J Biol Inorg Chem (2008) 13:1219–1230
DOI 10.1007/s00775-008-0405-4

ORIGINAL PAPER

Spin-state-dependent oxygen sensitivity of iron dithiolates:
sulfur oxygenation or disulfide formation
Martin G. O’Toole Æ Majda Kreso Æ
Pawel M. Kozlowski Æ Mark S. Mashuta Æ
Craig A. Grapperhaus

Received: 18 February 2008 / Accepted: 25 June 2008 / Published online: 17 July 2008
Ó SBIC 2008

Abstract The oxygen sensitivity of two related iron(III)
dithiolate complexes of the ligand [4,7-bis-(20 -methyl-20 mercatopropyl)-1-thia-4,7-diazacyclononane], (bmmp-TASN)
FeCN (1) and (bmmp-TASN)FeCl (2), has been examined.
Oxygen exposure of the low-spin complex 1 yields the
disulfonate complex (bmmp-O6-TASN)FeCN (3) as an
olive-green solid with characteristic peaks in the IR spectrum at 1262, 1221, 1111, 1021, 947, 800, and 477 cm-1.
The corresponding nickel dithiolate, (bmmp-TASN)Ni (4),
yields the related disulfonato derivative, (bmmp-O6TASN)Ni (5) upon addition of H2O2 (IR bands at 1258,
1143, 1106, 1012, 800, and 694 cm-1. Oxygen exposure of
the high-spin complex 2 results in disulfide formation and
decomplexation of the metal with subsequent iron-oxo
cluster formation. Complexes 1 and 2 were examined using
density functional theory calculations. A natural bond
order/natural localized molecular orbital covalency analysis reveals that the low-spin complex 1 contains Fe–Sthiolate
bonds with calculated covalencies of 75 and 86%, while
the high-spin complex 2 contains Fe–Sthiolate bonds with
calculated covalencies of 11 and 40%. The results indicate
the degree of covalency of the Fe–S bonds plays a major
role in determining the reaction pathway associated with
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Introduction
Iron-coordinated thiolates play key roles in a variety of
biological systems including, but not limited to, oxygen
transport and activation (heme proteins) [1, 2], electron
transfer (iron–sulfur proteins) [3, 4], hydrolysis (nitrile
hydratase, NHase) [5–7], antioxidant activity (superoxide
dismutase and glutathione) [8, 9], and nitric oxide transport
[10]. As such, several studies have been conducted to
elucidate the nature of the iron–thiolate bond in a variety of
coordination environments [11–23]. Nonetheless, several
fundamental issues regarding their reactivity remain unresolved, including the predictability of oxygen sensitivity.
While it is known that some iron thiolates are involved in
oxygen transport/activation at the metal center [2, 24–26],
many others react detrimentally with dioxygen, leading to
disulfide formation and loss of activity [6, 7].
A notable exception is the enzyme NHase [27, 28],
which requires oxygen addition to sulfur in a beneficial
posttranslational modification of active-site cysteine residues to sulfur oxygenates. This non-heme iron-containing
enzyme catalyzes the conversion of nitriles to amides [5–7,
29]. Among numerous unusual structural and functional
features at the NHase active site are the three cysteinederived sulfur donors, each with a different oxidation state
(Fig. 1) [30]. It has since been shown that this posttranslational modification is imparted by dioxygen and is
necessary for enzymatic activity [31–33]. The active site of
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Fig. 1 Active site of iron-containing nitrile hydratase

thiocyanate hydrolase is similar to that of NHase and also
shows posttranslational oxygenation of active-site iron
thiolates [27, 28].
Prior to the discovery of sulfur-oxygenated donors at the
active site of NHase, it was generally established that
oxygen exposure of iron(III) thiolates typically yields
disulfide formation coupled with metal reduction and decomplexation of the ligand [3, 7, 34, 35]. Inspired by
NHase, sulfur oxygenation of iron thiolates by dioxygen
has been observed more recently [36–44]. In nearly all
cases of sulfur oxygenation, a low-spin configuration for
the iron thiolate precursor has been reported.
These results led us to investigate the spin-state dependency of iron thiolate oxygen sensitivity. We have previously
shown that iron complexes of the pentadentate ligand 4,7bis(20 -methyl-20 -mercaptopropyl)-1-thia-4,7-diazacyclononane), (bmmp-TASN)2-, yield good spectroscopic models of
the NHase active site [45–47]. Importantly, the spin state of
iron in (bmmp-TASN)FeX complexes is a function of the
exogenous donor, X, such that the effect of spin state on the
oxygen sensitivity can be probed with only minor changes in
the overall coordination sphere. In this paper, we report the
oxygen sensitivity of the low-spin complex (bmmp-TASN)FeCN (1) and its high-spin counterpart, (bmmp-TASN)FeCl
(2) (Scheme 1). These experimental results are correlated
with the covalency of the iron thiolate bond as determined by
theoretical methods.

