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ABSTRACT: Nickel complexes of a series of β-diketiminate
ligands (RL−, deprotonated form of 2-substituted N-[3-
(phenylamino)allylidene]aniline derivatives RLH, R = Me, H,
Br, CN, and NO2) have been synthesized and structurally
characterized. One-electron oxidation of the neutral complexes
[NiII(RL−)2] by AgSbF6 or [RuIII(bpy)3](PF6)3 (bpy = 2,2′-
bipyridine) gave the corresponding metastable cationic com-
plexes, which exhibit an EPR spectrum due to a doublet species (S = 1/2) and a characteristic absorption band in near IR region
ascribable to a ligand-to-ligand intervalence charge-transfer (LLIVCT) transition. DFT calculations have indicated that the
divalent oxidation state of nickel ion (NiII) is retained, whereas one of the β-diketiminate ligands is oxidized to give formally a
mixed-valence complex, [NiII(RL−)(RL•)]+. Thus, the doublet spin state of the oxidized cationic complex can be explained by
taking account of the antiferromagnetic interaction between the high-spin nickel(II) ion (S = 1) and the organic radical (S = 1/2)
of supporting ligand. A single-crystal structure of one of the cationic complexes (R = H) has been successfully determined to
show that both ligands in the cationic complex are structurally equivalent. On the basis of theoretical analysis of the LLIVCT
band and DFT calculations as well as the crystal structure, the mixed-valence complexes have been assigned to Robin−Day class
III species, where the radical spin is equally delocalized between the two ligands to give the cationic complex, which is best
described as [NiII(RL0.5•−)2]

+. One-electron reduction of the neutral complexes with decamethylcobaltocene gave the anionic
complexes when the ligand has the electron-withdrawing substituent (R = CN, NO2, Br). The generated anionic complexes
exhibited EPR spectra due to a doublet species (S = 1/2) but showed no LLIVCT band in the near-IR region. Thus, the reduced
complexes are best described as the d9 nickel(I) complexes supported by two anionic β-diketiminate ligands, [NiI(RL−)2]

−. This
conclusion was also supported by DFT calculations. Substituent effects on the electronic structures of the three oxidation states
(neutral, cationic, and anionic) of the complexes are systematically evaluated on the basis of DFT calculations.

■ INTRODUCTION

β-Diketiminates are an important class of monoanionic
bidentate ligands, which have been adopted for the synthesis
of complexes with most of the metal ions in the periodic table
due to their versatility in tuning the electronic as well as steric
properties of the supported complexes.1−6 Such complexes
have been studied extensively as polymerization catalysts,
organometallic compounds with unusual coordination geome-
try, and models of the metalloenzyme active sites especially for
small molecule activation, where much attention has been
focused on the redox and/or Lewis acidic functions of the metal
center.
On the other hand, β-diketiminates have recently been

shown to behave as redox noninnocent ligands in the oxidation
of a nickel(II) complex as well as in the reduction of an
aluminum(III) complex, providing new insights into the redox

and magnetic properties of the β-diketiminate complexes.6−8

Such ligand-based redox chemistry is possibly involved in the
oxidative modifications of β-diketiminates in their complexes of
copper(II), zinc(II), aluminum(III), and platinum(IV) as
well.9−12

Transition-metal complexes supported by two redox-active
ligands (or donor groups) are known to produce ligand-based
mixed-valence complexes, where one-electron oxidation takes
place formally at one of the supporting ligands (donor groups).
In this case, the oxidized ligand as an electron acceptor is
electronically linked to another intact part as an electron donor
via the central metal ion, providing a good opportunity to study
intramolecular electron transfer.13−16 Typical examples of such
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systems include transition-metal complexes with o-qui-
nones,17−19 o-phenylenediamines,20,21 benzene-1,2-dithio-
lates,22,23 o-iminophenolate,24−27 α-iminopyridines,28,29 and
salens.30−49 Such an electronic communication between the
two redox centers originally started from studies of connected
transition-metal centers represented by the Creutz−Taube ion,
and those studies have been developed toward functional dyes
and electronic materials.50−56 Although, as stated above, the β-
diketiminate ligands have been recently recognized to act as a
redox noninnocent ligand in the bis-β-diketiminate complexes,
detailed study on the electronic interaction between the two
ligands in the mixed-valence state has yet to be accomplished
due to instability of such complexes.
In this study, the redox behavior of a series of bis(β-

diketiminate)nickel(II) complexes, [NiII(RL−)2] (
RL−, deproto-

nated form of RLH, see Chart 1), has been examined in detail to

get insights into the substituent effects on the redox
noninnocence of the supporting ligands. Particular attention
has been focused on the electronic communication between the
two β-diketiminate ligands in the one-electron-oxidized mixed-
valence complexes to explore the intramolecular electron
transfer though a coordination bond associated with the
appearance of a ligand-to-ligand intervalence charge-transfer
(LLIVCT) transition band.

■ EXPERIMENTAL SECTION
General. Reagents and solvents used in this study, except for the

ligands and nickel complexes, were commercial products of the highest
available purity and further purified by standard methods, if
necessary.57 Ligands RLH (R = Me, H, Br, CN, and NO2) were
prepared according to the reported procedures.58−61 FT-IR spectra
were recorded with a Jasco FT/IR-4100. Electronic spectra were
measured using a Hewlett-Packard HP8453 diode array spectropho-
tometer or a Jasco V-570 UV/vis/NIR spectrophotometer equipped
with a Unisoku thermostated cell holder USP-203 designed for low-
temperature measurements. Mass spectra were recorded with a JEOL
JMS-700T Tandem MS station or a JEOL JMS-700. NMR spectra
were recorded on a JEOL LMN-ECP300WB, a JEOL ECP400, a JEOL
ECS400, or a Varian UNITY INOVA 600 MHz. EPR spectra were
taken on a JEOL X-band spectrometer (JES-RE1XE) under non-
saturating microwave power conditions (1.0 mW) operating at 9.0
GHz. The magnitude of the modulation was chosen to optimize the
resolution and signal-to-noise ratio (S/N) of the observed spectrum.
The g values were calibrated using an Mn2+ marker. Elemental analyses
were recorded with a Perkin−Elmer or Fisons instruments EA1108
Elemental Analyzer.
Electrochemical Measurements. Cyclic voltammetric measure-

