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ABSTRACT: We report the characterization and solution
chemistry of a series of FeII complexes based on the pentadentate
ligands N4Py (1,1-di(pyridin-2-yl)-N,N-bis(pyridin-2-
ylmethyl)methanamine), MeN4Py (1,1-di(pyridin-2-yl)-N,N-
bis(pyridin-2-ylmethyl)ethanamine), and the tetradentate
ligand Bn-N3Py (N-benzyl-1,1-di(pyridin-2-yl)-N-(pyridin-2-
ylmethyl)methanamine) ligands, i.e., [Fe(N4Py)(CH3CN)]-
(ClO4)2 (1), [Fe(MeN4Py)(CH3CN)](ClO4)2 (2), and
[Fe(Bn-N3Py)(CH3CN)2](ClO4)2 (3), respectively. Com-
plexes 2 and 3 are characterized by X-ray crystallography,
which indicates that they are low-spin FeII complexes in the
solid state. The solution properties of 1−3 are investigated
using 1H NMR, UV/vis absorption, and resonance Raman
spectroscopies, cyclic voltammetry, and ESI-MS. These data confirm that in acetonitrile the complexes retain their solid-state
structure, but in water immediate ligand exchange of the CH3CN ligand(s) for hydroxide or aqua ligands occurs with full
dissociation of the polypyridyl ligand at low (<3) and high (>9) pH. pH jumping experiments confirm that over at least several
minutes the ligand dissociation observed is fully reversible for complexes 1 and 2. In the pH range between 5 and 8, complexes 1
and 2 show an equilibrium between two different species. Furthermore, the aquated complexes show a spin equilibrium between
low- and high-spin states with the equilibrium favoring the high-spin state for 1 but favoring the low-spin state for 2. Complex 3
forms only one species over the pH range 4−8, outside of which ligand dissociation occurs. The speciation analysis and the
observation of an equilibrium between spin states in aqueous solution is proposed to be the origin of the effectiveness of complex
1 in cleaving DNA in water with 3O2 as terminal oxidant.

■ INTRODUCTION
Bleomycins (BLMs) are a class of glycopeptide antibiotics
isolated from Streptomyces verticillus and are used in the clinical
treatment of head, neck, and testicular cancers.1 The iron
complex of bleomycin (Fe-BLM) is capable of effecting efficient
cleavage of DNA1,2 and catalyzes oxidation of a number of
organic substrates with 3O2 or H2O2,

3 respectively. The
mechanism by which 3O2 is activated by nonheme iron systems,
such as Fe-BLM, has received much attention recently.4 Many
structural and functional model complexes for metallo-
bleomycins have been developed in particular as synthetic
DNA cleaving agents.5,6 Our group, together with Que and co-
workers, has developed the pentadentate ligand 1,1-di(pyridin-2-
yl)-N,N-bis(pyridin-2-ylmethyl)methanamine) (N4Py) as a
structural and functional model for the metal binding domain
of the BLM.7,8 The FeII complex [FeII(N4Py)(CH3CN)](ClO4)2

(1) has been characterized and shown to be active both in
organic functional group oxidative transformations with various
terminal oxidants9 and in the oxidative cleavage of DNA with
3O2.

7b,10 To date, mechanistic studies of complex 1 and related
complexes have focused either on their chemistry and catalytic
activity in nonaqueous solvents, where the terminal oxidant
employed is H2O2,

7a,9 peracids,11 or iodosylbenzenes,12 or on the
cleavage of DNA in water with 3O2.

10 The activity of 1 in
generating the active oxidant species with 3O2 that are capable
of achieving DNA cleavage is remarkable,7b,10,13 and the reaction
of 1 with 3O2 is proposed to lead ultimately to formation of
a low-spin FeIII−OOH species.7c,14 The FeIII−OOH species is
considered to be the precursor for the active species that is
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responsible for DNA cleavage.10c It is apparent that the first step
in the catalytic cycle is the oxidation of FeII to FeIII by 3O2 to
form superoxide either by inner or outer sphere electron
transfer.15 Recently we have shown that the DNA cleaving
activity of 1 can be enhanced further by excitation with light
(between 350 and 480 nm) in which excitation into the 1MLCT
absorption bands of 1 leads to a rate enhancement for DNA
cleavage.13 The enhancement is possibly due to the removal of
the spin forbidden nature of the electron transfer reaction
between 1 and 3O2 or by transient partial ligand dissociation.
To understand the oxidation activity of FeII(N4Py)

