH)]-. The split redox couple has been seen
previously for Co(acac)3.117.125 The electrochemical reduction of Co(acac)s
is known to yield Co(acac); and acac.127,135-137 Apparently the

equilibrium
Co(acac)s- === Co(acac); + acac” 8)

lies to the right and the process is sufficiently rapid that the re-oxidation of
Co(acac)3- cannot be observed on the electrochemical time scale (in MeCN
some free acac is detected, but for the other ligands and the other solvents
hydrolysis prevents observation of the free ligand anions).

The Ej/7 values (taken from the reduction peaks47) for the CoL3
complexes are negative of the potentials for the ZnL3-/ZnL3 redox
processes (Table XII). As with manganese and iron, the cobalt complexes
appear to have ligand-centered electrochemistry. The bond energies for
the CoL3 complexes (Table XIII) are stronger than in the manganese
(by 10-13 kcal/mole) or iron (by 2-4 kcal/mole) complexes. The exception
is Co(acac);, whose bond is 1 kcal weaker than in Fe(acac);. This exception
is in accord with the known predilections of iron to bond strongly with
oxygen and of cobalt with nitrogen.133 Stronger bonds also are observed
for iron in its porphyrin complexes with hydroxide, (Por)M-OH, and
phenoxide, (Por)M-OPh, as compared to the cobalt and manganese

complexes.39 This can be rationalized in that iron in these systems has a




valence-electron hybridization of d5sp2 (covalency, 3; S=5/2), while cobalt
is désp2 (covalency, 3; S=0) and manganese is d3sp (covalency, 3; S=4/2).

With neutral ligands (OPPh3, bpy, and phen), the redox processes
for the ML3 42+ complexes (Table XIV) also are consistent with ligand-
centered electron transfer. As with the anionic ligands, oxidation of the
free ligands occurs at much more positive potentials than it does for those
associated with Mn, Fe, or Co. Because oxidations are not observed for the
zinc complexes prior to the solvent edge, only lower limits may be
obtained for the apparent free energies of covalent bond formation
(Table XV).

Because the three metal-ligand bonds for the ML33+ complexes
shown in Table XIV are equivalent and covalent, the valence electrons for
the uncharged metal centers (Mn(d5s2), Fe(dés2), and Co(d7s2)) must be
hybridized to accommodate the molecular orbital geometries and
energetics, MnL33+ (d5sp; S=4/2), FeL33+ (dsp2; S=5/2), and CoL33+ (désp%;
5=0). Oxidation of an aromatic pyridine nitrogen yields a radical cation
that can couple with an unpaired metal valence electron (d5sp2 in the case

of iron) to give a quaternerized nitrogen center (analogous to

+
methylviologen (Me—l\@-lz)). Reduction of Mn(bpy)33+ systems adds to
the aromatic n-manifold and yields an uncharged nitrogen that remains

covalently bound to the metal (again as with methylviologen). The final
reduction (Table XI) yields [M(bpy)3]- with the electron delocalized in a

bound ligand (analogous to the reduction of free bipyridine to bpy?).
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Table XIV. Oxidation Potentials and Shifts for ML3 42+ Complexes in

Acetonitrile.a

Complex E1/2,P V vs. SCEc AEdV
a. [Zn(bpy)3l(ClOyg)2 >2.3
[Zn(phen)3]1(ClO4)2 >2.3
[Zn(OPPh3)4)(ClO4)2 >2.3

b. Mn(bpy)3l(ClOy); +1.31 >0.99

[Mn(phen)3](ClOy4), +1.32 >0.98

[Mn(OPPh3)4](ClO4)2 >2.3

c. [Fe(bpy)sl(ClOg):2 +1.06 >1.24
[Fe(phen)31(ClO4), +1.08 >1.22
[Fe(OPPh3)41(ClO4)2 +1.03 >1.27

d. [Colbpy)3)(ClO4), +0.34 >1.96
[Co(phen)3](ClO4)2 +0.38 >1.92
[Co(OPPh3)4](Cl04)> >2.3

2 3 mM solutions in acetonitrile (0.1 M tetraethylammonium
perchlorate).

b Ejy/2 taken as (Ep 5 + Ep c)/2 for reversible couples of Mn, Fe, and Co
complexes; and as Ep a/2 + 0.03 V for ZnL3- (Ref. 69).

¢ Saturated calomel electrode (SCE) vs. NHE, +0.242 V.

4 AE =E1/2zZnL3 42*/ZnL3 4> - E1/2ML3 42* /ML3 3%)-
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Table XV. Apparent Metal-Ligand Covalent Bond-Formation Free
Energies (-AGB F.) for Several Manganese, Iron, and Cobalt Complexes
with Neutral Ligands.a

[(M-L+)(L+) 13+

Complex -AGB.F.,,2 kcal/mole

a. Mn(bpy)s3+ >23
Mn(phen);3+ >23

b. Fe(bpy)33+ >29
Fe(phen)33+ >28
Fe(OPPhj)43+ >29

c. Co(bpy)s3+ >45
Co(phen)33+ >44

»

-AGBF. = [E1/2(ZnL3 4%*/ZnL3 43*) - E1/20ML3 4%* /ML3 43*)] X 23.1 keal V-1.




Bond dissociation energies play an important role in chemistry in
the design of syntheses, the prediction of stable molecular structures, and
the prediction of reaction mechanisms and products. The conclusion
from the present results is that the electron-transfer redox reactions of
most transition-metal complexes are ligand-centered. This concept is
important to an appreciation of the redox character of transition-metal
complexes, and to an understanding of the energetics of the metal-ligand
bonds. Electrochemical measurements provide a convenient means to
assess the covalent bond energies. The latter can be used to predict the
reactivity of bound ligands (e.g., atomic oxygen, -OH, and -Cl) with
substrates. In particular, work is in progress to apply these concepts in the
design of effective models for methane-monooxygenases, dioxygenases,

and the oxygen-evolving complex of photosystem II.
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CHAPTER IV

IRON-INDUCED ACTIVATION OF HYDROGEN PEROXIDE FOR THE
DIRECT KETONIZATION OF METHYLENIC CARBON AND THE
DIOXYGENATION OF ACETYLENES AND ARYLOLEFINS