ments were performed on a Hokuto Denko HZ-3000 or an ALS
electrochemical analyzer CHI-630A in deaerated CH2Cl2 or THF
containing 0.10 M n-Bu4NClO4 (TBAP) as supporting electrolyte.
The Pt electrode was polished with BAS polishing alumina suspension,
rinsed with the solvent, and dried before use. The counter electrode
was a platinum wire. Redox potentials were determined with respect to
a Fc/Fc+ (Fc, ferrocene) (2.0 × 10−3 M) reference electrode. All

electrochemical measurements were carried out under an atmospheric
pressure of N2 in a glovebox.

X-ray Structure Determination. Each single crystal was mounted
on a loop. Data from X-ray diffraction were collected at −170 °C by a
VariMax with RAPID imaging plate two-dimensional area detector
using graphite-monochromated Mo Kα radiation (λ = 0.71069 Å) to
2θmax of 55°. All of the crystallographic calculations were performed
using the Crystal Structure software package of Molecular Structure
Corp. [Crystal Structure, Crystal Structure Analysis Package, version
3.8.1, Molecular Structure Corp. and Rigaku Corp. (2005)]. Structures
were solved by a direct method (SIR 2008) and expanded using
Fourier techniques. Non-hydrogen atoms were refined anisotropically
by full-matrix least-squares on F2. Hydrogen atoms were attached at
idealized positions on carbon atoms and not refined. Crystallographic
parameters are summarized in Table S1, Supporting Information.

Theoretical Calculations. Density functional theory (DFT)
calculations were performed with “ultrafine” grid using Gaussian 09
(Revision D.01, Gaussian, Inc.).62 Geometry optimizations were
carried out at the long-range corrected (LC)-UOLYP level of
theory63−68 with def2SVP basis sets. We also used CAM-UB3LYP/
def2SVP, LC-BP86/def2SVP, M06/def2SVP, and UM11/def2SVP
levels for geometry optimization. As discussed in the text and
Supporting Information, the LC-UOLYP/def2SVP method was the
best among these methods. For each optimized geometry, normal
coordinate analyses for energy minima were performed to confirm no
imaginary frequency.7 Graphical outputs of the computational results
were generated with a ChemCraft software program.69 Electronic
excitation energies and intensities were computed by the time-
dependent (TD)-DFT method with the B3LYP/TZVP basis set for Ni
and the SVP basis set for other atoms (denoted as BS-I) based on
optimized geometries at the LC-UOLYP/def2SVP level.70−72 The LC-
OLYP method was also used for TD-DFT calculations, but the UV−
vis−NIR spectra of the B3LYP method were found to be in better
agreement with the experimental spectra (see details in Supporting
Information) than the LC-OLYP spectra. The B3LYP/BS-I method
was used for TD-DFT studies because this method works very well for
a Ni(β-diketiminate) system.7,20 In each case, 85 excited states were
calculated by including all one-electron excitations within an energy
window of ±3 hartree with respect to the HOMO/LUMO energies.
Natural charges were computed with the NBO 5.G program.73 The
integral equation formalism polarizable continuum model (PCM)74

with radii and nonelectrostatic terms for the SMD model75 were
applied to investigate bulk solvent effects for TD-DFT calculations of
CH2Cl2 (oxidized and neutral complex) and THF (reduced complex).

Synthesis. [NiII(MeL−)2]. An ethanol solution of ligand MeLH (47.3
mg, 0.20 mmol) (10 mL) was added into an ethanol solution (10 mL)
of Ni(OAc)2·4H2O (24.9 mg, 0.10 mmol), and the mixture was heated
at 40 °C for 24 h. Resulting precipitates were collected by filtration
and dried to give black powder in 75%. Single crystals suitable for X-
ray crystallographic analysis were obtained by slow diffusion of ethanol
into a dichloromethane solution containing the complex. IR (KBr):
1578 cm−1 (CN). 1H NMR (CDCl3, 600 MHz): δ −15.6 (s, 4 H, p-
Ar), −11.6 (s, 8 H, o-Ar), 28.2 (s, 8 H, m-Ar), 89.1 (s, 6 H, CH3).
HRMS (FAB+): m/z 528.1824, calcd for C32H30N4Ni 528.1824. Anal.
Calcd for C32H30N4Ni·CH2Cl2·H2O: C, 62.69; H, 5.42; N, 8.86.
Found: C, 62.71; H, 5.53; N, 9.05.

[NiII(HL−)2]. Ligand
HLH (44.5 mg, 0.20 mmol) in ethanol (10 mL)

was added into an ethanol solution (10 mL) of Ni(OAc)2·4H2O (24.9
mg, 0.1 mmol), and the mixture was stirred for 2 h at room
temperature. Resulting precipitates were collected by filtration and
dried to give red powder in 60%. Single crystals suitable for X-ray
crystallographic analysis were obtained by slow diffusion of ethanol
into a chloroform solution containing the complex. IR (KBr): 1574
cm−1 (CN). 1H NMR (CDCl3, 600 MHz): δ −121.0 (s, 2 H, CH),
−14.0 (s, 4 H, p-Ar), −9.6 (s, 8 H, o-Ar), 27.6 (s, 8 H, m-Ar). HRMS
(FAB+): m/z 500.1511, calcd for C30H26N4Ni 500.1514. Anal. Calcd
for C30H26N4Ni: C, 71.88; H, 5.23; N, 11.18. Found: C, 71.60; H,
5.24; N, 11.08.