complexes in water with 3O2 as terminal oxidant it is essential
to understand the species formed from 1 when dissolved in
water, as it is these species which react with 3O2. In this con-
tribution, we report a combined electrochemical and spectro-
scopic study of 1 in aqueous and nonaqueous media. The
goal is to understand the effect of redox state and pH on the
coordination chemistry and electronic properties of 1 in solution.
It is shown that in water 1 exhibits a remarkable pH dependence
in its electrochemical and spectroscopic properties, whereas in
acetonitrile 1 is stable and retains the molecular structure it has
in the solid state. It is demonstrated that there are several pH-
dependent equilibria, involving acid/base chemistry, ligand
dissociation, interchange between penta- and tetra-denticity of
the N4Py ligand and importantly equilibria between spin states
of the species that are present at near neutral pH values. The
latter equilibria between singlet and (presumably an inter-
mediate) triplet and quintet states may hold the key to
understanding why 1 interacts with 3O2 to ultimately cleave
DNA and the enhancements in the DNA cleavage activity of 1
observed upon irradiation with UV and visible light.13

The complexes [Fe(MeN4Py)(CH3CN)](ClO4)2 (2)
(MeN4Py = 1,1-di(pyridin-2-yl)-N,N-bis(pyridin-2-ylmethyl)-
ethanamine) and [Fe(Bn-N3Py)(CH3CN)2](ClO4)2 (3) (Bn-
N3Py = N-benzyl-1,1-di(pyridin-2-yl)-N-(pyridin-2-ylmethyl)-
methanamine), which are structurally analogous to 1, are
investigated also (Figure 1) and their properties are compared

and contrasted with those of 1. In complex 2, the N4Py ligand
is modified with a methyl group at the tertiary carbon of the
ligand (MeN4Py). In complex 3, one of the pyridine rings is
replaced by a phenyl ring (Bn-N3Py) to increase the number
of coordination sites available for solvent on the complex and
to estimate the effect of partial ligand dissociation on the
spectroscopic and electrochemical properties of 1.

■ EXPERIMENTAL SECTION
Synthesis. The ligands 1,1-di(pyridin-2-yl)-N,N-bis(pyridin-2-

ylmethyl)methanamine (N4Py)7a and N-benzyl-N-[di(2-pyridinyl)-
methyl]-N-(2-pyridinylmethyl)amine (Bn-N3Py)16 were prepared by

literature methods. The complexes [Fe(N4Py)(CH3CN)](ClO4)2
(1),8 [(Bn-N3Py)Fe(CH3CN)2](ClO4)2 (3),

16 and [Fe(N4Py)(Cl)]-
(ClO4) (4)8 were prepared and isolated as previously reported.
The synthesis and characterization of d5-N4Py, d5-1, MeN4Py (1,1-
di(pyridin-2-yl)-N,N-bis(pyridin-2-ylmethyl)ethanamine), and 2 are
available in the Supporting Information. Commercially available
chemicals were used without further purification unless stated otherwise.
Solvents for electrochemical and spectroscopic measurements were
UVASOL (Merck) grade or better. In addition to using well
characterized isolated complexes, for comparison in situ preparation
of complexes in argon-purged double-distilled water was carried out by
dissolving FeSO4·7H2O with one equivalent of the ligand, followed by
adjustment of the pH with H2SO4 or NaOH to pH 6.

Caution! Perchlorate salts of metal complexes incorporating organic
ligands are potentially explosive. These compounds should be prepared in
small quantities and handled with suitable protective safeguards.