Results
Optimization for Reaction with Electrochemically Reduced Dioxygen

The reaction efficiencies for the (Py)4FeCly-catalyzed conversion of
cyclohexane to cyclohexanone (based on 4e-/ketone or 4KOz2(s)/ketone) by
various sources of reduced dioxygen are summarized in Table XVI. The
sole observed product is cyclohexanone. The optimal catalyst
concentration is 60 mM. Similar efficiencies are obtained for (Py)4FeCl
concentrations that range from 2.5 mM to 45 mM. The efficiencies hold
constant for samples taken at 5C, 10C, 15C, 25C, 50C, 75C, and 100C. In the
absence of iron catalyst the substrate is not oxidized. Introduction of
2.5 mM (Py)4FeCl; to the resulting electrolyzed O2-solution causes the
formation of cyclohexanone at a reduced efficiency. Variation in the
electrolysis potential gives decreased efficiencies (<-0.3 V, 0%; -0.45 V, 50%;
and -0.8 V, 47%). Use of a platinum-mesh working electrode (-0.6 V vs.
SCE) with 2.5 mM (Py)4FeCl gives an efficiency of 48%. Gas evolution
and the formation of a dark brown product occur in the auxiliary electrode
compartment during the controlled-potential electrolyses, with the
exception of that performed at -0.3 V vs. SCE.

The use of KO(s) as the source of reduced dioxygen gives

substantially lower efficiencies (Table XVI(b)) and a much greater
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Table XVI. Reaction Efficiencies for the (Py)4FeCl, Catalyzed Conversion
of Cyclohexane to Cyclohexanone by Electrochemically Reduced Dioxygen
in Pyridine/HOAc.

catalyst conc. (mM) reaction efficiency (£5%)
a. (O2+2e)
60 (suspension) 83
45 59
30 60
15 “ 58
7.5 64
3.8 56
2.5b 59
1.9 49
0.9 45
0.5 <30
0 0

a Controlled-potential electrolysis (-0.6 V vs. SCE) performed with glassy-
carbon plate working electrodes to 25C. Solvent composition:
Py/HOAc/H;0 (10:1:1 by volume), 1 M CgHji2, 0.1 M tetraethyl-
ammonium perchlorate, 1 atm. Oz. Cyclohexanone was the sole
product detected. Reaction efficiencies based on 4e-/ketone.

b Catalytic turnovers, based on moles of oxygenated product per mole of
complex added, of 1.5 at 25C and of 6.6 at 100C are observed.




Table XVI. (Continued).

catalyst conc. (mM) reaction efficiency (+5%)
b. KOy(s)cd
56 41
28 29
14 25
7 15
3.5 8

¢ Slurry of KO3 in pyridine (1.545 mmol/mL) added to reaction solution
at 56 mM concentration. Reaction time, 15 minutes. Solvent :
Py/HOAc (6:1 by volume), IM C¢H13. Cyclohexanone was the sole
product detected. Reaction efficiencies based on 4KO5/ketone (Ref. 138).

d Use of lower concentrations of KO»(s) results in lower efficiencies while
use of soluble (BuyN)O3 gives no observable products (Ref. 138).




dependence on catalyst concentration. Use of lower concentrations of
KOx(s) (or in use of a lower concentration KOx(s)/pyridine slurry) give
lower efficiencies. The yield with ground KOx(s) is a slightly higher than
with unground KO»(s). The opposite is true for (MesN)O3. The
completely soluble ground (MesN)O2 gives no observable products, while
the unground (Me4N)O2 (56 mM) forms a suspension and has an
efficiency of 9%.

The reaction efficiencies for the "Fe(PA);" (isolated brown powder)
catalyst in the conversion of cyclohexane to cyclohexanone are given in
Table XVII; the optimal catalyst concentration is in the range from 1 to
3.5 mM. Catalytic turnovers (based on moles of oxygenated product per
mole of iron complex added) of 2-5 are observed for concentrations of
3.75 mM or less. The reactions with KO(s) give comparable results to the
electrochemical experiments, but with lower efficiencies. The yields with
"Fe(PA)2" are higher than with (Py)4FeCl,.

Table XVIII summarizes the results for the ketonization of
cyclohexane with 3.5 mM "Fe(PA)y" (brown powder) catalyst in various
solvents. The optimal solvent is a Py/HOAc mixture with a mole ratio
of 2:1. The electrochemical system is insensitive to water content, but the
yields for the KOx(s) system are substantially decreased by the presence of
water. In the MeCN and Py/H>O solvents, the catalyst precipitates as a
rust-red solid. In pure pyridine a precipitate is not obser—ed, but the
solution becomes red. With Py/HOAc mole ratios below 2:1, the reaction

efficiencies are greatly reduced.




Table XVII. Reaction Efficiencies for the Iron-Catalyzed Conversion of
Cyclohexane to Cyclohexanone by Electrochemically Reduced Dioxygen in
Pyridine/HOAc.2

catalyst conc. (mM) reaction efficiency (£5%)

a. (Oy+2e)b

30 (suspension) 52
15 76
75 77
3.8¢ 80
25 83
1.9 79
0.9 86
0.5 40

0 0

a "Fe(PA)y" (isolated brown powder) used as the catalyst.

b Controlled-potential electrolysis (-0.6 V vs. SCE) performed with glassy-
carbon plate working electrodes to 25C. Solvent composition:
Py/HOAc/H20 (10:1:1 by volume), 1 M C¢Hj2, 0.1 M tetraethyl-
ammonium perchlorate, 1 atm. O2. Cyclohexanone was the sole
product detected. Reaction efficiencies based on 4e/ketone.

