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ABSTRACT: Herein, we describe an uncommon example of a
manganese−thiolate complex, which is capable of activating
dioxygen and catalyzing its two-electron reduction to generate
H2O2. The structurally characterized dimercapto-bridged MnII

dimer [MnII2(LS)(LSH)]ClO4 (MnII
2SH) is formed by

reaction of the LS ligand (2,2′-(2,2′-bipyridine-6,6′-diyl)bis-
(1,1-diphenylethanethiolate)) with MnII. The unusual presence
of a pendant thiol group bound to one MnII ion in MnII2SH is
evidenced both in the solid state and in solution. The MnII2SH complex reacts with dioxygen in CH3CN, leading to the
formation of a rare mono-μ-hydroxo dinuclear MnIII complex, [(MnIII2(LS)2(OH)]ClO4 (MnIII2OH), which has also been
structurally characterized. When MnII2SH reacts with O2 in the presence of a proton source, 2,6-lutidinium tetrafluoroborate (up
to 50 equiv), the formation of a new Mn species is observed, assigned to a bis-μ-thiolato dinuclear MnIII complex with two
terminal thiolate groups (MnIII2), with the concomitant production of H2O2 up to ∼40% vs MnII2SH. The addition of a catalytic
amount of MnII2SH to an air-saturated solution of MenFc (n = 8 or 10) and 2,6-lutidinium tetrafluoroborate results in the
quantitative and efficient oxidation of MenFc by O2 to afford the respective ferrocenium derivatives (MenFc

+, with n = 8 or 10).
Hydrogen peroxide is mainly produced during the catalytic reduction of dioxygen with 80−84% selectivity, making the MnII2SH
complex a rare Mn-based active catalyst for two-electron O2 reduction.

1. INTRODUCTION

Activation of dioxygen represents a critical step in numerous
fundamental biological and industrial processes.1 This is a
prerequisite for O2-promoted selective oxidation and oxygen-
ation of organic substrates,2,3 and for proton-assisted catalytic
reduction of O2. The four-electron O2 reduction process plays
an essential role in sustaining life (aerobic respiration)4,5 and
generating electrical energy (in fuel cells).6,7 On the other hand,
two-electron O2 reduction generates hydrogen peroxide, a

versatile and environmentally benign oxidizing agent8,9 and also
a promising candidate as an energy carrier in fuel cells.10−13

Transition-metal ions are known for their ability to facilitate
and control O2 activation, and how dioxygen can be activated
by metal complexes remains a central question for chem-
ists.14,15 In this regard, studies of homogeneous metal-based
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systems are particularly useful for the clarification of
mechanistic details of the dioxygen activation process.16−25 In
the specific case of catalytic O2 reduction, investigations in
solution are essential to obtain insights into the factors that
control the competition between four- and two-electron
reduction processes.19,26,27

The reactivity of metal complexes with O2 is mainly
regulated by the nature of the transition metal ion, by the
donor atom set supplied by the supporting ligand, and finally by
second coordination sphere effects. Among transition metals,
manganese exhibits extremely rich oxygen chemistry in both
biological and synthetic systems. A number of vital reactions
involving dioxygen and its reduced derivatives (superoxide,
peroxide, and water) are promoted by Mn-dependent enzymes,
including lipoxygenase,28,29 ribonucleotide reductase,30 super-
oxide dismutase,31 catalases,32 and the oxygen-evolving
complex of Photosystem II.33 In addition, many synthetic Mn
complexes are known to mimic the structure and/or the
reactivity of these enzymes.32,34−36

The nature of the supporting ligand also plays a key role in
the reactivity of metal complexes with dioxygen. In particular, it
has been shown that the coordination of thiolates to a metal ion
can promote the activation of molecular oxygen37 for several
reasons: (i) stabilization of metal−peroxo,38−40 −hydroper-
oxo,41 −alkylperoxo,42−44 and −superoxo45 complexes, as a
consequence of thiolate charge donation; (ii) decrease of the
activation barrier to O2 binding, as shown by theoretical
studies;45,46 (iii) assistance of metal oxidation by O2 by
significantly lowering its redox potential;47 (iv) increase of the
basicity of bound substrates by reducing the metal ion Lewis
acidity (to generate more basic oxo ligands for instance);48 and
finally (v) stabilization of coordinatively unsaturated MII

complexes with the concomitant labilization of the trans sites
to the thiolate for promoting product release.47 This has been
recently validated by the work of Kovacs et al. in the case of
manganese complexes. They reported a series of mononuclear
thiolate−MnII complexes capable of activating and reducing O2
stoichiometrically by generating mono-μ-oxo dinuclear MnIII

species.38,49 They also detected and characterized the first
example of a peroxo-bridged MnIII dinuclear complex as the key
intermediate in the process.38 However, no catalytic studies
(oxidation of substrates or dioxygen reduction) were performed
on these systems.
In addition to the nature of the metal ion and its first

coordination sphere, the control of the secondary coordination
sphere of a complex is also crucial to achieve highly functional
compounds and high chemical selectivity. In particular, the
presence of pendant acids (or bases) is known to promote
reactivity via transient hydrogen-bonding interactions, to act as
proton relays during a catalytic process, but also to modulate
the redox potential of the metal center.50 In some cases, these
concepts have also been validated in the domain of O2
activation and reduction.51−54