[NiII(BrL−)2]. Ligand
BrLH (30.1 mg, 0.10 mmol) in ethanol (1 mL)

was added into an ethanol solution (1 mL) of Ni(OAc)2·4H2O (12.5

Chart 1
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mg, 0.05 mmol) and triethyamine (14 μL 0.10 mmol), and the mixture
was stirred for 5 h at 50 °C. Resulting precipitates were collected by
filtration and dried to give yellow powder in 76%. Single crystals
suitable for X-ray crystallographic analysis were obtained by slow
diffusion of methanol into a chloroform solution containing the
complex. IR (KBr): 1563 cm−1 (CN). 1H NMR (CDCl3, 400
MHz): δ −14.6 (s, 4 H, p-Ar), −10.5 (s, 8 H, o-Ar), 28.0 (s, 8 H, m-
Ar). HRMS (FAB+): m/z 655.9734, calcd for C30H24Br2N4Ni
655.9721. Anal. Calcd for C30H24BrN4Ni·H2O: C, 53.55; H, 3.74; N,
8.33. Found: C, 53.56; H, 3.92; N, 8.39.
[NiII(CNL−)2]. The compound was prepared by the method described

for [NiII(MeL−)2] (85% yield). Single crystals suitable for X-ray
crystallographic analysis were obtained by slow diffusion of ethanol
into a dichloromethane solution containing the complex. IR (KBr):
2206 (CN), 1605 cm−1 (CN). 1H NMR (CDCl3, 600 MHz): δ
−10.9 (s, 4 H, p-Ar), −6.2 (s, 8 H, o-Ar), 25.9 (s, 8 H, m-Ar). HRMS
(FAB+): m/z 551.1505, calcd for C32H25N6Ni 551.1494. Anal. Calcd
for C32H24N6Ni: C, 69.72; H, 4.39; N, 15.24. Found: C, 69.53; H,
4.34; N, 15.14.
[NiII(NO2L−)2]. The compound was prepared by the method

described for [NiII(MeL−)2] (73% yield). Single crystals suitable for
X-ray crystallographic analysis were obtained by slow diffusion of
ethanol into a dichloromethane solution containing the complex. IR
(KBr) 1600 (CN); 1582, 1528, 1489, 1277 cm−1 (NO2).

1H NMR
(CDCl3, 600 MHz): δ −9.2 (s, 4 H, p-Ar), −3.8 (s, 8 H, o-Ar), 24.9 (s,
8 H, m-Ar). HRMS (FAB+): m/z 591.1304, calcd for C30H25N6NiO4
591.1291. Anal. Calcd for C30H24N6NiO4: C, 60.94; H, 4.09; N, 14.21.
Found: C, 60.89; H, 4.11; N, 14.03.
[NiII(HL0.5•−)2](SbF6). AgSbF6 (98%, 3.5 mg, 0.010 mmol) in CH2Cl2

(0.2 mL) was added to a CH2Cl2 solution (0.4 mL) of [NiII(HL−)2]
(5.2 mg, 0.010 mmol) with stirring at −40 °C. The solution was
stirred at −40 °C for 1 h, and [NiII(HL0.5•−)2](SbF6) was obtained as
yellow crystals by slow diffusion of diethyl ether into the reaction
solution at −40 °C. MS (ESI+): m/z 500.39, calcd for C30H26N4Ni
500.15.

■ RESULTS AND DISCUSSION
Synthesis and Characterization of [NiII(RL−)2]. Nickel

complexes [NiII(RL−)2] were prepared by treating the neutral
ligand RLH (R = Me, H, Br, CN, and NO2, Chart 1) with
Ni(OAc)2·4H2O in ethanol. The crystal structure of the nickel
complex of HL− is presented in Figure 1 as a typical example,

and those of the other complexes with RL− (R = Me, Br, CN,
and NO2) are given in the Supporting Information (Figures
S1−S4). Selected bond lengths and bond angles as well as the
angles of least-squares planes between the two six-membered
chelate rings (θ) are summarized in Table 1.
All neutral nickel(II) complexes [NiII(RL−)2] exhibit a similar

distorted tetrahedral geometry ligated by two β-diketiminate
ligands. The twist angles of the two nearly planar six-membered
chelate rings (θ) are 69.85−73.11°, which are similar to that of

the nickel complex supported by L2− (for the ligand structure,
see Chart 2), θ = 72.3°, but smaller as compared to that of the
L1 complex, θ = 86.45° (Chart 2), previously reported.7,76 The
averaged Ni−N distances of [NiII(RL−)2] are 1.934−1.954 Å,
which are also close to those of the nickel complexes of L1−

and L2− (1.958 and 1.949(1) Å, respectively).7,76 Ni−N
distances slightly decrease from 1.9557(12) to 1.937(3) Å as
the electron-donating nature of substituent R increases (Table
1).
All nickel(II) complexes [NiII(RL−)2] exhibit 1H NMR

signals in the paramagnetic region (see Experimental Section),
indicating a high-spin state (S = 1) of the metal center, as in the
case of other bis(β-diketiminate)nickel(II) complexes with a
distorted tetrahedral geometry reported in the literature.1,7,77

Electrochemistry. The redox behavior of the neutral
complexes has been examined by cyclic voltammetry (CV) in
CH2Cl2 (for the oxidation) and THF (for the reduction)
containing 0.10 M TBAP (tetra-n-butylammonium perchlorate)
as the supporting electrolyte under N2 atmosphere at 25 °C.
Cyclic voltammograms are presented in Figures S5, S6, and S7,
Supporting Information, and redox potentials are summarized
in Table 2.
All complexes exhibit a reversible redox couple due to one-

electron oxidation of the complex (Eox
1/2) in CH2Cl2, which

clearly shows a negative shift as the electron-donating nature of
R increases; 0.90 (NO2) > 0.75 (CN) > 0.27 (Br) > 0.08 (H) >
−0.05 (Me) (vs Fc/Fc+, Table 2 and Figure S5, Supporting
Information). Thus, the difference in Eox