Materials and methods
Materials and techniques
All reagents and reactants were obtained from commercially available sources and were used as received unless
otherwise noted. The iron complexes 1 and 2 were prepared
as previously reported [46]. All solvents were dried and
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Scheme 1 Oxygenation pathways for 1, 2, and 4

freshly distilled using standard techniques under a nitrogen
atmosphere [48, 49]. Standard Schlenk techniques under an
argon atmosphere or an argon-filled glove box were utilized
for the manipulation of all compounds in this study [50].
Physical methods
Elemental analyses were performed by Midwest Microlab
(Indianapolis, IN, USA) or Galbraith Laboratories
(Knoxville, TN, USA). IR spectra were recorded using a
Thermo Nicolet Avatar 360 spectrometer at 4-cm-1 resolution. Electronic absorption spectra were recorded with
an Agilent 8453 diode array spectrometer with 1 cm path
length quartz cells. Cyclic voltammetric measurements
were performed using a PAR 273 potentiostat with a
three-electrode cell (glassy carbon working electrode,
platinum wire counter electrode, and Ag/AgCl reference
electrode) at room temperature. Electrospray ionization
(ESI) mass spectrometry (MS) was performed by the
Laboratory for Biological Mass Spectrometry at Texas
A&M University.
(4,7-Bis(20 -methyl-20 -sulfonatopropyl)-1-thia-4,7diazacyclononane)iron(III) cyanide
A solution of 50 mg (0.13 mmol) of 1 in 50 mL dry
methanol was purged with oxygen gas (after passing
through a drying tube) for 5 min. The vessel was closed
under an O2 atmosphere and stirring of the solution continued for approximately 72 h, resulting in a color change
of the solution from purple to blue and precipitation of
crude 4,7-bis(20 -methyl-20 -sulfonatopropyl)-1-thia-4,7-diazacyclononane)iron(III) cyanide (3) as an olive-green
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solid. Following evaporation of the solvent under vacuum, the crude product was washed with chloroform
(2 9 30 mL), hexane (20 mL), and diethyl ether (20 mL)
to yield purified 3. Yield: 22 mg, 32% (based on the formula from elemental analysis). IR (KBr pellet; cm-1):
2962 (br), 2913 (br), 2062 (s), 1580 (m), 1462 (m), 1356
(m), 1262 (w), 1221 (m), 1111 (s), 1021 (s), 947 (s), 800
(m), 477(s). MS-ESI, m/z calcd. for C15H28N3O6S3FeK+,
[M + K+] 537.01; found, 537.88. Three attempts to obtain
elemental analysis for 3 were unsuccessful. While the
results contained the correct ratio of carbon, hydrogen, and
nitrogen the absolute values were lower than predicted.
This is ascribed to the presence of additional insoluble
products lacking carbon, hydrogen, or nitrogen, most likely
an iron oxide. The ‘‘best’’ analysis assumed the presence of
an impurity with an empirical formula of Fe2O3. Anal.
calcd. for C15H28N3O6S3Fe0.20Fe2O3: C, 33.97; H, 5.32;
N, 7.92. Found: C, 33.58; H, 5.39; N, 7.74.
Oxygenation of 2
Through a solution of 100 mg (0.24 mmol) of 2 in 100 mL
dry methanol, oxygen gas was purged (after passing through
a drying tube) for 5 min. The vessel was closed and the
solution was stirred under an O2 atmosphere for 24 h yielding
a yellow-orange solution and an orange precipitate. Following evaporation of the solvent under vacuum, soluble
products were extracted into chloroform (50 mL), leaving an
iron-oxo cluster as an orange solid. The solid was further
washed with 20-mL portions of chloroform, hexane, and
diethyl ether. From the initial chloroform extract, the disulfide of H2(bmmp-TASN), 3,3,6,6-tetramethyl-4,5,11-trithia1,8-diazabicyclo[6.5.2]pentadecane (LSS), was obtained
by evaporation of the solvent and extraction into diethyl
ether.
For iron-oxo clusters: yield: 40 mg, 76% (based on the
empirical formula from elemental analysis). IR (KBr pellet;
cm-1): 2962 (br), 2913 (br), 2859 (w), 1491 (m), 1458 (m),
1375 (m), 1358 (m), 1309 (m), 1110 (m), 1051 (m), 652
(m), 460 (m). Although the molecular formula of the ironoxo cluster(s) is unknown, the ‘‘best’’ empirical formula
based on elemental analysis is [H(LSS)][Fe3O3(OCH3)4].
Anal. calcd. for C18H41N3O7S3Fe3: C, 32.70; H, 6.25; S,
14.55. Found: C, 33.77; H, 5.83; S, 14.28.
For LSS: yield: 12 mg, 16%, 1H NMR (CDCl3): d 3.1–
3.2 (m, 6H), 2.5–2.8 (m, 10H), 1.2 (s, 12H). +ESI-MS, m/z
calcd. for C14H29N2S3 [M + H+] 321.15; found, 321.14.
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solution of KOH (0.16 g, 2.9 mmol) in 5 mL degassed
ethanol. To the resulting cloudy mixture was added dropwise via a cannula a solution of NiCl26H2O (0.30 g,
1.3 mmol) in degassed ethanol (20 mL), resulting in an
immediate color change to brown. The solution was stirred
for 16 h and this was followed by solvent removal under
vacuum. The residue was washed three times with diethyl
ether and hot hexane. The resulting navy-green solid was
dried under vacuum, yielding 4,7-bis(20 -methyl-20 -mercaptopropyl)-1-thia-4,7-diazacyclononane)nickel(II) (4) as a
crude product. Single crystals suitable for X-ray crystallography were obtained by slow diffusion of ether into a
methanol solution of 4. Yield 0.20 g (0.53 mmol, 24%).
Electronic absorption (acetonitrile): kmax (e): 279 (230),
400 (100), 479 (30). IR (KBr pellet, cm-1): 3490 (br), 2966
(s), 2913 (s), 2847 (s), 1666 (m), 1454 (m), 1380 (w), 1172
(m), 1029 (m), 947 (m), 808 (w), 755 (w), 637 (w), 559
(w). +ESI-MS, m/z calcd. for C14H28N2S3Ni, [M+]
378.08; found, 378.07. Anal. calcd. for C14H28N2S3NiKCl
C, 37.55; H, 6.22; S, 21.19. Found: C, 37.68; H, 6.23; S,
21.42.
(4,7-Bis(20 -methyl-20 -sulfonatopropyl)-1-thia-4,7diazacyclononane)nickel(II)
A solution of 4 (50 mg, 0.13 mmol) in 50 mL freshly
distilled acetonitrile was cooled to 258 K. To this was
added a solution of 0.5 mL 30% hydrogen peroxide
diluted in 20 mL acetonitrile. The mixture was kept cold
and stirred for 2 h as the solution developed a light-blue
color. After having been stirred overnight, solvent was
removed in vacuo and the product was extracted into
5 mL methanol. Addition of 50 mL diethyl ether yielded
purified (4,7-bis(20 -methyl-20 -sulfonatopropyl)-1-thia-4,7diazacyclononane)nickel(II) (5) as a light-blue solid.
Single crystals suitable for X-ray crystallography were
grown through slow evaporation of a methanol solution
of 5. Yield: 30 mg (0.063 mmol, 48%). Electronic
absorption (methanol): kmax (e): 266 (380), 307 (320),
623 (80). IR (KBr pellet; cm-1): 2974 (br), 1458(m),
1258 (s), 1143 (s), 1106 (s), 1012 (s), 800 (w), and 694
(s). +ESI-MS, m/z calcd. for C14H28N2S3O6Ni,
[M + H+] 475.05; found, 475.05. Anal. calcd. for
C14H28N2S3O6NiKCl C, 30.58; H, 5.13; S, 17.49. Found:
C, 29.82; H, 5.69; S, 17.65.
Isotopic labeling studies