Physical Methods. For details of FTIR and Raman spectroscopy
of 1−3 and X-ray crystallography of complexes 2 and 3, see the
Supporting Information. 1H NMR spectra (400 and 600 MHz) were
recorded on a Varian Mercury Plus. Chemical shifts are denoted
relative to the residual solvent peak (1H NMR spectra CD3CN,
1.94 ppm; D2O, 4.79 ppm; CD3Cl, 7.26 ppm). pD for 1H NMR
studies was controlled by addition of NaOD or H2SO4 (diluted in
D2O) and measured using a pH meter; pD values are not adjusted for
the difference between the pD/pH scales and are therefore indicative
only. Elemental analyses were performed with a Foss-Heraeus CHN
Rapid or a EuroVector Euro EA elemental analyzer. UV/vis absorp-
tion spectra were recorded with a HP8453 spectrophotometer or a
Specord600 (AnalytikJena) in 1-cm path length quartz cuvettes.
Electrochemical measurements were carried out on a model CHI760B
Electrochemical Workstation (CH Instruments). Analyte concen-
trations were typically 0.25−0.5 mM in water containing 10 mM
potassium nitrate and in acetonitrile containing 0.1 M tetrabutylam-
monium hexafluorophosphate [(TBA)PF6]. Unless stated otherwise, a
3-mm-diameter Teflon-shrouded glassy carbon working electrode
(CH Instruments), a Pt wire auxiliary electrode, and an SCE or
Ag/AgCl reference electrode were employed. Cyclic voltammograms
were obtained at sweep rates between 1 mV s−1 and 1 V s−1. All
potential values are quoted with respect to the SCE. Redox potentials
are reported ±10 mV. ESI-MS spectra of ligands were recorded on
a Triple Quadrupole LC/MS/MS mass spectrometer (API 3000,
Perkin-Elmer Sciex Instruments). Mass spectra in tBuOH/H2O
solvent mixtures were measured as described previously17 in positive
mode and in the range m/z 100−900. Samples were prepared using
doubly distilled water and pH was adjusted using dilute aqueous
H2SO4 and NaOH solutions. Solutions were purged with argon to
exclude 3O2 prior to measurements.

■ RESULTS

The synthesis and characterization of the complexes described
in the present study were described elsewhere,7−9 at least in
part, and will be discussed here only briefly. The structure of the
complexes in acetonitrile solution is confirmed by a combination
of solid-state and solution Raman spectroscopy together with
X-ray structural analysis. Isotope labeling allows for identi-
fication of the modes observed in the Raman spectra, which,
together with resonance Raman spectroscpy, allows for vibrational
characterization of complexes 1−3 in acetonitrile and aqueous
solution at submillimolar concentrations. UV/vis absorption
spectroscopy together with Raman spectroscopy and electro-
chemistry are used to identify the existence of equilibria between
species in aqueous solution and to determine the pKa’s of several
of the species detected. In addition, 1H NMR spectroscopy is
used to provide an indication of the average spin state of the
various species in solution over the pH range 2−11.

Synthesis and Characterization of 1−3. The ligand
N4Py and the complex [FeII(N4Py)(CH3CN)](ClO4)2 (1)

Figure 1. Structure of the ligands N4Py, MeN4Py, and Bn-N3Py, and
their iron complexes 1−4.
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were available from earlier studies.7,8 d5-N4Py, where only the
alkyl hydrogen atoms are exchanged with deuterium, was
prepared by heating N4Py at reflux in CH3CO2D.

18 The FeII

complex (d5-1) was prepared as for 1. MeN4Py was prepared
by deprotonation of N4Py with tert-butyllithium followed by
methylation with methyl iodide. Complexation of MeN4Py
with either Fe(ClO4)3·xH2O or Fe(ClO4)2·7H2O in methanol/
acetonitrile yielded a red crystalline complex [FeII(MeN4Py)-
(CH3CN)](ClO4)2 (2), which was characterized by 1H NMR
spectroscopy (Figure S6) and single-crystal X-ray analysis
(Figure 2). Alkylation of N3Py with benzyl chloride in the
presence of K2CO3 provided the ligand Bn-N3Py. Complexation
of Bn-N3Py with Fe(ClO4)2·7H2O in methanol/acetonitrile
resulted in the formation of red crystals, characterized as
[FeII(Bn-N3Py)(CH3CN)2](ClO4)2 by Raman spectroscopy
(Figure S1) and X-ray analysis (Figure 2).
Single-Crystal X-ray Structural Analysis. The crystal

structure of 1 has been reported previously.8 The crystal
structures of 2 and 3 are shown in Figure 2 and the Fe−N bond
lengths are compared in Table 1. The cation of 2 is located on a

crystallographic mirror plane and shows a six coordinate FeII

center in a slightly distorted octahedral geometry (Figure 2).
Five coordination sites are occupied by N atoms from the ligand
and the sixth is occupied by a molecule of acetonitrile. The five
Fe−N bonds between the ligand MeN4Py and the FeII center
range from 1.951(3) to 1.963(3) Å and are characteristic of
low-spin FeII complexes19 such as 1,8 [Fe(bpy)3]