1/2 between
[NiII(NO2L−)2] and [NiII(MeL−)2] reaches about 1 V. A cyclic
voltammogram of [NiII(HL−)2] scanned up to 1.0 V vs Fc/Fc+

is also shown in the Supporting Information (Figure S6), which
shows the presence of a second oxidation of the complex
around 0.89 V, albeit the reduction wave does not appear
clearly. The nickel(II) complex of L2− (see Chart 2) was
reported to exhibit Eox

1/2 at −0.33 V vs Fc/Fc+, which is
significantly more negative as compared to those of
[NiII(RL−)2]. This is probably due to electron donation by
the four methyl substituents in L2− (Chart 2).
Electrochemical reduction of [NiII(RL−)2] was examined in

THF as shown in Figure S7, Supporting Information, and Table
2. [NiII(RL−)2] with R = NO2, CN, and Br exhibited a reversible
redox couple due to one-electron reduction of the complexes at
Ered

1/2 = −1.28, −1.64, and −1.89 V vs Fc/Fc+, respectively.
Such reduction has not been reported with nickel complexes of
L1− and L2−.7,59 Reversibility of the redox couple of
[NiII(RL−)2] with R = H and Me, however, became poorer
with increasing electron-donating ability of substituents, and
the reduction of [NiII(MeL−)2] was completely irreversible
(Figure S7, Supporting Information). Nonetheless, it is
apparent that Ered

1/2 becomes more negative as the electron-
donating nature of R increases.

Formation and Characterization of One-electron-
Oxidized Complexes. Judging from Eox

1/2 listed in Table 2,
[NiII(RL−)2] with R = Me, H, and Br can be oxidized by AgSbF6
(Ered

1/2 = 0.65 V vs Fc/Fc+),78 whereas [NiII(RL−)2] with R =
CN and NO2 needs a stronger oxidant such as [RuIII(bpy)3]-
(PF6)3 (bpy = 2,2′-bipyridine) (Ered

1/2 = 1.03 V vs Fc/Fc+)79 to
be oxidized. UV−vis spectral changes for the redox titration of
[NiII(HL−)2] with AgSbF6 in CH2Cl2 at 30 °C are shown in
Figure 2A. The absorption band at 395 nm (ε = 35 400 M−1

cm−1) due to [NiII(HL−)2] decreases with concomitant increase
in the absorption bands at 355 (ε = 35 300 M−1 cm−1) and 620
nm (ε = 13 300 M−1 cm−1) with clear isosbestic points at 373

Figure 1. ORTEP drawing of [NiII(HL−)2] showing 50% probability
thermal ellipsoids. Hydrogen atoms are omitted for clarity.
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and 450 nm. The spectral change was completed when an
equimolar amount of AgSbF6 was added as shown in Figure 2B.
This clearly demonstrated that the process was one-electron
oxidation of [NiII(HL−)2].
Notably, the one-electron-oxidized complexes of [NiII(RL−)2]

were stable even at room temperature in contrast to the
instability of the one-electron-oxidized complex of
[NiII(L2−)2].

7 This may be due to the π−π stacking interaction
between the two phenyl substituents in our ligand system (RL−,
see Chart 1), which is absent in ligand L2− (see Chart 2), as
discussed below. It should be also noted that the oxidation
product showed a broad and relatively intense absorption band
in the near-IR region (centered at λmax = 2150 nm, ε = 1530
M−1 cm−1) attributable to a ligand-to-ligand intervalence charge
transfer (LLIVCT) transition (inset of Figure 2A). This
suggests that the one-electron oxidation occurred at the ligand
moiety to give a nickel(II) organic radical complex as in the
case of the L2 ligand system.7 In fact, the final spectrum shown
in Figure 2A (red line) is similar to the spectrum of the one-
electron-oxidized complex of [NiII(L2−)2], exhibiting π−π*
transition bands at ∼300 and 591 nm, although the NIR
spectrum of the L2 complex was not reported previously.7

Thus, the one-electron oxidation product can be best described
as a mixed-valence NiII complex having an oxidized ligand.
Depending on the extent of electronic interactions between

two redox centers, the mixed-valence state can be classified into
three categories, classes I, II, and III, as proposed by Robin and
Day.13 In class I mixed-valence compounds, no electron transfer
occurs when two bridged redox centers are far apart or when
they do not have interaction because of symmetry or spin
forbiddeness. In class II mixed-valence compounds, two redox
centers have detectable electronic interaction and electron

transfer occurs between the redox centers. In class III mixed-
valence compounds, two redox centers have strong electronic
interaction when delocalization occurs and the formal charge
on each redox center is averaged. Class III mixed-valence
compounds are distinct from class II compounds in
delocalization of the unpaired electron as a consequence of
disappearance of the activation barrier for electron transfer. In
addition to the typical Robin−Day classification, a number of
recent studies have demonstrated the existence of somewhat
complicated systems exhibiting an intermediate behavior
between class II and class III, which are now categorized as
the borderline class II−III.47,80−84
According to the Marcus−Hush theory, the bandwidth at

half-height (Δν1/2, cm−1) for the IVCT transition from a class
II mixed-valence system can be predicted by the following
equation: Δν1/2 = (16RT(ln 2)νmax)