In this work, we describe the synthesis and characterization
of a rare manganese−thiolate complex, [MnII2(LS)(LSH)]ClO4
(MnII2SH, Scheme 1), bearing a pendant thiol group bound (in
its −SH form) to one MnII ion. This complex is capable of
bonding and activating dioxygen. The peculiarity of this
complex is that it mediates the reductive cleavage of the O−
O bond (four-electron dioxygen reduction) under stoichio-
metric conditions, while it acts as an active catalyst for two-
electron reduction of O2 in the presence of a proton source and
a one-electron reducing agent. The O2 activation and reduction
pathways under both stoichiometric and catalytic conditions
have been investigated, leading to insights on the factors that
control the competition between four- and two-electron
reduction processes.

2. RESULTS

2.1. Synthesis. The potassium salt of the LS ligand (2,2′-
(2,2′-bipyridine-6,6′-diyl)bis(1,1-diphenylethanethiolate))55 re-
acts with an excess (2.5 equiv) of Mn(ClO4)2·6H2O in THF at
293 K under an inert atmosphere, leading to a pale orange
precipitate (see Scheme 1). The resulting powder corresponds
to the dimercapto-bridged MnII dinuclear complex [MnII2(LS)-
(LSH)]ClO4 (MnII2SH), as shown by single-crystal X-ray
diffraction data (vide inf ra). Surprisingly, in this compound, one
of the metal-bound thiolates is protonated (i.e., the thiol form).
The MnII2SH complex reacts with O2 in CH3CN, leading to
the formation of a dark red-purple precipitate, corresponding to
t he mono -μ - h yd ro xo d inuc l e a r Mn I I I c omp l e x
[(MnIII2(LS)2(OH)]ClO4 (MnIII2OH).

2.2. Structural Properties. The X-ray structures of
MnII2SH and MnIII2OH are shown in Figure 1, and selected
bond distances and angles are reported in the Supporting
Information.
The MnII2SH cation consists of a dimercapto-bridged

dinuclear MnII complex. Its structure contains a quasi-planar
{Mn2S2} diamond core (deviation from the S2Mn1S52Mn2
plane <0.017 Å, angle between the S2Mn1S52 and S2Mn2S52
planes of 2.36°). The two Mn sites are not equivalent, and each
Mn center is pentacoordinated, surrounded by an N2S3 donor
set in a distorted square pyramidal geometry. The Mn···Mn
distance of 3.1738(6) Å is too long for a direct metal−metal
interaction. The discrepancy between the Mn1−S1 and Mn2−
S51 bond lengths (2.4399(10) and 2.6462(10) Å, respectively)
reflects the fact that S51 is protonated (S51−H51S = 1.61(3)
Å), in agreement with the presence of electronic density of a
proton found by Fourier transform near S51 (coordinates were
refined and isotropic displacement parameter was fixed at 1.2
times that of S51). Coherently, S and Mn K-edge X-ray
absorption spectroscopy (XAS) as well as magnetic suscepti-
bility measurements (vide inf ra) demonstrate that both Mn
ions are at the +II oxidation state. The S1···S51 distance of
3.772(3) Å is too long for an intramolecular S51−H51S···S1
hydrogen-bond interaction, even if the proton is displaced in an

Scheme 1
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intermediate position between both sulfurs (S1−H51S =
2.22(3) Å, S51−H51···S1 = 159.5(9)°), consistent with a
localized proton on one of the monodentate sulfur atoms in the
solid state.
The MnIII2OH complex crystallizes as a mixed salt,

[(MnIIIL)2(OH)](PF6)0.81(ClO4)0.19 (MnIII2OH#), with two
crystallographically independent molecules with similar geo-
metries. MnIII2OH is a rare example of a dinuclear MnIII

complex with a unique hydroxo bridge and the first with
thiolate ligands.56−59 Each manganese(III) ion is surrounded by
an N2S2O donor set in a distorted square pyramidal
coordination sphere. The MnIII−S distanceswith S being
unprotonatedare shorter than those in MnII2SH, in agree-
ment with the increase of the Mn oxidation state from +II to
+III. The Mn−O(H)−Mn angles of 146.56(17)° and
146.11(17)° and the Mn···Mn separations of 3.902(1) Å and
3.903(1) Å are in the range found in the other reported
dinuclear μ-OH MnIII complexes (141° < Mn−O−Mn angle <
160° and 3.87 Å < Mn···Mn distance < 3.99 Å).56−59 A mono-

oxo bridge can be excluded on the basis of the Mn···Mn
distance that is notably shorter in dinuclear mono-μ-oxo MnIII

complexes (3.4−3.6 Å).34,49,60

2.3. Mn and S K-Edge XAS Absorption. Mn and S K-
edge XAS experiments have been performed to assign the
oxidation state of the Mn ions in both MnII2SH and MnIII2OH
complexes (Figure 2). Such investigation was crucial to
indirectly confirm the protonation of one LS ligand in MnII2SH
and the hydroxo nature of the bridge present in MnIII2OH.