¢ Catalytic turnovers, based on moles of oxygenated product per mole of
complex added, are observed at concentrations of 3.8 mM or less.
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Table XVII. (Continued).

catalyst conc. (mM) reaction efficiency (£5%)
b. KOs(s)d
56 46
35 43

d Slurry of KO, in pyridine (1.633 mmol/mL) added to reaction solution
at 56 mM concentration. Reaction time, 15 minutes. Solvent :
Py/HOAc (6:1 by volume), IM CgH13. Cyclohexanone was the sole
product detected. Reaction efficiencies based on 4KO3/ketone (Ref. 138).
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e =+« -« TFable XVIHI. Reaction Efficiencies for the Iron-Catalyzed Conversion of
Cyclohexane to Cyclohexanone by Electrochemically Reduced Dioxygen in

Various Solvents.a,b

solvent composition (mole ratio) reaction efficiency (£5%)
MeCN 0 (rust-colored precip.)
Pyridine 0
Py/HO (2:1) 0 (rust-colored precip.)
Py/0.1 M HClO4¢ ‘ 79
Py/HOAc (10:1) 59
Py/HOAc/H20 (7:1:3) 80
Py/HOAc (5:1) 100
Py/HOAc (2:1) 100
Py/HOAc (1:1) <10

a 3.5 mM "Fe(PA)," (isolated brown powder) as catalyst. Controlled-
potential electrolysis (-0.6 V vs. SCE) performed with glassy-
carbon plate working electrodes to 25C. Solvents contained 1 M CgHjya,
0.1 M tetraethylammonium perchlorate, 1 atm. O;. Cyclohexanone was
the sole product detected. Reaction efficiencies based on 4e/ketone.

b For 56 mM KO»(s) (1.633 mmol/mL slurry in pyridine) and 56 mM
(Py)4FeCl; the optimal Py/HOACc solvent mole ratio is between 4.3:1
(highest selectivity, 99% CsH10(O)) and 1.8:1 (highest efficiency,

76% CgH10(0), 24% C¢H110H). The presence of water greatly reduces
the efficiencies (Ref. 138).
¢ From 1M HCIO4 in MeCN.
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Product Analysis and Optimization for Reaction with Hydrogen Peroxide

The reaction efficiencies for the metal-catalyzed conversion of
cyclohexane to cyclohexanone by hydrogen peroxide are shown in
Table XIX for several metal complexes. Cyclohexanone and cyclohexanol
are the only products observed. Bipyridines and pyridine-hydrocarbon
coupled products are not detected. Maximum efficiencies are obtained for
a solvent composition of 2Py/HOAc (mole ratio). Product selectivity is
unchanged with 3.3 mM "Fe(PA)," catalyst for Py/HOAC ratios from 5:1 to
2:1. Identical results are obtained with anhydrous HOOH in MeCN (94%,
1.6 M) or with the direct use of undiluted 50% HOOH (17.3 M). Addition
of hydrogen peroxide caused the gold, orange, or red solutions in
2Py/HOACc to decolorize, then gradually return to a bronze or olive color.
In pure pyridine products are not detected with (Fe(MeCN)4](ClO4)2,
(Py)4FeCly, or "Fe(PA)y" as catalysts, but the bronze color is quite
pronounced. Use of acetonitrile as the solvent reduces the reaction
efficiency and eliminates selectivity.

The highest reaction efficiences are obtained with "Fe(PA)2"
(isolated brown powder) as the catalyst. Substantial yields also are
obtained with Fe(8Q)3 (as a suspension). The manganese complexes are
not soluble, but Mn(PA)3-2H>O dissolves to give a pale green solution
upon addition of hydrogen peroxide. The "Fe(PA)," compound forms a
suspension in MeCN. The efficiency of the "Fe(PA);"-catalyzed reaction is
sensitive to water content, particularly at low catalyst concentrations.

The various metal catalysts have been evaluated with reaction

times of 8 hours. For lower catalyst concentrations longer reaction times




Table XIX. Reaction Efficiencies for the Metal-Catalyzed Conversion of
Cyclohexane to Cyclohexanone and Cyclohexanol by Hydrogen Peroxide in
2Py/HOAc.2

reaction catalytic products (+ 5%)
catalyst (3.3 mM) efficiency (#5%) turnovers CeH10(0) CeH110H

a. No metal 0 —_ —_ —

b. Iron catalysts

[Fe(MeCN)4]1(ClO4)7 <2 — 100 0
FeCl3 9 1 100 0
(Py)4FeCly 16 3 69 31
"Fe(PA),"b 72 11 93 7
"Fe(PA)y" 72 6 94 6
(56 mM HOOH)
"Fe(PA)y" 58 5 94 6
(56 mM HOOH,
101 mM HO)¢<
0.9 mM "Fe(PA)y" 71 23 94 6
(56 mM HOOH)c.d
0.9 mM "Fe(PA)y" 17 5 94 6
(56 mM HOOH,
101 mM HO)ed
"Fe(PA)y" in Py 0 — — -
(Py)4FeCly in Py 0 — — —_
[Fe(MeCN)4)(C1O4)7 0 — — —_
in MeCN

"Fe(PA)y" in MeCN 9 2 42 58




Table XIX. (Continued).

reaction catalytic products (+ 5%)

catalyst (3.3 mM) efficiency (¥5%) turnovers CeH10(0O) CgH110H

b. (cont'd)
Fe(8Q)3 47 7 90 10
Fe(acac)s <2 —_ —_ —
Fe(acac)z <4 1 50 50
(Py)4Fe(OAc), <2 —_ —_ —_
Fe(ClO4)3 0 —_ — —

[g}

. Other metals

Zn(PA),2H,0 <2 — 100 0
Co(PA)> <4 — 100 0
Mn(PA)3-H0 <4 — 100 0
Mn(PA)2>2H0 <4 — 100 0

3.3 mM catalyst, 96 mM HOOH (94%, 1.6 M in MeCN), 1 M C¢Hj3 in
2Pyridine/HOAc (mole ratio). Reaction time and temperature, 8 hours
at 22 £2 °C. Cyclohexanone and cyclohexanol were the only products
detected. Reaction efficiency based on 2 HOOH/ketone, HOOH/alcohol.
Catalytic turnovers based on moles of substrate oxygenated per mole of
metal complex added.

"Fe(PA)y", isolated brown powder.

Ref. 138.

Reaction time, 15 hours.