1/2, where R is the gas
constant, T is the absolute temperature (K), νmax is the band
maximum (cm−1), and 16RT ln 2 takes a value of 2310 cm−1 at
298 K.14,15 When the experimental Δν1/2 value (Δν1/2,exp) is
equal to or broader at the theoretical value (Δν1/2,theo), the
electronic structure is regarded as class II. When Δν1/2,exp is
smaller than Δν1/2,theo, the mixed-valence system is assigned as
class III or borderline class II−III. In our present system, all of
Δν1/2,exp are smaller than Δν1/2,theo, indicating that the oxidized
complex can be assigned as class III. Thus, the electronic
configuration of the oxidized complex is best described as
[NiII(HL0.5•−)2]

+, where the generated radical spin is completely
delocalized between the two ligands (Table 3).
The stability of the mixed-valence state toward disproportio-

nation can be estimated from the comproportionation constant
(Kc) determined from the difference of the first and second
oxidation potential of [NiII(RL−)2] (ΔE) using the following
equation: Kc = exp(FΔE/RT). For the R = H derivative, Kc was
determined to be 3.7 × 1013 from the ΔE value of 0.76 given by
the comparison of peak potentials of the oxidation waves, which
clearly indicates the large stability of the mixed-valence state.
An EPR spectrum of [NiII(HL0.5•−)2]

+ (g1 = 2.301, g2 = 2.134,
g3 = 2.027) shown in Figure 3 is similar to that of the one-
electron-oxidized nickel(II) complex of ligand L2 (S = 1/2).7

Table 1. Selected Bond Lengths (Angstroms), Bond Angles (degrees), and Angles of Least Square Planes between Six-
Membered Chelate Rings (degrees)

Ni complex M−N1 M−N2 N1−C1 C1−C2 C2−C3 C3−N2 N1−M−N2 M−N1−C1 M−N2−C3 θa

[NiII(MeL−)2] 1.937(3) 1.934(2) 1.327(3) 1.394(4) 1.394(4) 1.332(3) 94.07(9) 125.07(19) 124.50(19) 73.11

[NiII(HL−)2] 1.938(3) 1.955(3) 1.316(5) 1.390(6) 1.397(6) 1.315(5) 93.87(13) 125.0(3) 125.2(3) 70.66

[NiII(BrL−)2] 1.956(5) 1.952(5) 1.315(7) 1.398(7) 1.388(7) 1.342(7) 94.36(18) 125.1(4) 124.5(4) 71.13

[NiII(CNL−)2] 1.9489(13) 1.9534(13) 1.319(3) 1.404(2) 1.414(2) 1.316(2) 93.89(5) 124.92(10) 126.07(10) 69.85

[NiII(NO2L−)2] 1.9557(12) 1.9487(11) 1.3149(16) 1.4097(19) 1.406(2) 1.3118(17) 94.75(5) 125.17(10) 124.87(10) 71.07

[NiII(HL0.5•−)2]
+ 1.8914(16) 1.8914(16) 1.323(3) 1.388(3) 1.388(3) 1.323(3) 95.46(7) 124.90(13) 124.90(13) 73.09

aTwist angle between the two six-membered chelate rings.

Chart 2

Table 2. Electrochemical Data of Oxidation and Reduction of [NiII(RL−)2]

oxidationa reductionb

Ni complex Eap/V
c Ecp/V

c Eox1/2/V
c Eap/V

c Ecp/V
c Ered

1/2/V
c

[NiII(MeL−)2] −0.01 −0.09 −0.05 −2.42
[NiII(HL−)2] 0.13 0.02 0.08 −2.07 −2.26 −2.16
[NiII(BrL−)2] 0.32 0.22 0.27 −1.80 −1.99 −1.89
[NiII(CNL−)2] 0.80 0.70 0.75 −1.55 −1.73 −1.64
[NiII(NO2L−)2] 0.96 0.84 0.90 −1.20 −1.37 −1.28

ain CH2Cl2.
bMeasured in THF due to instability of CH2Cl2 in the negative scan. cvs Fc/Fc+.
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Thus, the spin on the radical ligand (SL = 1/2) strongly
antiferromagnetically coupled to a high-spin NiII ion (SNi = 1)
to give an overall doublet ground state (ST = 1/2) as reported
previously.7 Note that these g values were shifted from the free
electron value (g = 2.002), which is consistent with the
dominant Ni character in the SOMO in this complex as in the
case of [Ni(Salpn)]SbF6 complex (Salpn = N,N′-bis(3,5-di-tert-
butylsalicylidene)-1,3-propane-diamine), which is characterized
as a class III complex.85

In contrast to the instability of the reported mixed-valence
NiII complex of L2,7 our complex [NiII(HL0.5•−)2]

+ has enough

stability, allowing us to determine the crystal structure as shown
in Figure 4. Selected bond lengths and bond angles as well as

the angles of least-squares planes between the two six-
membered chelate rings are included in Table 1. The crystal
structure exhibits a centrosymmetry, indicating that the four
Ni−N bonds and the four C−N−Ph moieties are equivalent,
consistent with the assignment as the class III complex (vide
ante).
The Ni−N distances (1.8914 Å) of [NiII(HL0.5•−)2]

+ become
shorter as compared to those of [NiII(HL−)2] (averaged value,
1.947 Å), whereas the twist angle θ (73.09°) of the former is
larger than that of the latter (70.66°). These structural features
around the metal center of the one-electron-oxidized complex
are consistent with those predicted by the DFT calculation for
the L2 complex.7 Interestingly, π−π•+ interaction was found
between the two phenyl groups attached on the nitrogen atoms
of different β-diketiminate ligands (Figure 5). The distance
between the two phenyl groups gets closer (3.4 Å) to have a
typical value for such interaction, and their alignment is more
parallel as compared to that in the corresponding neutral
complex.86−90 The higher thermal stability of [NiII(HL0.5•−)2]

+

as compared to [NiII(L20.5•−)2]
+ can be attributed to such an

Figure 2. (A) UV−vis−NIR spectral change for the titration of [NiII(HL−)2] (5.9 × 10−5 M) with AgSbF6 (0−8.3 × 10−5 M) in CH2Cl2 at 30 °C.
(Inset) Expanded spectra in the NIR region. (B) Plots of the absorbance at 355, 395, and 620 nm against the molar ratio of [AgSbF6]/[Ni

II(HL−)2].