0

0

(4,7-Bis(2 -methyl-2 -mercaptopropyl)-1-thia-4,7diazacyclononane)nickel(II)
To a solution of H2(bmmp-TASN) (0.45 g, 1.4 mmol) in
dry, degassed ethanol (10 mL) was added via a cannula a

Isotopic labeling studies with complexes 1 and 2 were
conducted according to the protocols listed in the previous
sections with the exception that the purge of 18O2 through
the solutions was conducted for 30 s instead of 5 min.
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Crystallographic studies

Theoretical method

For 1, 4, and 5 X-ray data were collected using a Bruker
SMART APEX CCD diffractometer at 100 K using the
SMART [51] software package (version 5.628) and were
processed using SAINT [52] (version 6.36). Data were
corrected for absorption using SADABS [53] (version
2.02) and the structures were solved using SHELXS-90
[54] refined by least-squares methods on F2 using
SHELXL-97 [54] incorporated into the SHELXTL
[54] (version 6.12) suite of programs. Crystallographic
parameters for each structure may be found in Table 1,
with full details in the electronic supplementary
information.

Geometry optimizations and single-point-energy calculations were performed using the Gaussian 03 software
package [55]. For geometry optimizations, the BP86
exchange–correlation functional was employed because of
its successful prediction of geometries for numerous
transition metal complexes [56–58]. For these calculations
a 6-31g(d) basis set was found to produce results most
consistent with experimentally determined geometries.
This level of theory also successfully predicted the
experimental ground-state spin state for complexes 1 and
2. Single-point energies and molecular orbital coefficients
were calculated using the B3LYP functional [59, 60]. A

Table 1 Crystal data and structure refinement for 1, 4, and 5
Empirical formula

C15H28FeN3S3

C14H28N2NiS3

C14H28N2NiO6S3

Formula weight

402.43

379.27

475.27

Temperature (K)

100(2)

100(2)

100(2)

Wavelength (Å)

0.71073

0.71073

0.71073

Crystal system

Monoclinic

Monoclinic

Triclinic

Space group

P21/n

P21/n

P
1

a (Å)
b (Å)

a = 7.2917 (4)
b = 19.3135 (11)

a = 7.5478 (5)
b = 11.9317 (8)

a = 11.3992 (13)
b = 12.3069 (14)

c (Å)

c = 12.8168 (8)

c = 18.7230 (12)

c = 14.8854 (17)

100.3160 (10)

93.3250 (10)

76.068 (2)

Unit cell dimensions

a (°)

89.098(2)

b (°)
c (°)

80.096 (2)
3

Volume (Å )

1,775.79 (18)

1,683.32 (19)

1,995.9 (4)

Z

4

4

4

Density (Mg/m3) (calcd.)