90
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(15 hours) are necessary. Figure 9 provides a time profile of the products
from the "Fe(PA)," catalyzed reaction of cyclohexane with hydrogen
peroxide. Cyclohexanone is generated steadily at about 1 turnover every
13 minutes. The production of cyclohexanone is complete in about

2 1/4 hours. In contrast, cver 90% of the cyclohexanol is generated within
30 minutes, with a total quantity equivalent to 0.75 turnover. The
reactions with KO»(s) in the previous section are much more rapid, and
are complete within 15 minutes.

The reaction efficiencies for the conversion of cyclohexane to
cyclohexanone by iron-activated hydrogen peroxide are summarized in
Table XX for a variety of iron picolinate and iron dipicolinate species. The
isolated powder "Fe(PA)y" gives a slightly higher yield than when the
complex generated in situ, and a substantially higher yield in the case of
"Fe(DPA)". The addition of 0.5 equivalent of HOOH to Fe(DPA) (either
the isolated complex or generated in situ), prior to addition of substrate
and 100 mM HOOQOH, also increases the reaction efficiency. The "Fe(PA)?"
catalyst in a pyridine/picolinic acid (5:1 mole ratio) solvent has an
efficiency of 21% and selectivity of 85% CgH10(0), 15% C¢H110H; the
(Py)4Fe(OAc); catalyst has an efficiency of 28% and selectivity of 90%
CeH10(0), 10% CgH110OH in the same solvent.

The products and reaction efficiencies for the "Fe(PA)2" catalyzed
oxygenation of several substrates by hydrogen peroxide are shown in
Table XXI. Hydrocarbons are transformed to ketones via the oxygenation
of a methylenic carbon. Acetylenes (e.g., PAC=CPh) and arylolefins (e.g.,
cis-PhCH=CHPh) are dioxygenated to a-dicarbonyls and aldehydes,
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Figure 9. Time profile of products from the "Fe(PA)2" catalyzed reaction of
cyclohexane with hydrogen peroxide. () Cyclohexanone, () Cyclohexanol.
Conditions: 3.3 mM "Fe(PA)" (isolated brown powder), 100 mM HOOH
(82%, 3.6 M), 1 M CgHj2 in 2Py/HOAc. Reaction efficiency at 2 1/4 hours,
73%.
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Table XX. Reaction Efficiencies for the Iron Picolinate and Iron
Dipicolinate Catalyzed Conversion of Cyclohexane to Cyclohexanone and

Cyclohexanol by Hydrogen Peroxide in 2Py/HOAc.2

reaction
efficiency  catalytic products (+ 5%)
catalyst (3.3 mM) (£5%) turnovers CgHip(O) CgH110H
a. Iron picolinate
"Fe(PA)y"P 72 11 93 7
Fe2+ + 1PA- ¢ 65 10 93 7
2PA- 63 9 90 10
3PA- 68 10 88 12
Fe3+ + 1PA-c 65 10 93 7
2PA- 63 9 90 10
3PA- 68 10 88 12
"(PA)2FeOFe(PA),"d 62 9 91 9
Fe2+ + 2PA- + HOQOHc¢ 72 11 93 7

a 3.5 mM catalyst, 100 mM HOOH (94%, 1.6 M in MeCN), 1 M CgHj3 in
2Pyridine/HOAc (mole ratio). Reaction time and temperature, 4 hours
at 22 + 2 °C. Cyclohexanone and cyclohexanol were the only products
detected. Reaction efficiency based on 2 HOOH/ketone, HOOH/alcohol.
Catalytic turnovers based on moles of substrate oxygenated per mole of
iron complex added.

b "Fe(PA),", isolated brown powder.

¢ Fe2+ introduced to solution as [Fe(MeCN)4](ClO4)2; Fe3+ as Fe(ClOy4)3;
PA- as (MesgN)PA; and DPA2- as (Me4N),DPA.

d "(PA);FeOFe(PA);", isolated pale green powder.




Table XX. (Continued).

reaction
efficiency  catalytic roducts (+ 5%
catalyst (3.3 mM) (£5%) turnovers CgHyo(O) CeH110H
b. Iron dipicolinate
"Fe(DPA)"e/f 73 12 97 3
Fe2+ + DPAc 33 5 87 13
(after 8 hours) 38 6 92 8
"Fe(DPA)" + 1/2HOOHS 76 13 97 3
Fe2+ + DPA + 1/2HOOH¢ 4] 6 89 11
(after 8 hours) 48 7 92 8

e "Fe(DPA)", isolated brown powder.

f Ref. 138.
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Table XXI. Products and Reaction Efficiencies for the Iron-Catalyzed

Ketonization of Methylenic Carbon and the Dioxygenation of Acetylenes

and Arylolefins by Hydrogen Peroxide in 2Py/HOAc.2

reaction
substrate (1 M) efficiency (£5%)

turnovers

products (+ 5%)

cyclohexane 72
n-hexaneb 5
PhCH,CH3 51

PhCH,Ph (0.6 M)b 35
2-methyl-butaneb 32

adamantane (0.1 M)p -

cyclohexanol 25
cyclohexanone 0
cyclohexeneb 59

cyclohexanone (97%)
cyclohexanol (3%)

3-hexanone (53%)
2-hexanone (46%)
1-hexanol (<2%)

PhC(O)CHj3 (>96%)
PhC(O)Ph (>96%)

3-methyl-2-butanone (95%)
2-methyl-1-butanol (<5%)

2-adamantanone (43%)
1-adamantanol (29%)
two others (28%)

cyclohexanone (>95%)

2-cyclohexene-1-one (>95%)

a 3.5 mM "Fe(PA)y" (isolated brown powder) catalyst, 56 mM HOOH
(50% in HO, 17.3 M)), 1 M substrate in 2Pyridine/ HOAc (mole ratio).
Reaction time and temperature, 4 hours at 22 + 2 °C. Reaction efficiency
based on 2 HOOH/ketone, HOOH/alcohol. Catalytic turnovers based on
moles of substrate oxygenated per mole of iron complex added.
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Table XXI. (Continued).

reaction catalytic
substrate (1 M) efficiency (£5%) turnovers  products (X 5%)

PhC=CPh (0.6 M)bc 40 3 PhC(O)C(O)Ph (>97%)

c-PhCH=CHPhb.d 36 4 PhCH(O) (75%)
PhHéEEZHPh (25%)

t-PhCH=CHMeb 48 4 PhCH(O) (63%)

70\
PhHC—CHMe (16%)
two others (21%)

1,3-cyclohexadieneb 33 5 benzene (>95%)
1,4-cyclohexadieneb 26 4 phenol (>95%)
b Ref. 138.