2+,20 and
[Fe(TPA)(CH3CN)2]

2+.21

Introduction of a methyl group on the tertiary carbon of the
N4Py ligand was found to have a (minor) effect on the Fe−N

bond distances in 2, with Fe−N2 bond becoming shorter than
the Fe−N4 bond. The steric hindrance introduced by the
methyl group results in a decrease the Fe−N bond length to the
two pyridine rings attached to the tertiary carbon. The iron ion
in 2 lies 0.2058(6) Å above the plane formed by the pyridine
nitrogen atoms, which is less than the iron ion in 1 (0.2071(5) Å)8

and reflects the increased stability of the complex upon intro-
ducing the methyl group. It is accompanied by elongation of
the Fe−Nacn bond (Table 1).
In the case of the cation of 3 the six-coordinate FeII center is

in a distorted octahedral environment (Figure 2), ligated by
four N atoms of the ligand and two from CH3CN molecules,
and arranged cis to each other. The Fe−N ligand distances
range from 1.9387(17) Å for Fe1−N6 to 2.0121(16) Å for
Fe1−N3. The Fe−Namine bond of 3 {2.0121(16)} is longer
than the Fe−Namine bond {1.961(3)} of 1,8 however, overall,
the Fe−N bond lengths are comparable to those found for
other low-spin iron(II) complexes.19−21 The Fe−Nacn bond
length increased slightly compared to 1 and 2.

1H NMR Spectroscopy. As expected for a low-spin
iron(II) complex, in acetonitrile-d3, 1, its isotopologue d5-1, 2,
and 3 are EPR silent and exhibit 1H NMR spectra between 0
and 10 ppm (Figure S6). In the case of 3 some broadening and
shifting of the signals in the 1H NMR spectrum is observed due
to exchange of the CH3CN ligands with trace water (Figure S7).
The 1H NMR spectra of 1 (Figure 3) in D2O was essentially

identical to that obtained by in situ formation of the complex

Figure 2. Structures of (a) 2 and (b) 3 with 50% probability ellipsoids.

Table 1. Fe−N Bond Lengths for Complexes 1−3

18 2 3

Fe−Namine (Å) 1.961 (3) 1.963 (3) 2.0121 (16)
Fe−Npy (Å)

a 1.967 (3) 1.951 (3) 1.9604 (15)
1.976 (3) 1.951 (3) 1.9616 (14)

Fe−Npy (Å)
b 1.975 (3) 1.963 (3) 1.9616 (14)

1.968 (3) 1.963 (3)
Fe−Nacn (Å) 1.915 (3) 1.927 (3) 1.9387 (17)

1.9533 (16)
Fe-mean eq. plane (Å) 0.2071(5) Å 0.2058 (6) Å

aPyridine attached to tertiary carbon. bPyridine attached to secondary
carbon.

Figure 3. 1H NMR (600 MHz) spectra of 1 in D2O at various pD values.
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from N4Py and FeSO4 in D2O and similar to related in situ
prepared complexes,10a,22 indicating dissociation of the CH3CN
ligand in agreement with UV/vis spectroscopy (vide inf ra).
Addition of acetonitrile to 1 in D2O results in a diamagnetic
spectrum similar to that observed in acetonitrile-d3 (Figure S11).
The 1H NMR spectra of 1 in D2O were recorded between
pD 1.9 and pD 11 (Figure 3). A considerable pD dependence
is observed with broadened bands observed between 5 and
100 ppm above pD 4.2. The shift in the bands to outside of the
0−10 ppm region is due to the paramagnetic character of the
species formed from 1 in water. Additionally, sharp bands were
observed between 0 and 10 ppm below pD 4 and above pD 9,
consistent with free ligand (Figure S8). Notably there are two
distinct sets of paramagnetically shifted signals. One set is
observed at pD 4.2 while the second set is observed at pD 9.8
suggesting that the two complexes are in equilibrium. pH jumping
experiments confirm this (Figures S36 and S37). Between pD 6.8
and 9.8 both sets of signals are present with increased broadening
observed.
The 1H NMR spectrum of 2 in D2O (Figure S10) shows