1.505

1.497

1.582

Absorption coefficient (mm-1)

1.202

1.517

1.318

Crystal size (mm3)

0.38 9 0.10 9 0.08

0.12 9 0.10 9 0.01

0.21 9 0.18 9 0.04

h range for data collection (°)

1.93–28.10

2.02–28.30

1.68–28.07

Index ranges

-9 B h B 9

-9 B h B 9

-14 B h B 15

-24 B k B 25

-15 B k B 15

-15 B k B 15

-16 B l B 16

-24 B l B 24

-19 B l B 19

15,368
4,137 (Rint = 0.0267)

14,831
4,000 (Rint = 0.0448)

17,502
8,873 (Rint = 0.0250]

Reflections collected
Independent reflections
Completeness

95.70% (h = 28.10°)

95.80% (h = 28.30°)

91.40% (h = 28.07°)

Absorption correction

SADABS

SADABS

SADABS

Refinement methods

Full-matrix least-squares on F2

Data/restraints/parameters

4,137/15/232

4,000/0/185

8,873/0/477

Goodness of fit on F2

1.056

1.054

1.065

Final R indices [I [ 2r(I)]a

R1 = 0.0392, wR2 = 0.0899

R1 = 0.0413, wR2 = 0.0759

R1 = 0.0754, wR2 = 0.1573

R indices (all dataa)

R1 = 0.0474, wR2 = 0.0933

R1 = 0.0555, wR2 = 0.0800

R1 = 0.0844, wR2 = 0.1618

Largest peak and hole (e- Å-3)

0.521 and -0.426

0.512 and -0.380

2.091 and -1.341

a

R1 = R||F0| - |Fc||/R|F0|, wR2 =
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mixed basis set [LanL2DZ for Fe, 6-311g(d, p) for S and
Cl, and 6-31g(d) for C, H, and N] was employed. All
single-point-energy calculations were converged to a tight
RMS threshold of 1 9 10-8. The results were examined
for spin contamination by comparing the term
(4 hS2iUHF + 1)-1/2 with the expected spin multiplicity
[61]. In all cases, spin contamination was found to be
nonexistent or negligible. Partial charges and spin densities were derived from a natural population analysis.
Natural bond order (NBO) calculations were performed
using NBO 5.0 as implemented within Gaussian 98 [62,
63]. Molecular orbitals were visualized from cube files
using the VMD software package [64]. Publication-quality images were rendered using Pov-Ray version 3.6 [65].
The NBO orbitals were visualized as 2D contour plots
using NBOview 1.0 [62], and as 3D representations using
Molekel version 4.3 [66].

Results
Synthesis and spectroscopy
The synthesis of the low-spin iron complex 1 from 2 and
[NEt4][CN] was described previously [46]. Conductivity
experiments revealed that 1 is a nonelectrolyte in solution,
indicating the cyanide donor remains bound in solution.
Complex 1 is stable in air as a solid and under an argon
atmosphere in solution. When dioxygen is purged through
a methanol solution of 1 the initial dark-purple color is
retained for several hours. However, when it is stirred
under an O2 atmosphere the solution develops a distinct
blue color over several days (3–7 days), from which
(cyanato)(4,7-bis(20 -methyl-20 -sulfonatopropyl)-1-thia-4,7diazacyclononane)iron(III) precipitates as a dark-green
solid (3). The IR spectrum of 3 displays a C:N asymmetric stretch at 2062 cm-1, which is redshifted with
respect to that of the dithiolate precursor 1, 2083 cm-1
(Fig. 2, spectrum A) [46]. Additionally, 3 displays characteristic peaks at 1221, 1111, 1021, 947, 800, and
477 cm-1. The intensity and frequency of these peaks are
consistent with metal-coordinated sulfur-oxygenates [67–
69]. Isotopic labeling experiments with 18O2 resulted in a
shift of the bands at 1221, 947, and 477 cm-1 to 1203, 922,
and 460 cm-1, respectively. These shifts of 17–25 cm-1
are consistent with incorporation of 18O (Fig. S1) [70].
Prolonged oxygen exposure (several weeks) of 3 in the
presence of solvent yields an uncharacterized orange
compound.
Complex 3 is insoluble in all common laboratory solvents, precluding complete solution characterization. Trace
quantities of 3 were extracted into methanol for analysis by
MS in the presence of K+, which has been shown to

Fig. 2 A IR spectrum of 3. B IR spectrum of 5. C IR spectrum of
[Bu4N][Fe14O8(CH3CH2O)20Cl8] [76]