¢ With m-CIPhC(O)OOH and t-BuOOH (in place of HOOH) the
conversion efficiencies were 10% and 0%, respectively.
d With m-CIPhC(O)OOH and t-BuOOH the conversion efficiencies were

11% and 95%, respectively, to give PhCH(O)/epoxide ratios of 1:1.2 and
1:16.




97

respectively. Cyclohexanone is unreactive, while cyclohexanol has limited
reactivity relative to cyclohexane.

In the Py/HOAc solvent system a binuclear iron-pu-dioxygen
complex, [(Ph3PO)4FeOOFe(OPPh3)41(ClO4)4,139 reacts with excess
cyclohexane to give cyclohexanone exclusively (56 mM iron complex,

1 M CgH12, 15 min. reaction time, 3% efficiency); and with excess PhC=CPh
to give PhC(O)C(O)Ph exclusively (56 mM iron complex, 0.6 M PhC=CPh,
15 min. reaction time, 3% efficiency). In MeCN, neither substrate reacts
with the iron complex; however, the addition of sufficient acid (3.7 M
HCI1O4) causes PhC=CPh to be transformed almost completely within

10 minutes to yield 78% PhC(O)Z(O)Ph and 14% PhC(O)OH.138

Electrochemistry and Spectroscopy
Figure 10 illustrates the cyclic voltammograms for dioxygen and
hydrogen peroxide in pyridine and in pyridine/acetic acid solvents. In
pyridine dioxygen exhibits a reversible one-electron couple at -0.89 V vs.
SCE, while in Py/HOACc an irreversible two-electron reduction is observed
(Ep,c, -1.00 V vs. SCE for an Op-saturated (1 atm.) solution). After reduction
a reverse scan yields a new oxidation peak (Ep a, +1.25 V). The oxidation
of hydrogen peroxide in 2Py/HOAc occurs at +1.25 V vs. SCE. Following
the oxidation of HOOH, a reverse scan yields a reduction peak (Ep,c,
-0.70 V), which increases in peak height with the addition of dioxygen.
The cyclic voltammogram of (Py)4FeCl in pyridine (Figure 11)
exhibits an irreversible oxidation (Ep,a, -0.09 V). In the presence of

dioxygen the reversible couple for dioxygen is observed as well as a




98

Figure 10. Cyclic voltammograms: (a) Oy, saturated solution in Py;

(b) Oy, saturated solution in Py/HOAc (4.3:1 mole ratio); (c) Oy, in
2Py/HOAc (mole ratio); (d) 7 mM HOOH in 2Py/HOAc (mole ratio)

(0.1 M tetraethylammonium perchlorate). Conditions: scan rate, 0.1 V s-1;
ambient temperature; glassy-carbon working electrode (0.09 cm?2); saturated

calomel electrode (SCE) vs. NHE, +0.242 V.
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Figure 11. Cydlic voltammograms: (a) 3.5 mM (Py)4FeCl; in Py;

(b) a + O2; (¢) 3.5 mM (Py)4FeCl2 in Py/HOAc (4.3:1 mole ratio); (d) ¢ + O2
(0.1 M tetraethylammonium perchlorate). Conditions: scan rate, 0.1 V s°1;
ambient temperature; glassy-carbon working electrode (0.09 cm?2); saturated
calomel electrode (SCE) vs. NHE, +0.242 V.
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pre-peak at -0.77 V. No electrochemical features are seen for the iron
complex with an initial negative scan. An initial positive scan with
subsequent reversal reveals that the electrochemistry of the iron complex
is unchanged prior to the reduction of dioxygen. Bubbling argon through
the solution first removes the reversible oxygen couple and then the pre-
peak. Further removal of dioxygen leads to the reappearance of the
oxidation peak for (Py)4FeClz. In Py/HOAc (4.3:1 mole ratio) the oxidation
of (Py)4FeCl; is shifted (Ep a, +0.33 V vs. SCE). The reduction peak at

-0.09 V remains, but is somewhat diminished in peak height. Both
features become quasi-reversible with Ep ¢, +0.19 V and Ep 5, -0.01 V,
respectively. With dioxygen present an irreversible two-electron
reduction peak occurs at -0.85 V, and the oxidation peak of the iron
complex is slightly broadened, and appears to be a combinatin of two
oxidation features. Partial removal of dioxygen by bubbling argon through
the solution results in the shift of the irreversible reduction peak to

-0.75 V and the return of the oxidation peak to its original shape.

The electrochemical behavior of FeClj3 is similar to that of (Py)4FeCl;
with respect to the presence of dioxygen. In pyridine, the cyclic
voltammogram of FeCl3 has a semi-reversible couple at +0.30 V vs. SCE
and a reduction peak at -0.10 V, which indicates the presence of two
species. In the presence of dioxygen, a pre-peak (-0.85 V) to the reversible
couple of dioxygen is present and no oxidation peak is observed for FeCls.
In Py/HOACc (4.3:1 mole ratio) the reduction peak at -0.10 V becomes a fully

reversible couple (E1/2, -0.05 V), and the semi-reversible couple shifts to
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-0.26 V and is reduced in peak height. In the presence of dioxygen an
irreversible reduction occurs at -0.75 V. The reversible couple at -0.05 is
unchanged, but the oxidation peak of the other couple is substantially
enhanced.