moderate broadening compared to the spectrum of 1, and
below pD 6.5 it is otherwise similar to that observed in CD3CN
(Figure S12). Above pD 8, the appearance of weak signals
of a paramagnetic complex are observed for 2 in addition to
appearance of diamagnetic signals of free ligand. In contrast
to 1, ligand dissociation was not observed even at pH 1.5
indicating that the presence of the methyl substituent increases
the stability of 2 considerably.
The 1H NMR spectra of 3 were obtained between −10 and

120 ppm in D2O over the pD range between 2 and 11 (Figure S13)
and were found to be only moderately pD dependent. The spectra
between pD 3 and pD 7 show relatively sharp paramagnetically
shifted signals in the range 0−120 ppm. Above pD 3.8 the spectrum
of a paramagnetic species is observed, while additional sharp signals
are observed below pD 3.8 and above pD 8, consistent with free
ligand, suggesting that ligand dissociation is more facile for 3 than
for 1. The spectra obtained at pD 3.8 and 6.5 are similar, indicating
that, in contrast to 1 and 2, for complex 3 only a single species is
present in solution at intermediate pD values.
UV/vis Absorption Spectroscopy. The UV/vis absorp-

tion spectra of 1, 2, and 3 in acetonitrile and in water are shown
in Figure 4 (see also Table S2). In acetonitrile, all three
complexes show two absorption bands in the visible region
assigned to metal to ligand charge transfer (1MLCT) transitions

(vide inf ra)23 and pyridyl centered π→π* transitions between
200 and 300 nm (assigned by comparison with the absorption
spectrum of the free ligands). The spectra of 1 and 2 are similar
apart from a small red shift in two 1MLCT bands to ca. 380 and
460 nm for 2. For compound 3 a substantial blue shift of both
bands and decrease in molar absorptivity is observed, consistent
with the replacement of one pyridine by a CH3CN ligand.
The UV/vis absorption spectrum of 1 in aqueous solution

(pH 6.5) is similar to that observed in acetonitrile, however
a broadening of the ligand π→π* transitions and the two
absorption bands in the visible region is observed (Figure 4 and
Table S2). Furthermore the visible absorption bands are half
the molar absorptivity found in acetonitrile. Comparison of the
UV/vis absorption spectra of 1 and 4 (where a chlorido ligand
is present instead of CH3CN) in water (pH 6.5, Figure S16)
with the spectrum obtained by in situ formation of the complex
from a 1:1 mixture FeSO4 and the N4Py ligand confirms that,
in aqueous media, the CH3CN ligand of 1 and the chlorido
ligand of 4 dissociate fully upon dissolution.24

For 2 both of the 1MLCT absorption bands are slightly
broadened in water compared to acetonitrile and are shifted to
longer wavelengths (Figure 4). The molar absorptivities of the
MLCT absorption bands are decreased by ca. 20% on going
from acetonitrile to water. In contrast, for 3 a blue shift and
broadening in the visible absorption bands as well as a substantial
decrease in molar absorptivity is observed in water compared
with acetonitrile (Figure 4). A near complete decrease in the
absorptivity of the MLCT bands in water is expected25 for
complexes that are completely in a nonsinglet (high spin)
ground state. Hence the <50% decrease for 1 and 2 indicates that
there is a spin equilibrium between singlet and, e.g., quintet states
in water at pH 6.5.
The broadening of the bands and the decrease in intensity is

almost fully reversed by addition of 1 vol% of acetonitrile to
the aqueous solution of 1 or 2 (Figure 5 and Figure S14).26

Furthermore, the π→π* transitions (200−300 nm) revert to
the same shape, as observed in acetonitrile. The effect of added
acetonitrile on the spectra of 1 and 2 obtained in water confirms
that the difference between the aqueous and acetonitrile spectra
is not due to solvatochromic effects but instead is due to dis-
placement of the CH3CN ligand by H2O. That the equilibrium
favors the CH3CN bound complex over the aquated complex is
consistent with the difference in redox potentials; the oxidation
potential of Fe(II)−NCCH3 complex is 400−600 mV more