Table 3. Experimental (Δν1/2,exp) and Theoretical Values
(Δν1/2,theo) of [NiII(RL0.5•−)2]

+

Ni complex Δν1/2,exp/cm−1 a Δν1/2,theo/cm−1

[NiII(MeL0.5•−)2]
+ 2260 3140

[NiII(HL0.5•−)2]
+ 2200 3290

[NiII(BrL0.5•−)2]
+ 2300 3080

[NiII(CNL0.5•−)2]
+ 2180 3060

[NiII(NO2L0.5•−)2]
+ 2130 3160

aDetermined by modeling the band with a symmetric Gaussian
function.

Figure 3. EPR spectrum of [NiII(HL0.5•−)2]
+ in CH2Cl2/CH3CN (v:v

= 3:1) at −196 °C.

Figure 4. ORTEP drawing of [NiII(HL0.5•−)2]
+ (one-electron-oxidized

complex) showing 50% probability thermal ellipsoids. Hydrogen
atoms are omitted for clarity.
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intramolecular π−π•+ stacking interaction. DFT calculations
also suggested the presence of such an interaction in the one-
electron-oxidized complex (vide infra). The bond lengths
between the nickel ion and the nitrogen atoms get slightly
shorter (0.056 Å) despite the fact that the electron density of
the β-diketiminate ligands decreases. This may be attributed to
formation of a stronger bonding interaction between the
unpaired electrons on the nickel ion and the ligand radical. The
bond lengths at the β-diketiminate backbone (N1−C1, C1−C2,
C2−C3, C3−N3) were hardly changed upon oxidation (differ-
ences are up to 0.02 Å). A redox-active molecular orbital of the
five-membered β-diketiminate framework is proposed to be π
orbital with nonbonding character.7 This is also confirmed by
DFT calculation (vide infra).
Electronic absorption spectra as well as EPR spectra of other

one-electron-oxidized complexes [NiII(RL0.5•−)2]
+ (R = Me, Br,

CN, and NO2) were also obtained as summarized in Table 4.

As mentioned above, [NiII(MeL0.5•−)2]
+ and [NiII(BrL0.5•−)2]

+

were generated by oxidation with AgSbF6, whereas
[NiII(CNL0.5•−)2]

+ and [NiII(NO2L0.5•−)2]
+ were generated

using a stronger oxidant [RuIII(bpy)3](PF6)3. The former two
complexes (R = Me and Br) are stable at 30 °C as in the case of
[NiII(HL0.5•−)2]

+, whereas the latter two complexes (R = CN
and NO2) could be generated only at lower temperature (−20
°C) due to their lower thermal stability.
The appearance of the π−π* and LLIVCT bands in the

electronic absorption spectra (Figures S12−S15, Supporting
Information) as well as the EPR spectra due to S = 1/2 species
(Figures S8−S11, Supporting Information) clearly demonstrate
that one-electron oxidation of all other complexes (R = Me, Br,
CN, and NO2) occurs at the supporting ligand, affording similar
type complexes in the class III mixed-valence category
[NiII(RL0.5•−)2]

+, although the oxidation potentials of the
starting complexes are quite different. Notably, the π−π*
bands in the visible region exhibit a red shift as the electron-
withdrawing nature of R increases; λmax = 577, 620, 627, 723,
and 756 nm for R = Me, H, Br, CN, and NO2, respectively (see
Figures 2 and S12−S15, Supporting Information). The
electron-withdrawing substituents may lower the energy level

of the ligand-based MOs as demonstrated by the positive shift
of Eox

1/2 (Table 2), which enhances the overlap with the d
orbitals of the metal center.

One-Electron Reduction of [NiI I(RL−)2]. Since
[NiII(NO2L−)2], [NiII(CNL−)2], and [NiII(BrL−)2] exhibited a
reversible redox couple in the negative sweep of the CV
measurements (Figure S7, Supporting Information), chemical
reduction of the complexes was also examined by UV−vis and
EPR spectra. A spectral change for the reduction of
[NiII(CNL−)2] with an equimolar amount of decamethylcobal-
tocene (CoCp*2, E

ox = −1.91 V vs Fc/Fc+)91 in THF at 30 °C
is shown in Figure 6, where new absorption bands at 348 (43

700 M−1 cm−1) and 670 nm (2760 M−1 cm−1) due to the
reduced product rapidly appeared together with the absorption
band at 295 nm (ε = 56 700 M−1 cm−1) due to CoCp*2

+.
Further addition of CoCp*2 did not alter the final spectrum,
demonstrating that one-electron-reduced complex was formed
with 1:1 stoichiometry. A similar spectral change was observed
in the reduction of [NiII(NO2L−)2] with CoCp*2 as shown in
Figure S16, Supporting Information. In the case of [NiII(BrL−)2]
(Ered = −1.89 V), an excess amount of CoCp*2 was needed to
complete the reduction reaction, since the electron transfer
between [NiII(BrL−)2] and CoCp*2 was in equilibrium (Figure
S17, Supporting Information).
The reduced complexes exhibit broad absorption band(s) in

the visible region (λmax = 670 (ε = 2760 M−1 cm−1) and 650

Figure 5. Comparison of the steric relation between the two phenyl substituents in [NiII(HL−)2] (left) and [NiII(HL0.5•−)2]
+ (right).