The electrochemistry of "Fe(PA)," (isolated brown powder) in
2Py/HOAc is shown in Figure 12. In addition to the reversible couple at
+0.18 V vs. SCE, which also is observed for Fe(PA); that is generated in
situ, a small reduction peak is seen at -0.08 V and a second small reduction
peak at -0.65 V. Addition of dioxygen to the solution does not cause any
change in the redox features of the complex. The oxidation peak
(previously observed to be coupled to the irreversible reduction of
dioxygen) is not seen. With the addition of hydrogen peroxide (from 1/4
to 2 equivalents), the reduction peak at -0.08 V is enhanced and broadened.
No reduction peak for dioxygen is observed after the oxidation of HOOH.
In 2Py /HOALC, the addition of 2 HOOH to "Fe(PA)" results in the gradual
growth of an oxidation peak at +1.00 V. The initial oxidation for the iron
complex with a positive scan is lost, but gradually returns. The reaction is
complete after 15 minutes and no further changes are observed in the
electrochemistry, even after 72 hours (Figure 12).

This behavior contrasts with that for iron picolinate and iron
dipicolinate complexes in DMF.140 The stoichiometric addition of HOOH
to a solution of Fe(PA); in DMF causes the appearance of two reduction
peaks at-0.53 V and -0.92 V, and of an oxidation peak at +0.95 V vs. SCE.
The reduction peak for the Fe(PA); complex is suppressed and the

oxidation peak is decreased to one-half of its original height. The




Figure 12. Cydlic voltammograms: (a) 3.5 mM "Fe(PA)2" (isolated brown
powder); (b) a plus 2 equivalents of HOOH; (c) b, after 24 hours in
2Py/HOAc (mole ratio) (0.1 M tetraethylammonium perchlorate).
Conditions: scan rate, 0.1 V s°1; ambient temperature; glassy-carbon
working electrode (0.09 cm?2); saturated calomel electrode (SCE) vs. NHE,
+0.242 V.
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electrochemistry of the isolated pale green powder "(PA);FeOFe(PA);" has
the same features. With Fe(DPA) the addition of HOOH suppresses the
original redox features of the complex and generates a redox couple at
-0.30 V that has a peak height equivalent to one-half the total height of the
original peaks. Identical electrochemistry is observed after the reaction of
Fe(DPA) and O at a 4:1 stoichiometry, although a new reduction peak is
observed at -0.22 V in the presence of dioxygen. The reaction of Fe(PA);
with dioxygen results in similar electrochemical behavior as that observed

for the addition of 1 HOOH but with a much larger reduction peak at

-0.92 V. The addition of excess HOOH to the Fe(PA); or Fe(DPA) solutions
causes the appearance of an oxidation peak at +0.95 V, and the rapid and
complete decomposition of HOOH to molecular oxygen within

30 minutes. At the end of this time, the electrochemistry for the
stoichiometric addition of HOOH is observed.

The UV /visible spectrum of Fe(PA); in 2Py/HOAc is shown in
Figure 13. The 2Py/HOAc (mole ratio) solvent absorbs below 340 nm.
Iron(Il) (as [Fe(MeCN)4](ClO4)2) has an absorption maximum at 380 nm in
this solvent. Addition of PA- (as (Me4N)PA) causes the maximum to shift
to longer wavelengths until at two equivalents [Fe(PA);] the maximum is
at 402 nm. Addition of 1/2 equivalent of hydrogen peroxide decolorizes
the golden solution to give an absorption below 350 nm and a shoulder at

400 nm. Further addition of HOOH removes the shoulder at 400 nm.
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Figure 13. UV/visible spectra: (a) 0.75 mM Fe(PA); [Fe(MeCN)4(ClO4)
plus 2 (MegN)PAJ; (b) a plus HOOH in 2Py /HOACc (mole ratio), 1 M CgH2.
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Discussion

The results for the optimization of the transformation of
cyclohexane to cyclohexanone via s;uperoxide ion chemistry (Tables XVI,
XVII, and XVII) are similar to those for heterogeneous iron-dioxygen
systems in pyridine/acetic acid solvents.63-68 The optimal efficiencies
obtained for the Oy systems when the iron catalyst and superoxide source
are in suspension, and the lack of reactivity when all species are fully
soluble, are consistent with heterogeneous processes.

The irreversible two-electron reduction of dioxygen in 2Py/HOAc
and the subsequent detection of the oxidation peak for hydrogen peroxide
at +1.25 V vs. SCE (Figure 10) clearly indicate that dioxygen is reduced to
hydrogen peroxide in this solvent, and that free superoxide ion is not
present. Free superoxide ion is incompatible with a protic solvent matrix
(the proton-induced disproportionation of superoxide ion to hydrogen
peroxide and dioxygen is essentially a diffusion-controlled process141).
The difference in product distribution for electrochemically reduced
oxygen (to HOOH) and for hydrogen peroxide with the (Py)4FeCl; catalyst,
and the much higher efficiency for the electrochemical process indicate
that the electrochemical process may also involve a surface reaction (in
this case, the electrode surfa‘c?e). The results with the Fe(PA); catalyst
(Tables XVII, XVIII, XIX, and XX) are more ambiguous. While the
electrochemical process may involve a surface reaction, a reaction pathway
that involves electrochemically produced hydrogen peroxide (or

intermediates) is equally probable.
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The far greater reactivity of iron catalysts in the hydrogen peroxide
system as compared to manganese or cobalt is apparent from the data in
Table XIX. The ligand and solvent dependencies also are apparent
(Tables XVII, XIX, and XX). The iron picolinate and iron dipicolinate
systems, which contain pyridyl-nitrogen and carboxylate donors analogous
to the pyridine and acetic acid of the solvent, are the most effective
catalysts. The highest selectivities are achieved with metal-ligand
stoichiometries that give coordinately unsaturated complexes. The
Fe(8Q)3 complex which contains pyridyl-nitrogen and phenoxide donors is
the only other catalyst to give comparable yields and selectivity.