Figure 4. UV/vis absorption spectra of 1 (blue solid), 2 (red dashed) and 3 (green dashdot) in (a) acetonitrile and (b) water (at pH 6.5); all
solutions are 0.25 mM.
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positive than that of the Fe(II)−OH2/−OH complexes (vide inf ra).
For 3, opposite behavior is observed (Figure S15). Addition of up to
25 vol% of acetonitrile to an aqueous solution of 3 has no effect on
the absorption spectrum. By contrast, addition of water to an
acetonitrile solution of 3 results in a change in the spectrum to that
observed in aqueous solutions when 25 vol% of water is added.
The pH dependence of the absorption spectrum of 1 in

aqueous solution is shown in Figure 6. There are two distinct pH
ranges over which a change in the absorption spectrum of 1 is
observed. Between pH 4 and pH 2 the visible absorption bands
decrease in intensity. This change is assigned to protonation of
the −OH ligand on the basis of comparison with the pKa point
identified in the Pourbaix plot (vide inf ra). Between pH 6 and 8
a red shift in both absorption bands and a relatively minor
decrease in intensity at 378 nm are observed for 1.
The pH dependence of the absorption spectrum of 2 in

water is shown in Figure 7a and b and contrasts sharply with
that of 1. For 2, only a relatively minor decrease in the
absorbance is observed upon lowering the pH from 6 to 1.5,
which is consistent with the pKa determined from the Pourbaix
plot (vide inf ra) and with the absence of ligand peaks of the 1H
NMR spectra of 2 at low pH (vide supra). Between pH 6 and 8
a red shift in both bands and a sharp decrease in the absorbance
are observed. The decrease in absorption upon an increase in
pH results in 2 having a molar absorptivity similar to that of 1
at pH > 8. It should be noted that for 2 the decrease in

absorption upon increase in pH is much larger than for 1
however this is due to the fact that for complex 1 at low pH the
equilibrium between high- and low-spin states is more equal
than for 2 which is predominantly low spin (and therefore
shows more intense absorption) at below pH 7.5 (cf. NMR
section and Scheme 3). The changes are fully reversible upon
lowering the pH again (see Figures S36 and S37 for pH
jumping experiments).
The UV/vis absorption spectra of 3 in water are pH

independent between pH 4 and 7 (Figure S17a and b). Below
pH 4 and above pH 8, a decrease and an increase (due to
scattering as a result of the formation of a precipitate), respectively,
is observed, and based on 1H NMR spectroscopy (Figure S13), is
assigned to ligand dissociation.

Resonance Raman spectroscopy. Resonance Raman
spectroscopy has proven to be a powerful tool in the
characterization of transition metal polypyridyl complexes in
solution at photophysically relevant concentrations (i.e.,
< 1 mM).27 Furthermore, the selective nature of the resonant
enhancement of scattering from vibrational modes coupled to
electronic transitions28 allows for a deeper understanding of the
nature of the absorption bands, for instance, as metal to ligand
charge transfer (MLCT) transitions to specific ligand moieties.
Previously resonance Raman spectroscopy has been employed
to study the FeIII−OOH species formed from 1 with H2O2.

7c,14

In the present study resonance Raman spectroscopy is

Figure 5. UV/vis absorption spectra of (a) 1 and (b) 2 in acetonitrile (black dashed), in water (pH 6, blue solid), and in water at pH 6 with 1 vol%
of acetonitrile added (red dash dot).

Figure 6. pH dependence of the (a) UV/vis absorption spectra and (b) absorbance at 378 (filled squares) and 454 nm (open circles) of 1 in water.
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employed to probe the electronic origin of the visible absorption
bands observed in both acetonitrile and aqueous solutions and
to monitor changes in the first coordination sphere of the
complexes. Importantly the vibrational modes of the ligand alkyl
amine backbone are enhanced in addition to the pyridyl modes,
which allow for changes in the conformation of the ligand
coordinated to the FeII ion to be identified.
The solid state Raman spectra of complexes 1, 2, 3 and d5-1

are shown in Figure S1. These data confirm that the structure
of complexes 1 and 2, i.e., the pentadentate coordination of the
N4Py ligand to the FeII center, is retained in acetonitrile
solution (see Supporting Information for detailed discussion).
Resonance Raman Spectroscopy in Acetonitrile. Complex