Table 4. UV−Vis and EPR Data of [NiII(RL0.5•−)2]
+

UV−vis EPR parameter

Ni complex λmax/nm λmax/nm g1 g2 g3

[NiII(MeL0.5•−)2]
+ 577 2300 2.287 2.129 2.028

[NiII(HL0.5•−)2]
+ 620 2150 2.301 2.134 2.027

[NiII(BrL0.5•−)2]
+ 627 2400 2.315 2.145 2.030

[NiII(CNL0.5•−)2]
+ 723 2150 2.348 2.150 2.029

[NiII(NO2L0.5•−)2]
+ 756 1977 2.360 2.158 2.030

Figure 6. UV−vis−NIR spectral change for the reduction of
[NiII(CNL−)2] (2.5 × 10−5 M) (black) with CoCp*2 (2.5 × 10−5 M)
in THF at 30 °C.
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nm (7000 M−1 cm−1) but did not afford any absorption band in
the NIR region (above 1000 nm), in contrast to the one-
electron-oxidized species. Thus, one-electron reduction of the
neutral complex [NiII(RL−)2] may occur at the metal center to
generate a nickel(I) complex [NiI(RL−)2]

−. This has been
confirmed by the EPR spectra shown in Figures 7 (for

[NiI(CNL−)2]
−) and S18, Supporting Information (for

[NiI(NO2L−)2]
−), which are attributable to the nickel(I) species

having d9 electronic configuration.92−97 This conclusion was
also supported by DFT calculations (Table 5).
DFT Calculations. Several DFT methods were tested using

the X-ray structures of [NiII(RL−)2] (R = H, Me, Br, CN, NO2)
and [NiII(HL0.5•−)2]

+. As shown in Table S2, Supporting
Information, among several DFT methods used for a triplet
[NiII(HL−)2] complex, the LC-OLYP/def2SVP method has the
smallest root-mean square deviation (RMSD) value of 0.11 Å
for the corresponding heavy atom positions between the X-ray
structures and DFT-optimized structures. However, the LC-
OLYP method combined with the larger def2TZVP basis sets
resulted in no significant improvement. Thus, the LC-OLYP/
def2SVP method was employed for calculations of other Ni
complexes, [NiII(RL−)2] (R = Me, Br, CN, and NO2) and
[NiII(HL0.5•−)2]

+, as shown in Tables S3−S7, Supporting
Information, the optimized structures of which are in good
agreement with the X-ray structures.
Electronic Configurations. Mulliken spin distributions

and natural charges of all complexes in the cationic, neutral, and
anionic oxidation states are summarized in Table 5.
In the neutral triplet complexes [NiII(RL−)2] (S = 1),

Mulliken spin densities of Ni are 1.56−1.63 and those of the

ligands are 0.19−0.22, clearly demonstrating that the neutral
complexes have essentially a NiII d8 character and that unpaired
electrons are slightly delocalized onto the two β-diketiminate
ligands. Electronic charges of Ni are 0.83−0.91 and those of the
ligands are −0.42 ∼ −0.46, indicating that the Ni−ligand
coordination bonds are polarized. Electron-withdrawing sub-
stituents like CN and NO2 make the electronic charges of Ni
slightly more positive as compared with the case of R = H. The
high-spin d8 character of NiII was confirmed with the MO
analysis of Ni d orbitals as indicated in Figure S19, Supporting
Information, where unpaired α-spin electrons are accommo-
dated in the dxy and dzx orbitals.
In the oxidized complexes [NiII(RL0.5•−)2]

+ with doublet spin
state (S = 1/2), the Ni centers still keep a largely positive spin
density as 1.20−1.36 and exhibit a high-spin d8 character as
shown in Figure 8. On the other hand, positive electronic
charges (from +0.11 to +0.18) are developed on the supporting
ligands upon one-electron oxidation, whereas the electronic
charges on the nickel center are similar (from +0.78 to +0.84)
to those of the neutral complexes. Upon oxidation, αHOMO
(πL) in the neutral complex [NiII(RL−)2] loses one electron to
become αLUMO (πL) in the oxidized complex (see Figures 8
and S19, Supporting Information). These results unambigu-
ously demonstrate that the ligand oxidation occurs in the
cationic complexes. To generate a doublet species, NiII and the
ligand radial is an antiferromagnetic couple as discussed above.
This is supported by the opposite spin densities between the
ligands (from −0.13 to −0.18) and the NiII center (from +1.20
to +1.36). The antiferromagnetic coupling is related to the
delocalized nature of the SOMOs of the oxidized complex (see
two unpaired MOs dyz(α) and πL(β) in Figure 8A).98 In the
oxidized complex [NiII(HL0.5•−)2]

+, the Ni dxy orbital and 2p
orbital of the nitrogen atoms of the ligands are overlapped
(Figure 8A). Average Ni−N distances of the oxidized
complexes are shorter than the neutral complexes by 0.04 Å.
This coordination sphere contraction was also reported in the
Ni−phenoxyl99 and Ni−bis(β-diketiminate) complexes.7 As
shown in Figure 8B, the πL(α) orbital on the ligand of the
neutral complex consists of a nonbonding π orbital of the β-
diketiminate moiety and the phenyl group, which nicely
explains the ignorable structural change of the β-diketiminate
backbone upon one-electron oxidation of the complex (vide
ante). The ligand moiety of the π L(α) orbital has out-of-phase
overlap with the nickel d orbital, resulting in the contracted
Ni−N distance accompanied by one-electron oxidation of the
[NiII(RL−)2] complex (see Table 1).
Closely looking over the contour mapping of the electron

density of αHOMO (SOMO) of [NiII(HL0.5•−)2]
+, the

appearance of overlapping of orbitals on facing phenyl rings
can be confirmed (Figure 9). This is consistent with the

Figure 7. EPR spectrum of [NiI(CNL−)2]
− in THF at −196 °C

generated by the reduction of [NiII(CNL−)2] with CoCp*2; g1 = 2.31,
g2 = 2.13, and g3 = 2.09.