enhance ionization of nickel sulfur-oxygenates [70]. The
+ESI-MS displays the expected [M + K+] peak at m/z
537.88 (Fig. S2).
Since the insolubility of 3 hampered efforts to obtain
single crystals for X-ray characterization, the nickel analogues of 1 and 3 were prepared. The nickel dithiolate
[(bmmp-TASN)Ni] (4) was synthesized from the dropwise
addition of an ethanol solution of NiCl26H2O to an ethanol
solution containing H2(bmmp-TASN) and KOH. The
olive-green complex 4 is soluble in several organic solvents (including alcohols, chloroform, and acetonitrile) and
is stable towards O2 as a solid and in solution. Compound 4
reacts rapidly with hydrogen peroxide in acetonitrile to
produce the nickel-containing disulfonate 5 as a light-blue
solid. To ensure complete conversion of 4 to 5, an excess of
hydrogen peroxide was employed. The IR spectrum of 5
(Fig. 2, spectrum B), is dominated by the presence of very
intense sharp bands at 1258, 1143, 1106, 1012, 800, and
694 cm-1. These bands are similar to those of 3, suggesting the complexes share similar ligand environments.
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The high-spin iron complex 2 is air-stable in the solid
state and exhibits long-term stability in anaerobic solutions.
In oxygen-saturated solutions, 2 rapidly (1 h) changes
color from dark blue to yellow, with precipitation of an
orange iron-oxo product. The orange product displays an
IR spectrum with weak to medium intensity bands at 1309,
1110, 1051, 895, 652, and 460 cm-1 (Fig. 2, spectrum C).
Although some of these bands are in the region expected
for sulfur-oxygenates, the intensities are too weak and the
energies do not shift when the complex is prepared using
18
O2. The bands are therefore attributed to methoxide,
which also displays features in this region [71]. In fact, the
IR spectrum of the orange iron-oxo product is nearly
identical to that of the previously reported cluster
[Bu4N][Fe14O8(CH3CH2O)20Cl8], which was also isolated
as an orange solid upon oxygenation of a related precursor
[72]. Although the cluster was not amenable to massspectral analysis, LSS was extracted from the crude reaction
product into chloroform. The +ESI-MS of LSS displays a
peak at m/z = 321.14 consistent with that of the expected
intramolecular disulfide; m/z = 321.15 (Fig. S3). These
results indicate that unlike 1, 2 does not react with O2 to
yield iron sulfur-oxygenates, but rather decomposes to
disulfide and iron-oxo clusters.
Structural characterization
Single crystals of 1 suitable for X-ray diffraction studies
were obtained through slow evaporation of an acetonitrile
solution of 1 under an argon atmosphere. An ORTEP
representation of 1 is shown in Fig. 3, and selected bond
distances and angles are displayed in Table 2 [73]. The iron
atom resides in a pseudo-octahedral N2S3C donor environment. The TASN ring (N1, N2, S1) occupies one face of
the octahedron, while the pendant thiolate donors S2 and
S3 are located trans to S1 and N1, respectively. The same
arrangement is found in the structures of [(bmmpTASN)Fe(NO)]+ and [(bmmp-TASN)Fe]2O [46]. The
cyanide ligand resides trans to N2. The Fe–Sthiolate bond
distances of 2.311(4) and 2.179(4) Å are within the
expected range for low-spin iron complexes containing
similar donor sets [46, 74–78]. The Fe–Sthioether bond distance is intermediate between the two Fe–Sthiolate bond
distances, consistent with previous observations that thioethers and thiolates are structurally similar in low-spin iron
complexes [45]. Interestingly, the distance of the thiolate
sulfur, S2, trans to the thioether S1 is significantly longer
than that of the thiolate sulfur, S3, trans to the amine N1.
The cyano group is bound to iron via a carbon atom in a
nearly linear fashion with an N3–C15–Fe bond angle of
177.4(16)°. Of additional note, the five-member NS chelate
rings containing N1/S2 and N2/S3 are nearly perpendicular
with an angle of 84.0° between the planes. Since the sulfur
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Fig. 3 ORTEP [78] view of 1 showing 50% probability displacement
ellipsoids and atom-numbering scheme. Hydrogen atoms are omitted

Table 2 Selected bond distances (Å) and bond angles (°) for 1
Fe–S1

2.286(4)

Fe–N1

2.069(11)

Fe–S2

2.311(4)

Fe–N2

2.078(12)

Fe–S3

2.179(4)

Fe–C15

1.922(15)

N1–Fe–N2

83.7(5)

N2–Fe–S1

86.0(4)

N1–Fe–S1

86.8(3)

N2–Fe–S3

85.4(4)

N1–Fe–S2

83.2(3)

S2–Fe–S3

93.24(14)

C15–Fe–S2

87.8(5)

N3–C15–Fe

177.4(16)

p-type lone pair of electrons lie orthogonal to its respective
chelate ring, the thiolate lone pairs also lie in nearly perpendicular orbitals with significant electronic ramifications
(vida infra).
Single crystals of (bmmp-TASN)Ni were obtained
through slow vapor diffusion of diethyl ether into a
methanol solution of 4. An ORTEP representation of 4 is
shown in Fig. 4, with representative bond distances and
angles presented in Table 3. The nickel center resides in a
square-planar environment with an N2S2 donor set. The
Ni–Sthiolate and Ni–N distances are within the expected
ranges for similar square-planar NiN2S2 complexes
[79–81]. The thioether sulfur of the TASN backbone is
perched in an axial position out of bonding range 2.824 Å
away from the nickel, which is significantly greater than
the sum of the van der Waal radii, 2.43 Å.
Single crystals of (bmmp-O6-TASN)Ni were obtained
through slow evaporation of a methanol solution of 5.
Examination of the ORTEP representation of 5 (Fig. 5)
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Fig. 4 ORTEP [78] view of 4 showing 50% probability displacement
ellipsoids and atom-numbering scheme. Hydrogen atoms are omitted
Table 3 Selected bond distances (Å) and bond angles (°) for 4
Ni–N1

1.957(2)

Ni–S2

2.1775(7)

Ni–N2

1.982(2)

Ni–S3

2.1925(7)

N1–Ni–N2

87.16(8)

N1–Ni–S2

90.02(6)

N2–Ni–S2

173.93(6)

N1–Ni–S3

170.96(6)

N2–Ni–S3

87.07(6)

S2–Ni–S3

95.05(3)

Fig. 5 ORTEP [78] view of 5 showing 50% probability displacement
ellipsoids and atom-numbering scheme. Hydrogen atoms are omitted
Table 4 Selected bond distances (Å) and bond angles (°) for 5

reveals the thiolate donors of 4 have been oxygenated to
sulfonates. The nickel center resides in a pseudo-octahedral
coordination sphere with a donor set consisting of the
amine donors N1 and N2, the thioether sulfur S1, the g1
sulfonate donor O1, and the g2 sulfonate donors O2 and
O3. Bond distances and angles are summarized in Table 4.