The conversion efficiencies and products for various organic
substrates in the reaction with iron-activated hydrogen peroxide
(Table XXI) indicate that hydrocarbon substrates are transformed to
ketones via the direct oxygenation of a methylenic carbon. Alcohols are
detected as minor products. The relative reaction efficiencies for
cyclohexane, cyclohexene, n-hexane, and 2-methyl-butane are roughly
proportional to the number of (:CHZ) groups per molecule (6, 4, 4, and 1),
which indicates that the HOOH system is selectively reactive with
methylenic carbon. The absence of any reaction for cyclohexanone is
surprising, as is the limited reactivity of cyclohexanol relative to
cyclohexane (~1/3). Acetylenes and arylolefins are dioxygenated to
a-dicarbonyls and aldehydes, respectively, with epoxides detected as minor
products from the reactions with arylolefins. These product distributions
indicate that the reaction mechanism must include pathways for both

dioxygenation and monooxygenation.
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The failure to detect bipyridines or pyridine-hydrocarbon coupled
products does not exclude the formation of hydroxyl radicals by a process
similar to Fenton chemistry. Fully 30% of the hydrogen peroxide is
unaccounted for in the iron picolinate catalyzed system. Pyridine is an

excellent trap for hydroxyl radical,
‘OH + Py = (1/n)(Py-OH)n k,3x109M-1s-1  (9)

via formation of a pyridine-hydroxyl radical adduct.142,143 This species is a
brown-bronze diamagnetic polymer that is inert and does not have a
significant UV /visible spectrum. The formation of this polymer in these
catalytic systems is reasonable given (a) the tendency for radical chemistry
in iron-hydrogen peroxide systems, (b) the observation of a bronze colored
product in these reaction solutions, and (c) the failure to detect this
product by gas chromatography-mass spectrometry or UV/visible
spectroscopy.

The cyclic voltammogram for (Py)4FeClz and O3 in pyridine
(Figure 11) contains the reversible couple for O2/03" and a pre-peak
indicative of a Lewis acid-base interaction to form the metal-superoxide
adduct.144 In the Py/HOACc solvent the only indication of an interaction
between the metal complex and the reduced dioxygen is a slight
broadening of the oxidation peak for the iron complex. The similar cyclic
voltammograms for (Py)4FeClz and FeClj3 in both Py and Py/HOAc
solvents are consistent with EC processes in which hydrolysis plays a

dominant role (Scheme VII) (the similar electrochemistry expected for —Cl,
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~-OH, and -OAc ligands prevents conclusive assignments of the redox
active species).

The cyclic voltammograms of "Fe(PA)y" (isolated brown powder)
(Figure 12) indicate that the complex is partially oxidized and that more
than one stable species is present (reduction at -0.08 V). The oxidation of
hydrogen peroxide in the presence of Fe(PA); does not produce a
reduction peak for dioxygen, but enhances and broadens the peak at
-0.08 V. Iron complexes are known to have a tendency to form
p-oxo dimers.61,145-147 The [Fe(2-Me-8Q)2]20 dimer is stable in neutral and
basic DMSO solutions and has a redox couple at -0.78 V vs. SCE.61 Peroxo-
bridged iron dimers also are known.139.148 The electrochemistry of the
[(Ph3PO)4FeOOFe(OPPh3)4)(ClO4)4 species in MeCN is dominated by an
irreversible oxidation peak at +1.8 V vs. SCE, which is similar to that for
free HOOH (+2.1 V) in that solvent.139 The reduction of "Fe(PA)y" at
-0.65 V may be attributed to a p-oxo dimer and the oxidation peak at
+1.00 V, which appears upon addition of excess hydrogen peroxide, may
indicate the formation of a y-peroxo species. These assignments are
supported by the electrochemical bekavior of iron picolinate and iron
dipicolinate complexes in DMF.140 Stoichiometric addition of HOOH to a
solution of Fe(PA); in DMF causes the appearance of two reduction peaks
that are attributable to the p-oxo and p-peroxo dimers, and an oxidation
peak at +0.95 V that is characteristic of a peroxy group. With Fe(DPA) only
the p-oxo species appears to form on the basis of the electrochemical
measurements. Hence, the u-peroxo dimer probably collapses to the p-oxo

dimer. The reaction of Fe(DPA) with molecular oxygen also forms




Scheme VII.
Redox behavior of (Py)4FeCl; and FeCl3 in Py and Py/HOAc

Couple at ~ +0.3 V
Oxidation
FeClp =& FeCly*
FeCly* + HyO —2= FeC1;OH + PyH* in Py
or FeCly* + HOAc _Py_» FeCl;0Ac + PyH* in Py/HOAc
Reduction

FeCly* &= FeCly

Couple at ~ -0.05 V

Reduction
FeCls <& FeCl3- —= FeCl + CI-
or FeClOH ~t£e FeCl,OH- — FeCl, + “OH

FeCl,0OH- + HOAc = FeCl;0Ac + HO

or FeCl0Ac &= FeCl,0Ac

Oxidation
FeCls- —£-= FeCl3
or FeCl0Ac £+ FeCl,OAc
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the p-oxo dimer. The existence of a (DPA)Fe(OO)- intermediate with a
reduction at -0.22 V has been confirmed by a rotated ring-disk

‘ experiment.140 In 2Py/HOAC the oxidation peak for the p-peroxo species is
observed for both Fe(PA); and Fe(DPA), and the rapid catalytic
decomposition of HOOH does not occur, both observations indicate the
presence of a stable p-peroxo species.

Reaction pathways consistent with these observations are presented
in Scheme VII. A parallel scheme applies to the Fe(DPA) system. The
stabilities of the p-oxo and p-peroxo species depend on the ligand and the
solvent. The electrochemical results indicate that the y-peroxo species is
less stable in the Fe(DPA) system, which is consistent with the faster
decomposition of HOOH by this complex and its greater reaction efficiency
with substrates. The absence of rapid catalytic decomposition of HOOH by
these iron complexes in 2Py/HOACc is consistent with the stability of the
H-peroxo species in this solvent. Thus, in the absence of substrate the
u-peroxo species does not quickly decompose to the p-oxo dimer and
dioxygen, which would interrupt the catalytic cycle. This also rationalizes
the catalytic efficiency of these iron complexes for the oxygenation of
substrates in 2Py/HOAc. Almost no substrate oxygenation occurs in DMF
or DMSO because HOOH decomposition is the dominant pathway.

The reaction scheme for p-oxo dimer formation, the reactivity of
Fe(2-Me-8Q)> (which is known to form a p-oxo dimer) with O3, O3, and
HOOH, 5! the dioxygenations of substrates by the Fe(PA)2/HOOH system,
and the parallel dioxygenations by the p-peroxo species
[(Ph3PO)4FeOOFe(OPPh3)4](C104)4139.140 prompt the proposal that
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Scheme VIII.