Table 5. Mulliken Spin Densities and Natural Charges (in Parentheses) of [NiII(RL0.5•−)2]
+, [NiII(RL−)2], and [Ni

I(RL−)2]
− at the

UB3LYP(SMD)/BS-I//LC-UOLYP/def2SVP Level

[NiII(RL0.5•−)2]
+ [NiII(RL−)2] [NiI(RL−)2]

−

R Ni ligand Ni ligand Ni ligand

Me 1.20 (0.78) −0.14 (0.11) 1.57 (0.85) 0.21 (−0.42) 0.95 (0.45) 0.02 (−0.72)
H 1.25 (0.79) −0.13 (0.10) 1.56 (0.83) 0.22 (−0.42) 0.96 (0.45) 0.02 (−0.73)
Br 1.36 (0.82) −0.18 (0.09) 1.56 (0.84) 0.22 (−0.42) 0.96 (0.46) 0.02 (−0.73)
CN 1.33 (0.84) −0.16 (0.08) 1.62 (0.90) 0.19 (−0.45) 0.96 (0.47) 0.02 (−0.74)
NO2 1.29 (0.84) −0.15 (0.08) 1.63 (0.91) 0.19 (−0.46) 0.95 (0.48) 0.02 (−0.74)
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contiguity of the phenyl rings concomitant with one-electron
oxidation of the complex.

In the reduced complexes [NiI(RL−)2]
−, positive spin

densities of Ni are reduced to 0.95−0.96 whereas the spin
densities of the ligands RL are nearly zero. This suggests that
the reduction occurs at the Ni center rather than β-diketiminate
ligands; thus, the reduced complexes have a NiI d9 character.
This notion is also consistent with the MO analysis shown in
Figure S20, Supporting Information. The 3dyz orbital is now

occupied by two electrons in the reduced complex, whereas it is
singly occupied in the neutral and oxidized complexes.

TD-DFT Calculations. We used TD-B3LYP(SMD)/BS-I
methods based on LC-OLYP-optimized structures to analyze
UV−vis−NIR spectra of [NiII(RL−)2], [Ni

II(RL0.5•−)2]
+, and

[NiI(RL−)2]
−.100 The results are given in the Supporting

Information. As shown in Figure S27 and Table S12,
Supporting Information, the maximum absorbance of 368.8
nm with the largest oscillator strength in [NiII(HL−)2] was
assigned as MLCT and π−π* transitions. The oxidized complex
[NiII(HL0.5•−)2]

+ in Figure S29, Supporting Information,
displays two strong signals at 361.1 and 678.0 nm assigned as
π−π*/LMCT and π−π* transitions, respectively. Note that in
the previous studies on the oxidized L2 complex7 the electronic
transition energies of 408 and 724 nm were assigned as LMCT
and MLCT, respectively, using the TD-B3LYP(COSMO)/BS-I
method. More π−π* character assigned in the present system
[NiII(HL0.5•−)2]

+ may be attributed to the distortion from the
tetrahedral geometry of the NiII center due to the N-phenyl
substituents on the β-diketiminate ligands (DFT-predicted
twist angles of 81° in the oxidized L2 complex as compared
with 73° in [NiII(HL0.5•−)2]

+). In addition to the two bands, a
weak absorption band at 2467.6 nm of [NiII(HL0.5•−)2]

+ is
assigned to LLIVCT. Since the lowest occupied natural
transition orbital (LUNTO) and the highest unoccupied
natural transition orbital (HONTO)101 are delocalized over
β-diketiminate ligands, this oxidized complex is characterized as
a class III complex. In other oxidized complexes with various

Figure 8. (A) Representative Ni d and ligand orbitals of [NiII(HL0.5•−)2]
+. (B) αHOMO of [NiII(HL−)2] (left) and its schematic structure (right).

Figure 9. Contour map of the electron density of the SOMO of
[NiII(HL0.5•−)2]

+.
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substituents, LLIVCT was also observed in the NIR region. For
a complex of [NiII(NO2L−)2], the electronic absorption observed
at 349 nm is assigned as a MLCT transition rather than a π−π*
transition, and for the reduced complex [NiI(NO2L−)2]

−,
absorption bands at 324 and 481 nm are assigned as MLCT/
π−π* and MLCT.

■ SUMMARY
In this study, we synthesized a series of nickel(II) complexes
with β-diketiminate ligands (RL−; R = Me, H, Br, CN, and
NO2), which exhibit a wide range of oxidation potentials. One-
electron oxidation of those complexes occurs at the β-
diketiminate ligands rather than at the nickel ion. Wieghardt
and co-workers reported oxidation of a similar nickel complex
bearing β-diketiminate ligands.7 However, detailed character-
ization of the oxidation product including observation of the
LLIVCT band and X-ray crystal structure have not been
reported.7 Ancillary phenyl groups of the presented complexes
may enhance the stability of the one-electron-oxidized species
of the complexes by intramolecular π−π+• interactions,
allowing us to determine the X-ray crystal structure of one of
the cationic complexes. The centrosymmetric crystal structure
and relatively sharp NIR-absorption band of the cationic
complex suggested that the charge of the one-electron oxidized
ligands is highly delocalized over two β-diketiminate ligands to
afford a class III type oxidation state in Robin−Day
classification, regardless of the difference in the one-electron
oxidation potentials of starting neutral complexes extending
from −0.05 V vs Fc/Fc+ to 0.90 V. A wide range of DFT
studies also suggested the highly delocalized state of radicals
produced by the oxidations. To our delight, the highly stable
systems have provided excellent opportunities to examine one-
electron reductions of the complexes. In contrast to the case of
one-electron oxidation, one-electron reduction of the com-
plexes mainly occurred on the nickel center to produce the
nickel(I) complexes, which showed clear EPR signals due to the
S = 1/2 species. This work has demonstrated promising
potential of the β-diketiminate ligands to expand the redox
ability of transition-metal complexes and bis-β-diketiminate
nickel complexes as a new class of ligand-centered mixed-
valence compounds.
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