Ni–O1

1.991(4)

Ni–N1

2.103(4)

Ni–O2

2.134(4)

Ni–N2

2.139(5)

Ni–O3

2.283(4)

Ni–S1

2.3487(14)

N1–Ni–O1

173.25(16)

N2–Ni–O3

113.30(15)

N1–Ni–N2

85.98(17)

O2–Ni–O3

65.15(13)

N2–Ni–O2

174.18(16)

S1–Ni–O2

93.99(10)

N1–Ni–O3

85.68(15)

S1–Ni–O3

158.63(10)

Computational studies
Spin-unrestricted geometry optimizations of complexes 1
and 2 were performed using the BP86 functional with the
6-31g(d) basis set. Initial coordinates for non-hydrogen
atoms of 1 and 2 were taken from the crystallographic
coordinates of [(bmmp-TASN)FeNO]+ with substitution of
NO by CN or Cl, respectively [45]. The standard orientations were adjusted to give Cartesian axes oriented along
metal–ligand bonds, with the z-axis concomitant with the
variable coordination site, and S1–Fe–S2 along the y-axis
(Fig. 6). Energy and geometry optimizations with three
possible spin states (s = 1/2, 3/2, 5/2) were performed for
each complex, and the results are summarized in Table S1.
For both complexes, the lowest-energy spin state is consistent with experimental observations. The quartet and
sextet spin states of 1 lie 20.9 and 46.7 kcal/mol higher in
energy than the ground-state doublet. For 2, the sextet
ground state is 10.6 and 19.9 kcal/mol lower in energy than
the quartet and doublet spin states, respectively. The
calculated metal–ligand bond distances are within 0.07 Å

Fig. 6 Cartesian axes assigned for visualization of molecular orbitals
for complexes 1 and 2

of experimentally measured distances (Table S2). Singlepoint-energy calculations for the optimized structures of 1,
as a doublet, and 2, as a sextet, were computed using the
B3LYP functional, which has been shown to reliably
determine the electronic structure of transition metal
complexes [82]. As shown below, analyses of these results
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reveal several key differences between 1 and 2 that influence their reactivity with dioxygen.
Complexes 1 and 2 each contain a formal iron(III) ion in
a neutral complex: however, the partial charge distribution,
as derived from a natural population analysis (Table 5),
varies significantly between the complexes. The low-spin
complex 1 has a small, positive charge on iron of +0.16,
while in the high-spin complex 2, the iron has a much
larger partial charge of +1.09. The greater nephalauxetic
effect [83] in 1 than in 2 results from changes in metal–
sulfur bonding and changes in donor type in the variable
position. The magnitude of the charge on the thiolate sulfur
donors S2 and S3, -0.17 and -0.02, is significantly
smaller in 1 than in 2, -0.31 and -0.28. This is consistent
with a greater sharing of electron density, more covalency,
between iron and sulfur in the former. The greater Fe–
Sthioether interaction in 1 than in 2 yields partial charges on
S1 of +0.40 and +0.24, respectively, owing to the
increased sulfonium character in 1. Additional decreases in
the partial charge on iron in 1, compared with 2, are
attributable to differences in the sixth ligand. The cyanide
donor in 1 has an overall lower charge, -0.43, than the
chloride in 2, -0.59, consistent with the stronger r-donor
ability, and p-backbonding capabilities, of cyanide versus
chloride.
While the charge distributions of 1 and 2 reveal significant differences in metal–ligand bonding, better insight
into complex reactivity can be obtained through examination of the spin density (Table 5). For both 1 and 2, the
metal center and the primary coordination sphere account
for more than 95% of the total spin density. In 1, essentially
all of the spin is localized on the iron (0.806e-) and the
Table 5 Partial charges and spin distribution for complexes 1 and 2
from density functional theory (B3LYP)
Complex