1 has two absorption bands in the visible region (Figure 4).
Raman spectra, recorded in optically dilute solutions (0.1 mM) in
acetonitrile at λexc 355, 400.8, 449, and 473 nm, show both strong
enhancements of the Raman spectrum of 1 by comparison with
the Raman spectrum recorded at a nonresonant wavelength (i.e.,
785 nm, Figure S1) and a clear excitation wavelength dependence
on the relative intensities of individual bands (Figure S18).
At all wavelengths examined (which span both visible absorp-

tion bands), vibrational modes are observed at 1608, 1571,
1485, 1304, 1272, 1159, and 1029 cm−1, which are assigned to
pyridyl based vibrations by comparison with the Raman
spectrum of [Fe(bpy)3]

2+ (1608, 1565, 1492, 1322, 1278,
1175, 1026 cm−1).29 The modes at 1464, 1375, 1304, 1288,
1228, and 1076 cm−1 are assigned as C−H vibrational modes of
the alkyl amine backbone on the basis of the isotope shifts
observed in the spectra of d5-1 (Figure S19) in which the alkyl
hydrogens are exchanged for deuterium. The 1608 cm−1 mode
of 1 is more intense relative to the 1571 cm−1 mode at λexc 355
and 400.8 nm (i.e., absorption band II), however, at λexc 449
and 473 nm (i.e., absorption band I) the reverse is the case with
the 1571 cm−1 mode more intense than the 1608 cm−1 mode.
Overall, the spectra are typical for FeII and RuII polypyridyl
complexes,29−31 and the visible absorption bands of 1 are
assigned as 1MLCT with transfer of charge from FeII to the
pyridyl rings; albeit with a substantial contribution from the
ligand’s alkyl amine backbone. The enhancement of alkyl
amine modes is advantageous as it allows for changes in the
first coordination sphere to be monitored in detail (vide inf ra).
A similar excitation wavelength dependence of the resonance
Raman spectrum of 2 was observed (Figure S20). The
resonance Raman spectra of 1 and 2 in acetonitrile at λexc 473 nm

are shown in Figure 8. The spectra are essentially identical in
the regions between 1400 and 1700 cm−1 and 1000 and

1100 cm−1 with only minor shifts in the pyridyl based modes.
As expected the modes due to the alkyl amine backbone of the
ligand are distinctly different in the range 1200−1400 cm−1.
For complex 3 vibrational modes are observed at 1610, 1572,

1477, 1327, 1275, 1159, and 1033 cm−1 (Figure 8), all of which
are assigned to pyridyl based vibrations by comparison with
the Raman spectrum of [Fe(bpy)3]

2+ (1608, 1565, 1492, 1322,
1278, 1175, 1026 cm−1).29 The modes at 1296, 1223, and
1207 cm−1 are assigned to the alkyl amine backbone based on
comparison with the resonance Raman spectra of 1. The band
at 1003 cm−1 is assigned to a phenyl ring vibrational mode.

Resonance Raman Spectroscopy in Water. The resonance
Raman spectra of 1 in water (pH 7.6) and acetonitrile are shown in
Figure 9 and Figure S21. The spectra are similar, however there are
a number of differences in the position and the relative intensities
of certain modes. The most notable changes in the spectrum are
observed in the region 1200−1400 cm−1. The bands that change

Figure 8. Resonance Raman spectra of (a) 1, (b) 2 at λexc 473 nm, and
(c) 3 at λexc 449 nm (0.1 mM) in acetonitrile. Spectra are solvent
subtracted, residual solvent bands are masked.