It has been previously shown that the energy of the Mn K-
edge (and pre-edge), corresponding to a Mn(1s) → Mn(4p)
transition (and Mn(1s) → Mn(3d) transition), is sensitive to
the oxidation level of the Mn ions, i.e., the lower the energy, the
lower the oxidation state.61,62 This can be rationalized by
considering that removing one electron from an atom that
bears a higher positive charge is more difficult. In this specific
case, the ∼1.5 eV shift to lower energy of the edge inflection
point measured for MnII2SH with respect to that for MnIII2OH
is consistent with a +II oxidation state in MnII2SH vs +III in
MnIII2OH. The same trend is observed for the much less
intense Mn K pre-edge feature at ∼6540 eV.
The sulfur K-edge XAS experiments also provide information

on the oxidation level of the Mn ions. In a simplified model, the
sulfur K pre-edge corresponds to a transition from the 1s
orbital of a sulfur atom to an unoccupied orbital bearing both S
3p and Mn 3d character. It is thus expected that the pre-edge
transition shifts to lower energies when the oxidation state of

Figure 1. Molecular structures of (a) MnII2SH·1.55CH3CN·
0.45CH3OH and (b) MnII2OH

#·7.16CH3CN. The thermal ellipsoids
are drawn at 30% probability level. All hydrogen atoms, except for
H51S in MnII2SH and H10 in MnIII2OH

#, anions, and solvent
molecules are omitted for clarity. Only one crystallographically
independent unit of MnIII2OH

# is displayed. Selected bond distances
(Å) and angles (deg): in MnII2SH, Mn1−S1 = 2.4399(10), Mn2−S51
= 2.6462(10); in MnIII2OH

#, Mn1−O1 = 2.034(3), Mn2−O1 =
2.041(3), Mn1−O1−Mn2 = 146.56(17). Figure 2. Mn and S K-edge XAS spectra recorded on powdered

samples of MnII2SH and MnIII2OH.
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the Mn ion increases, as the Mn(3d) orbitals are stabilized in
the presence of a higher positive charge on Mn (the S(1s)
energy remaining virtually unchanged). Accordingly, a sulfur K
pre-edge is observed only in the case ofMnIII2OH, at an energy
of 2469.6 eV, while that of MnII2SH is obscured by the edges
above 2472 eV. For both complexes, the sulfur K-edge energies
at approximately 2472 eV are consistent with reduced sulfurs as
thiol or thiolate groups.
2.4. Magnetic Properties. Variable-temperature magnetic

susceptibility data were collected on powdered samples of
MnII2SH and MnIII2OH in the 1.8 to 300 K temperature range
at 1000 Oe (Figure 3).

For both systems, the steady decrease of χT product to
nearly zero at 2 K suggests the presence of significant intra-
complex antiferromagnetic exchange. Therefore, the magnetic
data were analyzed by an isotropic spin-dimer Heisenberg
model, H = −2JSASB, assuming that the two metal ions are high
spin MnII (SA = SB = 5/2) in MnII2SH, or high spin MnIII (SA =
SB = 2) in MnIII2OH.63 Concerning MnII2SH, the bridging
thiolate ligands mediate antiferromagnetic interactions between
MnII magnetic centers leading to a diamagnetic S = 0 ground
state. The resulting best fit for MnII2SH (solid blue line in
Figure 3) gives gA = gB = 2.05(8) and J = −22(1) cm−1 (−31(1)
K). The magnetic coupling between two MnII ions is typically
small (J < 10 cm−1) regardless of the nature of the bridging
ligand32,64 (We note that phenolato bridges are an
exception).65 Therefore, the exchange interaction found in
MnII2SH is surprisingly high. In the literature, the number of
polynuclear MnII complexes with thiolate bridge(s) is limited
and, to the best of our knowledge, the magnetic properties have
been reported only for one of those, i.e., a linear trinuclear MnII

complex with a mono-μ-thiolato bridge between each Mn ion,
with a relatively strong antiferromagnetic interaction evaluated
around −9.8 cm−1.66 Concerning MnIII2OH, the resulting best
fit affords gA = gB = 2.00(5) and J = −19(1) cm−1 (−27(1) K;
solid red line in Figure 3). The magnetic properties of only two
other mono-μ-hydroxo dinuclear MnIII complexes have been
reported so far, both containing porphyrin-based ligands. In
these two complexes, the antiferromagnetic exchange inter-
action is much larger, i.e., −71 cm−1 and −74 cm−1, consistent

with larger Mn−O−Mn angle values (152.73° and 160.4°,
respectively, vs 146.56° and 146.11° for MnIII2OH).56,57

2.5. Solution Properties of MnII
2SH. The dinuclear solid-

state structure of MnII2SH is retained when dissolved in
CH3CN, as attested by electrospray ionization mass spectrom-
etry (ESI-MS; 1267.2 m/z). The redox properties of MnII2SH
have been investigated by cyclic voltammetry (CV) in CH3CN
(Figure 4 and Supporting Information).