2(PA)oFe + HOOH ——= (PA);FeOFe(PA), + HO

(PA);FeOFe(PA); + HOOH ——= [(PA)2FeOOFe(PA);] + H,O

[(PA)2FeOOFe(PA);] —= 2(PA);Fe + 10,




116

[((PA)2FeOOFe(PA),] is the active form of the catalyst. A dimeric catalyst
requires that the catalytic turnovers in the tables be doubled. Reaction
pathways for substrate transformations by this catalyst are presented in
Scheme IX. On the basis of the higher reaction efficiencies achieved with
the partially oxidized, isolated powders that contain the p-oxo dimer, or
with the pre-addition of 1/2 equivalent of HOOH to the reaction mixture,
the initial step in the catalytic reaction cycle appears to be the activation of
Fe(PA); to (PA);FeOFe(PA),. The latter reacts with HOOH to give
[(PA),FeOOFe(PA);]. This species transforms methylenic carbons to
ketones and dioxygenates acetylenes and arylolefins. A small fraction of
the Fe(PA), pre-catalyst apparently forms a one-to-one adduct with HOOH
to give a spedies, [((PA);Fe(HOOH)], that is an effective monooxygenase.
The Fe(PA)2/KO2(s)/(2Py/HOACc) and Fe(PA)»/(O; + 2e7)/(2Py/HOACc)
systems probably form the same reactive intermediates as the
Fe(PA)2/HOOH/ (2Py/HOAc) system; and the other heterogeneous iron-
dioxygen systems®63-68 probably form similar reactive intermediates with

chemistry that parallels that in Scheme IX.




Scheme IX.

Dioxygenation of substrate

2(PA)Fe + HOOH == (PA);FeOFe(PA); + H,O

(PA);FeOFe(PA); + HOOH = [(PA),FeOOFe(PA),] + HO

CeHiy C.H
Hio(0) + H,0 + 2(PA),Fe
- —
[(PA),FeOOFe(PA),] PhC=CTh PhC(O)C(O)Ph + 2(PA),Fe
¢-PhCH=CHPh

2PhCH(O) + 2(PA),Fe

Monooxygenation of substrate

(PA)2Fe + HOOH ——= [(PA)2Fe(HOOH)

(PA)2Fe=0O(H70)]

CeHiz
C¢H{1O0H + H,0O + Fe(PA),
CeH1OH
[(PA),Fe=O(H,0)] — ,ON
< ThCH=CHTR o . PhHC—CHPh + HyO + Fe(PA),
1,3-CHD

— PhH + 2H,0 + Fe(PA),
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CHAPTER V

CONCLUSIONS

The oxidation potentials for a series of ML3 complexes [M = Mn, Fe,
Co, and Zn; L = acetylacetonate, 8-quinolinolate, picolinate, 2,2"-bipyridine,
and 1,10-phenathroline] have been determined by cyclic voltammetry in
aprotic solvents. With the exceptions of solvent and H2O ligands, the
oxidations of the manganese, iron, and cobalt complexes occur at
substantially less positive potentials than those for (a) their zinc
analogues, (b) the free ligand anions, and (c) the solvated M(Il) ions, and
are clearly ligand-centered. The removal of an electron from the valence
shell of the ligand is easier than removal from the metal center and the
ligand radical product is stabilized by the formation of a metal
(d-electron)-ligand (p-electron) covalent bond. The negative shift in
potential for these ligand oxidations is proportional to their metal-ligand
covalent bond energies. Apparent metal-ligand covalent bond energies
range from 6 kcal/mole for Mn(8Q)3 to 35 kcal/mole for Co(PA)3. The
reductions for the bipyridine and phenanthroline complexes of these
transition metals also are ligand-centered with bond energies ranging
from greater than 23 kcal/mole for the manganese complexes to greater
than 45 kcal/mole for the cobalt complexes.

The X-ray absorption edge energies for a series of oxidized and
reduced manganese complexes have been determined and correlated with
the electrochemical results. The edge energy for manganese (dsp) is

6546.0 + 0.3 eV, for manganese (d4sp?), 6550.0 + 0.5 eV, and for manganese
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(d3sp) covalently bonded to an oxidized ligand, 6548.3 £ 0.5 eV. A sp
manganese covalency change (d5sp — d4sp?) causes a shift in edge energy
of 4.3 eV, and the formation of a d-p covalent bond [MnL; (d5sp +21L) -
Mn(-L)L-); (d3sp + 2L, + -L)] from a ligand-centered oxidation corresponds
to an average shift in edge energy of 2.3 eV per bond formed. Formulation
of MnQOy4 as [Mn(-O-)3(-O")]- with seven Mn-O covalent bonds leads to a
predicted edge energy of 6557.5 eV, which is identical to that observed.

The optimization of the selective ketonization of cyclohexane to
cyclohexanone by an iron/reduced oxygen catalyst system in a mixed
pyridine/acetic acid solvent has been investigated. The addition of
hydrogen peroxide to a solution that contains bis(picolinato)iron(Il) and
cyclohexane in a pyridine/acetic acid solvent system (2:1 mole ratio)
results in the direct transformation of cyclohexane to cyclohexanone with
an efficiency of 72% (based on 2 HOOH/ketone). Similar results are
obtained for systems that utilize superoxide ion or electrochemiczlly
reduced dioxygen in place of hydrogen peroxide. Other hydrocarbon
substrates are transformed to ketones via the direct oxygenation of a
methylenic carbon with reaction efficiencies roughly proportional to the
number of ( :CHZ) groups per molecule. Acetylenes (e.g., PhC=CPh) and
arylolefins (e.g., cis-PhCH=CHPh) are dioxygenated to a-dicarbonyls and
aldehydes, respectively. Monooxygenation of substrates to minor products
appears to require a [(PA);Fe(HOOH)] catalyst. An iron picolinate u-peroxo
bridged dimer, [(PA);FeOOFe(PA);], is proposed as the active form of the

catalyst responsible for dioxygenation.
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