Spin state

1

1/2

2
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5/2

Atom

Partial charge

Spin density

Fe

0.16

0.806

S1

0.40

-0.001
0.013

S2

-0.17

S3

-0.02

0.213

N1

-0.47

-0.006

N2

-0.50

-0.006

N3

-0.50

0.010

C15

0.07

-0.027

Fe

1.09

3.600

S1
S2

0.24
-0.31

0.098
0.405

S3

-0.28

0.435

N1

-0.55

0.086

N2

-0.55

0.084

Cl

-0.59

0.255

thiolate sulfur S3 (0.213e-). As shown in Fig. 7 (left), the
spin residing on iron is localized within the angular constraints of a dxy orbital, while the density about sulfur is
within the angular boundaries of a py orbital. These results
are consistent with earlier electron paramagnetic resonance
results for which a g-value analysis, using the method of
Taylor and Griffith, revealed more that 99% of the
unpaired electron density in 1 resides in the dxy orbital
[46, 84, 85]. For complex 2, in addition to the spin density
on iron of 3.600e-, there is also a significant buildup of
spin on both thiolate sulfurs (0.405e- and 0.435e-) for S2
and S3, respectively, and the chloride (0.255 e-). As
shown in Fig. 7 (right), the spin density on iron is nearly
spherically distributed as expected for high-spin iron(III).
As a result, spin delocalization pathways are available for
all the ligands bearing p-type lone-pair orbitals. The results
of the spin-density calculations agree with the experimental
electron paramagnetic resonance spectra of 2, which
depicts a high-spin iron center residing in a rhombic
coordination environment [46, 86].
The Kohn–Sham frontier molecular orbitals for complexes 1 and 2, as shown in Fig. 8 and summarized in
Table S3, are as expected for low-spin and high-spin
iron(III) complexes, respectively. For 1, the unoccupied
a-orbitals, 108a and 109a, and their b-orbital counterparts
are the typical dx2 y2 and dz2 r* orbitals expected for lowspin iron(III). The three highest-energy occupied a-orbitals
largely comprise p* interactions between dyz and S2 pz, dxy
and S3 py, and dxz and CN. In the b-orbitals, only the dyz/S2
pz and dxz/CN counterparts are occupied, leaving the dxy/S3
py p* orbital being the location of the unpaired electron.
This is consistent with the spin-density calculations.
The frontier molecular orbitals of 2 are qualitatively
similar to those of 1. The b-orbitals 107b–111b correspond
to the same five orbitals described for 1, with slightly
different ordering and substitution of Cl for CN. The aorbitals are more ligand-centered and not as easily visualized. The main quantitative difference between 1 and 2 is
the lessened r-donor ability and p-donor nature of Cl
compared with CN. This has a pronounced effect on the
relative energies of the frontier orbitals. Whereas the
frontier orbitals for 1 span an average energy range of

Fig. 7 Spin density for complexes 1 (left) and 2 (right)
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Fig. 8 Frontier molecular orbitals for 1 (left) and 2 (right)

5.59 eV, the gap between the highest and lowest frontier
orbitals of 2 is only 1.2 eV. The weak r-donor ability of
the chloro group also causes the r  dz2 orbital to drop in
energy relative to the dx2 y2 orbital. Overall, the relative
contributions to each molecular orbital from individual
atoms do not clearly explain the spin-state dependence of
dioxygen reactivity. For example, the five frontier a-orbitals for 1 have an average iron contribution of 50.74% and
an average combined thiolate contribution of 13.38%. An
analogous decomposition for 2 reveals 40.69 and 13.55%
for iron and the thiolates, respectively.
While the Kohn–Sham molecular orbitals described
above are consistent with the difference in spin state for
complexes 1 and 2, they provide little insight into how this
influences reactivity. To probe further the differences in
metal–sulfur bonding intimated by the partial charges, a
covalency analysis was conducted using the NBO/natural
localized molecular orbital (NLMO) protocol previously
described by Boone et al. [61, 83] as a measure of relative
covalency in iron-containing complexes.
A visualization of the Lewis-type structures computed
by the NBO algorithm for 1 and 2 is shown in Fig. 9. Since
the bonding contributions for the a- and b-orbitals are
determined independently, an overall view of each bond
requires a combination of both results. In Fig. 9, a solid
line indicates a traditional two center–two electron bond,
an arrow represents a ligand-centered lone pair that is
partially donated to the metal but does not meet the NBO
criteria for a covalent bond, and a half-arrow represents a
partially covalent bond, which is defined as a traditional

Fig. 9 Natural bond order determined Lewis structures for 1 (left)
and 2 (right). See the text for the description of the arrow conventions

bond in the a-orbital, but as a lone-pair electron in the
b-orbital (or vice versa).
In complex 1, the two thiolate donors, S2 and S3, and
the carbon of cyanide form traditional two center–two
electron bonds with iron. In addition to r-bonding, a partially covalent p bond between S3 and iron is assigned. The
two nitrogen donors and the thioether sulfur (S1) contain
lone pairs of electrons that are much less donating to the
iron. In 2, there are no traditional two center–two electron
bonds between the ligands and iron. Each of the ligands is
considered to have a partially covalent r bond and the two
thiolate sulfurs also have a partially covalent p bond. This
is not unexpected, as all of the ligand-donor a-orbitals and
metal-centered a-orbitals for this d5 high-spin center are
occupied. These results qualitatively confirm the notion
that Fe–S bonding is more covalent in 1 than in 2, but the
results cannot be compared quantitatively since the criteria
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for assigning bonds in NBO are variable and dependent on
the best Lewis structure.
To directly compare the bonding of 1 and 2, additional
interactions need to be considered using NBO/NLMO as
described by Boone et al. [61, 83]. This approach involves
the summation of covalency contributions to metal–ligand
bonding from three sources. These include traditional two
center–two electron NBOs as assigned by the NBO algorithm, metal- and ligand-lone pair delocalizations as
presented by NLMO analysis, and three center–four electron hyperbonding, which involves resonance stabilization
between the metal center and trans donor atoms. Antibonding NBO/NLMO interactions are subtracted to yield
an overall covalency for each metal–ligand bond. A value
of 1.0 signifies a completely covalent interaction, while a
value of 0.0 represents a completely ionic interaction.
Table 6 summarizes the covalency analysis for 1 and 2,
with the total covalency defined as the sum of the covalency of individual metal–ligand bonds. The total
covalency of 1 (3.73e-) is consistent with that of other
low-spin iron thiolates analyzed by Boone et al. [61, 83].
The high-spin complex 2 displays a significantly lower
total covalency of 1.30e-, which is in agreement with that
of other high-spin iron complexes. Of particular interest is
the covalency of the iron–thiolate bonds. For the Fe–S2
bond, significantly greater covalency is observed in 1
(0.75e-) than in 2 (0.11e-). A similar trend is observed for
the Fe–S3 bond, with values of 0.86e- and 0.40e- for 1
and 2, respectively. The greater covalency of 1 is partially
attributable to three-center hyperbonding with the trans
ligands. This is further evident by the high degree of
covalency in the iron–ligand bonds to the thioether sulfur
S1 (0.84e-) and the amino nitrogen N2 (0.58e-) which are
Table 6 Covalency values for complexes 1 and 2 calculated from
natural bond order/natural localization molecular orbital analysis
Bond covalency (|e-|)

Total covalency (|e-|)

Fe–S1

0.84

3.73

Fe–S2

0.75

Fe–S3

0.86

Fe–N1

0.13

Fe–N2

0.58

Fe–C15

0.56

Bond
1

trans to the thiolates S2 and S3, respectively. No hyperbonding interactions were detected in 2.