First, the presence of the metal-bound SH group (vide supra)
has been evidenced in solution. A cathodic peak at −1.27 V vs
Fc/Fc+ is observed only in the CV of MnII2SH recorded on Pt
working electrode, but not on glassy carbon, GC. The well-
known ability of platinum to lower the overpotential for proton
reduction leads to the assignment of this peak to the reduction
of the Mn-bound thiol proton. Second, the CVs of MnII2SH
recorded both on Pt or GC electrodes show an irreversible
anodic peak at Epa = −0.01 V, assigned to a two-electron metal-
based oxidation, MnIIMnII → MnIIIMnIII. The redox potential
associated with the MnIIMnII/MnIIIMnIII system suggests that
MnII2SH could be easily oxidized by O2, in analogy to the
mononuclear MnII-thiolate complexes reported by Kovacs (for
which E1/2 = +0.08 to +0.20 V vs Fc/Fc+ for the MnIII/MnII

redox couples). The potential of the corresponding cathodic
peak (Epc = −0.47 V) indicates that the electrochemically
generated MnIIIMnIII dinuclear complex (MnIII2SH) undergoes
a fast chemical rearrangement, probably associated with the
deprotonation of the thiol group. A different redox behavior
was observed in the case of a related dinuclear CuI complex
containing an analogous bis-μ-thiolato bridge. The latter
displayed a one-electron reversible Cu1.5Cu1.5/CuICuI redox
process, the mixed-valence species being stable and fully
characterized.67 In the case of MnII2SH, the generation of the
mixed-valence species is prevented presumably due to the fact
that the redox potential of the MnIIIMnII/MnIIMnII couple is
too close to that of the corresponding MnIIIMnIII/MnIIIMnII

one.
During the oxidative electrolysis ofMnII2SH in CH3CN (at E

= +0.05 V), the color of the solution turns from light orange to
deep orange and then evolves to light yellow at 293 K. This
final species corresponds to a MnII2-disulfide complex that has
been isolated and characterized and will be described in a
separate contribution (see Supporting Information). On this
basis, the deep orange intermediate species (that can be
stabilized at 253 K) has been assigned to a bis-μ-thiolato

Figure 3. Temperature dependence of the χT product (where χ is the
molar magnetic susceptibility equal to M/H per complex) measured at
1000 Oe for MnII2SH·1.55CH3CN·0.45CH3OH (blue circles) and
MnIII2OH

#·7.16CH3CN (red circles). The solid lines are the best fits
of the experimental data to the models described in the text.

Figure 4. CV of MnII2SH (0.7 mM) in CH3CN, 0.1 M Bu4NPF6,
before () and after (---) electrolysis at +0.05 V.
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dinuclear MnIII complex with two terminal thiolate groups
(MnIII2), the isoelectronic form of the MnII2-disulfide complex.
The deep orange color is due to a broad absorption band at
∼475 nm (∼6400 M−1 cm−1, Figure 5) and was assigned to

ligand-to-metal charge transfer (LMCT) contributions to the
lower-energy d-d transitions based on time-dependent density
functional theory (TDDFT) calculations (see Supporting
Information).
2.6. Reactivity of MnII

2SH with Dioxygen and Catalytic
Production of H2O2. When a light orange solution of
MnII2SH (1 mM) is exposed to air (see video in the Supporting
Information) or to dry O2 (∼1 mM) in CH3CN at 293 K, a
dark red-purple solution is formed, containing the structurally
characterized MnIII2OH complex as the main product (Scheme
1, Figure 1). Based on the ε value of MnIII2OH at 527 nm
(∼3100 M−1 cm−1) determined from the isolated product,
about ∼70% of MnIII2OH is generated under these conditions.
The low stability of the product at 293 K can explain the non-
quantitative character of the process as well as the possible
presence of weak absorbers as side-products. Based on TDDFT
calculations, the 527 nm absorption band has been assigned to
a mixed d−d/intraligand charge transfer (ILCT) transition
(Supporting Information). In agreement with its dinuclear
structure, the CV of MnIII2OH displays two successive one-
electron reduction processes at Ep = −0.60 V (ΔEp = 80 mV)
and −0.75 V (ΔEp = 80 mV) corresponding to the stepwise
reduction of the MnIII dinuclear complex into the correspond-
ing MnII analogue (see Supporting Information).
In an attempt to identify O2 as the source of oxygen for the

hydroxo bridge, 18O2 was used to generate MnIII2OH. Even
though no labeled MnIII2

18OH compound was observed by
ESI-MS, H2O has been excluded as the oxygen source in
MnIII2OH based on the fact that no MnIII2OH is formed when
MnIII2 is electrochemically generated in the presence of H2O.
The lack of 18O-labeling in MnIII2OH when 18O2 is used has
been attributed to a fast exchange between the μ-18OH bridge
and adventitious water as previously reported for the MnIII/IV4-
oxo complex of the Photosystem II.68,69 Such exchange has
been further evidenced by adding H2

18O to MnIII2OH in
CH3CN (see Supporting Information).
In order to evaluate the potential catalytic activity of

MnII2SH for proton-assisted O2 reduction, the effect of proton

addition during the oxygenation process has been monitored by
visible absorption spectroscopy (Figure 5) and CV. In a first
step, MnIII2OH is generated from the reaction of MnII2SH with
O2. The following addition of 2,6-lutidinium tetrafluoroborate
(LutHBF4) instantaneously leads to the protonation of
MnIII2OH with the simultaneous production of H2O and
MnIII2 (Scheme 2a). Subsequently, the in situ generated MnIII2

complex can be reduced by exhaustive electrolysis at E = −0.7
V vs Fc/Fc+, to partially recover the initial MnII2SH complex,
thus completing one stepwise cycle. The incomplete recovery
of MnII2SH (only ∼35%, as estimated by the initial and final
CVs) can be mainly ascribed to the poor stability of MnIII2 at
293 K (this species evolves to a MnII2-disulfide complex, vide
supra).
Coherently, when MnII2SH reacts with O2 in the presence of

LutHBF4 (up to 50 equiv), the direct formation of MnIII2 is
observed. Under such conditions, the concomitant production
of H2O2, up to ∼40% vs MnII2SH, is attested by titration with
the H2O2-specific Ti-TPyP reagent70,71 (see Supporting
Information) or with iodide under acidic medium. The amount
of H2O2 formed depends on the relative concentration of acid
versus MnII2SH: the higher the LutHBF4:MnII2SH ratio, the
larger the amount with a plateau for 20:1 ratio (see
Discussion). Production of 15% H2O2 is detected in the
absence of acid: this has been attributed to the fact that the Mn-
bound pendant thiol can act as a proton source for a
neighboring complex molecule.
As a further step, we have investigated the catalytic activity of

the MnIII2/MnII2SH system for O2 reduction using a sacrificial
electron donor and protons.16,19,72,73 As one-electron reducing
agents, we have selected octamethylferrocene (Me8Fc) and
decamethylferrocene (Me10Fc), for their standard potential
(E1/2 Me8Fc

+/Me8Fc = −0.40 V, E1/2 Me10Fc
+/Me10Fc = −0.49

V) that should be suitable to reduce MnIII2 (Epc = −0.47 V).
The addition of a catalytic amount of MnII2SH (100 μM) to an
air-saturated CH3CN solution of MenFc (n = 8 or 10, 2 mM, 20
equiv) and LutHBF4 (15 mM, 150 equiv) at 293 K results in
the quantitative and efficient oxidation of the ferrocene
derivatives by O2 to afford octamethylferricenium (Me8Fc

+)
and decamethylferricenium (Me10Fc

+), respectively. Figure 6
shows the absorption spectral changes during the catalytic
reaction and the corresponding time profiles for the generation
of Me8Fc

+ and Me10Fc
+ (at 750 and 778 nm, respectively). In

the absence of the catalyst, oxidation of the ferrocene
derivatives occurs only to an insignificant extent. Under such
conditions, the rate of electron transfer to MnIII2 follows
pseudo-zero-order kinetics in the case of Me8Fc, while it
becomes pseudo-first-order kinetics with Me10Fc. This can be

Figure 5. UV−vis spectrum of MnII2SH (0.35 mM) in CH3CN before
(orange trace) and after (purple trace) addition of 1 mM O2 to
generate MnIII2OH. MnIII2 is obtained after the addition of 2,6-
lutidinium tetrafluoroborate (1 equiv) to MnIII2OH, (red trace); 1 cm
optical path length.

Scheme 2
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tentatively explained by a difference of steric hindrance between
both reducing agents by limiting the interaction between the
two complexes, MnIII2 being very bulky with the presence of
eight phenyl groups in the ligands.
In addition, the nature of the oxygen-reduction product and

the selectivity of the catalytic process was investigated. After the
completion of catalysis, a 0.6 mM concentration of H2O2 was
detected in the sample solution when the substrate was Me8Fc
(titration with the Ti-TPyP reagent; see Supporting Informa-
tion).70,71 In contrast, no H2O2 formation was observed in the
case of Me10Fc. It has, however, been shown that H2O2 can
spontaneously decompose, partially or completely, in the
presence of ferrocene derivatives.19 We have estimated that in
the present conditions about 30% of H2O2 formed during the
catalytic oxidation of Me8Fc is decomposed. By taking into

account this correction, a ∼43% yield of H2O2 vs Me8Fc is
produced by O2 reduction at 293 K. In the case of Me10Fc, low-
temperature experiments have been carried out, in propionitrile
and acetone at 223 K (see Supporting Information) in order to
prevent the direct oxidation of Me10Fc by H2O2. Under these
conditions, a ∼40% of H2O2 vs Me10Fc is produced in both
solvents. Taking into account the stoichiometry of the two-
electron reduction of O2 by ferrocene derivatives (eq 1), the
amount of H2O2 detected corresponds to ∼80−84% selectivity.
(We note that 50% H2O2 vs MenFc is expected for a completely
selective process.)

+ + → ++ +O 2Me Fc 2H 2Me Fc H On n2 2 2 (1)

In summary, in the presence of MnII2SH as catalyst, both
Me8Fc and Me10Fc are quantitatively oxidized by O2 to give the

Figure 6. UV−vis spectral changes observed during the two-electron O2 reduction catalyzed by MnII2SH with MenFc ((a) n = 8, (b) n = 10) in the
presence of LutHBF4 in CH3CN at 293 K (air-saturated solution, 2.0 mM MenFc, 15 mM LutHBF4, 100 μMMnII2SH, 1 cm path length). The insets
show the time profiles for Me8Fc

+ and Me10Fc
+ formation (red trace, absorbance at 750 and 778 nm, respectively); the profiles of the corresponding

blank samples (no catalyst) are also shown (blue trace).