Discussion
Using the pentadentate ligand (bmmp-TASN)2- to provide
a consistent iron dithiolate core, the oxygen sensitivity of
two closely related iron dithiolate complexes with dioxygen has revealed an intriguing spin-state dependence. The
low-spin derivative, 1, demonstrates sulfur-centered oxygenation to yield an isolable iron disulfonate, 3. In contrast,
upon exposure to dioxygen, the high-spin derivative, 2,
decomposes to disulfide and an iron-oxo cluster. These
results provide insight into the vexing problem of iron
thiolate oxygen sensitivity.
Prior to the discovery of dioxygen-induced sulfur oxygenation of iron thiolates at the active site of NHase, the
dioxygen reactivity of iron thiolates was largely limited to
disulfide formation and complex degradation. Interestingly,
these earlier complexes were by and large high-spin, consistent with the weak-field donor ability of thiolates.
However, since the elucidation of the NHase active site,
efforts to generate low-spin iron thiolates and iron-coordinated sulfur oxygenates have increased, although direct
dioxygen addition to iron thiolates has been limited [36–
43]. Additionally, the prevalence of iron–thiolate bonds in
both naturally occurring and synthetic systems necessitates
an understanding of the parameters influencing their
dioxygen reactivity.
Our approach to understanding the apparent spin-state
dependence of the reactivity of iron thiolates with dioxygen
centers on differences in the covalency of the Fe–S bonds
as a function of spin state. As shown in the current study
with 1 and 2, and in prior studies of iron thiolates, the lowspin state yields significantly covalent Fe–S bonds, while
the high-spin state gives a more ionic Fe–S bond. This
observation provides significant insight into the reactivity
of the Fe–S–R moiety.
For ionic iron–thiolate bonds, the thiolate sulfur maintains a significant negative charge and the moiety is akin to
a simple thiolate salt, such as NaSR. Like simple thiolate
salts, oxygen exposure is expected to yield disulfides
(Scheme 2) [7, 87, 88]. However, when the Fe–S bond is

2
Fe–S1
Fe–S2

0.32
0.11

Fe–S3

0.40

Fe–N1

0.08

Fe–N2

0.10

Fe–Cl

0.29

123

1.30

Scheme 2 Oxygenation pathways for RS- and RSR
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covalent, the moiety is akin to an organic sulfide, R0 SR.
The iron can be viewed as an electron-donating R0 since the
bond is polarized towards sulfur, which maintains a small,
negative partial charge. In this case, the Fe–S–R moiety,
like organic sulfides, follows a pathway to sulfur oxygenation (Scheme 2) [89, 90].
In addition to covalency considerations, the doublet
ground state of 1, with significant spin density on the
thiolate sulfur S3, promotes the reaction with triplet ground
state dioxygen and the reaction proceeds rapidly. This is in
contrast to organic sulfides, which have a singlet ground
state and require excitation of oxygen to the singlet state for
oxygenation [67, 89, 90]. Consistent with these observations, we previously reported that sulfur oxygenation of a
singlet ruthenium(II) thiolate proceeds via a metal-centered
oxidation by O2 to generate a reactive doublet ruthenium(III) thiolate complex, which only then reacts with
triplet dioxygen to yield the sulfur-oxygenated product [91].
With regards to NHase, the current study provides
insight into the sulfur-oxygenation process. It is evident
that the spin state of iron has dramatic effects on sulfurbased reactivity of iron thiolates. The low-spin state
imparts Fe–S bond covalency that favors sulfur oxygenation, paralleling organic sulfides. Although low-spin
iron(II) and iron(III) meet this criterion, iron(II) has a
singlet ground state for which the reaction with groundstate, triplet oxygen would be spin-forbidden. As such,
only low-spin iron(III) thiolates are expected to display
rapid oxygen reactivity leading to sulfur-oxygenated
product. Previous model complexes of the iron-containing
NHase employing thiolate sulfur and deprotonated amide
donors have been found to posses exclusively a low-spin
ground state [6, 7, 42]. Computational studies on the
NHase active site as well as small-molecule mimics have
shown that amides trans to thiolates in these complexes
were found to participate in three-center hyperbonding, as
does 1 [61, 83]. This implies that the active site of NHase
most likely contains low-spin iron(III) prior to sulfur
oxygenation. Although the mechanism by which the active
site is posttranslationally modified remains unknown, it has
become clear that the low-spin state of the active site will
favor the formation of sulfur oxygenates rather than
disulfide formation. The spin-state-dependent reactivity
pattern found in complexes 1 and 2 may also be applicable
to other Fe–S systems, particularly when such systems are
to be subjected to some form of oxidative stress as can be
found in certain physiological circumstances or in industrial processes requiring robust catalysts [92].
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