Scheme 3. Proposed Pathways for Proton-Coupled Two-Electron O2 Reduction Catalyzed by MnII2SH in the Presence of MenFc
(n = 8 or 10) (Left) and for Four-Electron O2 reduction by MnII2SH in Stoichiometric Conditions (Right)a

aReagents and products are indicated in purple and in blue, respectively.
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corresponding MenFc
+ cation, with O2 selectively reduced to

hydrogen peroxide.

3. DISCUSSION
3.1. MnII

2SH: An Unusual Metal−Thiol System. In
coordination chemistry, although metal-bound thiolates (M−S)
are very common, examples of metal-bound thiols (M−SH) are
relatively rare. Among the structurally characterized M−SH
complexes, most examples are based on iron32,33 or
ruthenium.34,35 The formation of transient metal−thiol bonds
in the active sites of metalloenzymes, including [NiFe]36 and
[FeFe]37 hydrogenases, nitrogenase,38 and their biomimetic
models, is often proposed (and in some cases established) to be
an influential factor in their reactivity. In these systems, metal-
bound thiols can act as proton relay during the catalytic
process, but are also capable of tuning the redox potential of the
active metal centers. Concerning the O2 activation domain, one
MnI complex containing a pendant thiol is reported to react
with O2, leading to the formation of a mononuclear O2 side-on-
bound MnIV complex.39 However, in this case the pendant
proton does not seem to take part in the reactivity of the
system.
In MnII2SH, the presence of one coordinated thiol has been

unambiguously demonstrated both in the solid state (as
evidenced by the Mn2−S51 distance in the X-ray structure
and, indirectly, by magnetic and XAS measurements) and in
solution (as shown by CV), with the hexaaqua Mn(II) as the
most probable proton source. The uncommon stability of the
terminal metal-bound thiol in solution could be attributed to an
intramolecular SH···S bond interaction between S1 and S51
(see Figure 1). The presence of a stabilizing intramolecular
interaction is supported by DFT calculations (see Supporting
Information). Interestingly, the protonation induces a remark-
able increase of the oxidation potential of the MnII dinuclear
complex (of ∼300 mV, data not shown), resulting from the
lower donor ability of a thiol functionality with respect to a
thiolate. In the case of a reported NiII−thiol(ate) complex,39 a
similarly large proton-induced shift in the redox potentials
(+250 mV) has been previously observed without notable
structural modifications.
3.2. Proposed O2 Reduction Pathway(s) with MnII

2SH
under Stoichiometric and Catalytic Conditions. Under
stoichiometric conditions and in the absence of an external
proton source (Scheme 3, right), the reaction between
MnII2SH and dioxygen generates the μ-hydroxo complex
MnIII2OH. In this case, the O−O bond reductive cleavage
and full four-electron reduction of O2 are achieved. Dioxygen
activation is probably promoted by the fact that a coordination
vacancy can be created on each Mn center of MnII2SH by
breaking the two μ-S bridges. It can then be proposed that the
formation of MnIII2OH follows an oxygenation process parallel
to those described for FeII porphyrins.74 In those systems, a
FeIII2−peroxo intermediate evolves into a μ-oxo FeIII dimer as a
consequence of O−O bond cleavage via a bimolecular process.
In this respect, Kovacs has recently isolated and crystallized the
first example of peroxo-bridged MnIII dinuclear complex.38

Efforts to detect and characterize a similar intermediate are
ongoing and computations are being pursued in order to assess
its energetic accessibility.
When protons (LutHBF4) are added on a freshly prepared

MnIII2OH solution, its μ-hydroxo bridge is immediately
protonated to afford MnIII2 and H2O. In the case of the
dinuclear μ-oxo thiolate MnIII complexes described by Kovacs

et al., concomitant addition of ROH is required to release
water.75 In our system, the release of water is driven by the
tendency of the complex to form μ-S bridges.
When a proton source (LutHBF4) is already present in the

initial solution of MnII2SH, an alternative reaction pathway can
be followed. Under these conditions the postulated MnIII2−
(hydro)peroxo intermediate ([{MnIII(LS)}2(OOH)]+ in
Scheme 3) reacts with protons favoring the cleavage of the
Mn−O bond and the subsequent formation of hydrogen
peroxide (up to 40% vs MnII2SH (Scheme 3, left). This two-
electron O2 reduction pathway coexists with the reductive
cleavage of the O−O bond leading to the same final MnIII2
product. Two key factors regulate the competition between O−
O and M−O rupture in metal−peroxo complexes: (i) the
intrinsic strength of the O−O and M−O bonds and (ii) the
presence of a proton source. Regarding the first aspect, the O−
O bond lengths of previously reported thiolate MnIII−peroxo
and MnIII−alkylperoxo complexes (1.431(5)−1.468(7)
Å)38,42,43 fall in the high limit of those observed for metal−
peroxo complexes. These long bond distances are consistent
with highly activated O−O bonds that are easy to cleave. On
the other hand, regulation of proton delivery to a metal−peroxo
species is also crucial in the competition between M−O vs O−
O ruptures. As shown in the case of classical copper
systems,76,77 and also for a side-on peroxo−MnIII mononuclear
complex,78 more acidic media favor M−O rupture, while in less
acidic media, the O−O bond is cleaved. Our experimental data
are in full agreement with previous findings: while the presence
of thiolate ligands favors the O−O breaking, the addition of
protons (LutHBF4) promotes the M−O rupture.
The catalytic O2 reduction process presented herein, in

which MenFc are used as monoelectronic sacrificial donors and
MnII2SH as catalyst, represents a rare example of manganese-
based molecular catalyst for two-electron reduction of O2 in
homogeneous solution.79−81

The proposed mechanism of H2O2 formation, depicted in
Scheme 3, left, is most likely the same as that of the
stoichiometric reaction in acidic medium. When compared to
the stoichiometric process, the higher selectively for H2O2 is
consistent with the presence of a larger excess of acid (200
equiv vs the Mn catalyst) and higher dilution conditions (100
μM of MnII2SH) that disfavor the bimolecular process
proposed to generate MnIII2OH. Regeneration of the initial
complex (Scheme 3, left) occurs by electron transfer from
MenFc (n = 8 or 10) to MnIII2. This process should be
thermodynamically feasible in both cases (ΔG ≈ +0.05 eV and
−0.04 eV for Me8Fc Me10Fc, respectively).

16 The process is
further driven by protonation of the reduced product to afford
MnII2SH. Even though MnIII2 is relatively unstable (as it slowly
decays to a MnII2−disulfide complex), under catalytic
conditions the presence of an excess of MenFc (20 equiv)
permits its immediate reduction, thus circumventing its
decomposition. It is worth noting that MnIII

2 is not
accumulated during the catalytic process, as the corresponding
absorption band at ∼475 nm is not observed during the
catalysis (Figure 6).

4. CONCLUSION
Herein, we describe a new thiolate-bridged dimanganese(II)
complex, [MnII2(LS)(LSH)]ClO4 (MnII2SH), which represents
an unusual system with a metal-bound pendant thiol (M−SH).
This complex is capable of binding and activating dioxygen. In
particular, under stoichiometric conditions and in the absence
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of an external proton source, MnII2SH reacts with dioxygen to
generate a μ-hydroxo complex, [(MnIII2(LS)2(OH)]ClO4
(MnIII2OH). In this case the reductive cleavage of the O−O
bond is achieved, leading to a four-electron O2 reduction
process. Conversely, in the presence of a proton source and of a
one-electron reducing agent, MnII2SH selectively catalyzes the
reduction of dioxygen to hydrogen peroxide. The rupture of the
M−O bond in the putative manganese−peroxo intermediate is
favored by the acidic medium, leading to two-electron O2
reduction. The MnII2SH complex represents a rare example of
manganese-based molecular catalysts for selective two-electron
O2 reduction in homogeneous solution.79−81 Current efforts in
our group are directed to investigate the role and influence of
the Mn-bound pendant thiol on the oxygen chemistry of
MnII2SH.

5. EXPERIMENTAL SECTION
H2L was prepared according to a reported procedure.55 All other
reagents and solvents were used as received. THF was distilled over
Na/benzophenone prior to use. Acetonitrile (99.9+ %, extra dry) was
distilled over CaH2 prior to use. The synthesis of the complexes was
performed under argon (in a glovebox with <5 ppm of O2 for
MnII2SH, and in a Schlenk tube for MnIII2OH). Caution! Perchlorate
salts of metal complexes are potentially explosive. Only small quantities of
material should be prepared, and the samples should be handled with care.
The elemental analyses were carried out with a C, H, N analyzer (SCA,
CNRS). The ESI-MS spectra were registered on a Bruker Esquire
3000 Plus ion trap spectrometer equipped with an ESI source. The
samples were analyzed in positive ionization mode by direct perfusion
in the ESI-MS interface (ESI capillary voltage = 2 kV, sampling cone
voltage = 40 V). The electronic absorption spectra were recorded on a
Varian Cary 300 absorption spectrophotometer in quartz cells (optical
path length = 1 cm).
5.1. Synthesis of [MnII

2(LS)(LSH)]ClO4 (MnII
2SH). Solid KH

(30% in mineral oil, 150 mg, 1.122 mmol) was added to a solution of
H2L (200 mg, 0.344 mmol) in THF (10 mL). After 20 min, the excess
of KH was filtered off, and a solution of Mn(ClO4)2·6H2O (310 mg,
0.856 mmol) in THF (5 mL) was slowly added to the yellow solution
under stirring. During the addition, the color of the solution turned to
dark brown, and subsequently to orange. After a few minutes, a pale
orange precipitate was formed. After 1 h, this solid was separated from
the mother liquid by filtration and extracted with dichloromethane (3
× 5 mL). The solvent was removed in vacuo, and the residual solid
was washed with THF (3 mL), dried, and collected as an pale orange
powder (MnII2SH, 182 mg, 0.133 mmol, 77%). ESI-MS (5 × 10−4 M,
CH3CN, m/z, I%): 633.2, 100 [MnL]+ + [Mn2L(LH)]

2+; 1267.2, 95
[Mn2L2]

+. Anal. Calcd for C76H61N4S4Mn2ClO4·0.5KClO4 (1437.19):
C, 63.51; H, 4.28; N, 3.90. Found: C, 63.40; H, 4.36; N, 3.79.
Absorption spectrum in CH3CN (λmax, nm (ε, M−1 cm−1)): 309
(∼250 00). X-ray-suitable orange-brown single crystals corresponding
to MnII2SH·1.55CH3CN·0.45CH3OH were obtained by slow diffusion
of diethyl ether into a solution of the product in acetonitrile at 293 K.
5.2. Synthesis of [MnIII

2(LS)2(OH)]ClO4 (MnIII
2OH). A suspen-

sion of MnII2SH (30 mg, 0.021 mmol) in acetonitrile (10 mL) in the
presence of 0.2 M Bu4NClO4 was cooled to 0 °C. Dry air (10 mL, 293
K, 0.086 mmol O2) was added, yielding a dark red-violet solution. Note
that, when vigorous bubbling of O2 is carried out on a MnII2SH solution,
MnIII2OH is not the main product of the reaction. After a few minutes, a
dark red-purple precipitate was formed. After stirring for 1 h at 0 °C,
this solid was filtered, washed with acetonitrile (2 × 2 mL), dried, and
collected as a dark red-purple powder (MnIII2OH, 18 mg, 0.013 mmol,
62%). ESI-MS (6.5 × 10−5 M, CH3CN, m/z, I%): 633.3, 16 [MnL]+ +
[Mn2L(LH)]2+; 1283.5, 100 [(MnL)2OH]+. Anal. Calcd for
C76H61N4S4Mn2OClO4 (1383.92): C, 65.95; H, 4.44; N, 4.05.
Found: C, 66.06; H, 4.57; N, 3.91. Absorption spectrum in CH3CN
(λmax, nm (ε, M−1 cm−1)): 311 (∼27 500), 530 (∼4300). MnIII2OH
crystallizes from the following procedure: 1.5 equiv of dioxygen were
added into a 0.9 mM solution of MnII2SH in acetonitrile at −18 °C, in

the presence of 0.02 M Bu4PF6, without stirring. After a few days, X-
ray-suitable dark red single crystals of the product were obtained,
corresponding to [(MnIIIL)2(OH)](PF6)0.81(ClO4)0.19) (MnIII2OH

#)·
7.16CH3CN.

5.3. Catalytic Experiments. The oxidation of MenFc (n = 8,10)
by O2 in the presence of a catalytic amount of MnII2SH and an excess
of 2,6-lutidinium tetrafluoroborate (LutHBF4) was monitored by
visible absorption spectroscopy in CH3CN at 293 K for both Me8Fc
and Me10Fc, and in propionitrile and acetone at 233 K for Me10Fc. In a
typical experiment (see Figure 6), an air-saturated solution of LutHBF4
(25 μL, 2.0 M) was added to an air-saturated solution of MenFc (2.225
mL, 2.24 mM), in the presence of air (1 atm, 0.21 atm O2), in a
septum-sealed 1 cm quartz cuvette kept at 293 K or at 233 K by a
cryostat. After the sample was stirred stirring for 5 s, an Ar-saturated
solution of MnII2SH (250 μL, 1.0 mM) was added under stirring (air-
saturated, 2.0 mM Fc*, 15.0 mM LutHBF4, 100 μM MnII2SH). The
increase in the absorbance of a band at 750 or 778 nm (corresponding
to the formation of the MenFc

+ ion for Me8Fc and Me10Fc,
respectively) was monitored with time by using an MCS 501 UV-
NIR (Carl Zeiss) photodiode-array spectrophotometer (Δt = 1 s). The
corresponding blank experiment was performed in the same
conditions, by adding degassed solvent (250 μL) instead of the
MnII2SH solution. The ε values for the absorption maxima of MenFc

+,
required to determine the concentration of formed MenFc

+ in the
samples, were estimated by the electron-transfer oxidation of MenFc
with AgBF4 (ε750(Me8Fc

+) = 383 M−1 cm−1, ε778(Me10Fc
+) = 495 M−1

cm−1). All the experiment were repeated three times, obtaining highly
reproducible data (in the 5% range).

5.4. Detection of H2O2 by the Ti-TPyP reagent. 5.4.1. Stoi-
chiometric Conditions. A series of sample solutions, containing
MnII2SH (0.8 mM) in CH3CN, in the presence of different equivalents
(0, 5, 10, 20, 30, 40, 50) of LutHBF4, were prepared under argon
(glovebox) and stirred under air for 3 min before analysis.

5.4.2. Catalytic Conditions. Samples were prepared as described in
the previous paragraph (air-saturated solution, 2.0 mM MenFc, 15.0
mM LutHBF4, 100 μM MnII2SH) at 293 K in CH3CN (Me8Fc and
Me10Fc) and at 233 K in propionitrile or acetone (Me10Fc) and
analyzed after reaction completion.

5.4.3. Method. The amount of produced hydrogen peroxide in the
samples was determined by spectroscopic titration with an acidic
solution of [TiO(tpypH4)]

4+ complex (Ti-TPyP reagent).70 The
detailed procedure is reported in the Supporting Information.
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