Figure 7. pH dependence of the absorption spectra of 2 in water. The decrease in absorption between pH 7.5 and 9.5 is due to a change in the
structure of the complex from a predominantly low-spin state to a structure which is high-spin Fe(II) (see Scheme 3).
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are modes of the alkyl amine ligand backbone. The changes in
these modes indicate that the coordination sphere of the complex,
such as Fe−N bond lengths, is changed slightly, i.e., the
conformation of the alkyl amine ligand backbone, as expected
due to the replacement of a CH3CN ligand for a hydroxido ligand.
pH Dependence of the Resonance Raman Spectroscopy

of 1. The resonance Raman spectra of 1 in aqueous solution
were obtained over the range pH 2.4 to 11.7 with SO4

2− as
internal reference (Figure 10). At pH 7.6, the bands are most

intense with respect to the spectra obtained at higher and lower
pH. Between pH 2 and 4, the intensity of the vibrational modes
of 1 decrease, and below pH 2 they become too weak to be

detected. This is consistent with the decrease in the UV/vis
absorption that is observed over this pH range and 1H NMR
spectra showing dissociation of the ligand at low pH (vide supra).
Although the absolute intensity decreases as the pH is lowered,
the spectrum itself is otherwise unchanged with the relative
intensities of individual bands remaining constant. Above pH 8 a
substantial change in the spectrum was observed. The modest
decrease in intensity over this pH range is consistent with the
decrease in absorbance at 473 nm. Furthermore, the change in
the relative intensity of the 1605 cm−1 and 1571 cm−1 band is
most probably due to the bathochromic shifting of band I.
Importantly, there is a clear change in the spectrum in the region
1100−1300 cm−1 which cannot be ascribed to changes in the
UV/vis absorption spectrum, specifically the modes at 1375,
1304, and 1228 cm−1 either are lower in relative intensity or are
absent at high pH (>8). The differences between the spectra
recorded at low and high pH can be assigned, therefore, to
significant changes in the coordination of the ligand.25 The
resonance Raman spectrum of 3 in acetonitrile and in water at
pH 6.5 are more similar to the spectrum of 1 in water at pH 9.1
than the spectrum of 1 in water at pH 7.6 (Figure S23). This
indicates that on going from low to high pH the N4Py ligand of
complex 1 switches from penta- vs tetra-dentate, i.e. at high pH
one of the pyridine rings dissociates from the FeII center with
coordination of an additional hydroxido ligand.
The resonance Raman spectra of 2 in aqueous solution were

obtained also between pH 2.1 and 11.4 with SO4
2− as internal

reference (Figures S24 and S25). Confirmation that the CH3CN
ligand of 2 is fully dissociated in water is obtained from the
correspondence of the spectrum of 2 in water with that of the in
situ prepared complex (from FeSO4 and MeN4Py ligand,
Figures S26 and S27). In addition, as for the UV/vis absorption
spectrum of 2 in aqueous solution, addition of 1 vol% of
acetonitrile leads to a change to a resonance Raman spectrum
identical to that observed for 2 in acetonitrile (Figure S28).
At pH 7.5, 4.5, and 2.1 the bands of 2 are most intense with

respect to the spectra obtained at higher pH (Figure S24 and
S25). This is consistent with the UV/vis absorption spectrum,
which is essentially unchanged over this pH range (Figure 7a).
Above pH 8 the intensity of the bands decreases, consistent
with the decrease in absorbance over this pH range and as
observed for 1, substantial changes in both relative intensity
and band position were observed. In particular the bands
associated with the alkyl amine ligand backbone are most
affected, indicating that a change in the ligand conformation
and also coordination mode occurs between pH 7 and 9. At pH
11 the overall intensity is decreased consistent with ligand
dissociation at this pH.

Electrochemistry. Cyclic voltammetry of 1 shows a
reversible oxidation at 1.1 V in acetonitrile and at ca. 0.4 V
in water (pH 6.5), respectively (Figure 11). Addition of water
(1 vol%) to an acetonitrile solution of complex 1 renders the
otherwise reversible oxidation irreversible with a new reduction
wave observed at 0.6 V on the return cycle (Figure 11a). The
correspondence of the potential of the new reduction wave with
that of the oxidation potential of 1 in water (under acidic
conditions) indicates that although the coordination of CH3CN
is favored in the FeII oxidation state, when oxidized to FeIII the
CH3CN ligand is displaced readily by H2O.

32 This is reversed
upon reduction of FeIII back to the FeII oxidation state as
expected based on the preference of nitrogen donor ligands for
low-spin FeII due to back bonding stabilization.33

Figure 9. Resonance Raman spectra at λexc 473 nm of 1 in acetonitrile
(solid line) and water (dotted) at pH 7.6. (*) Indicates distortion due
to imperfect solvent subtraction. For additional spectra of 1 in water
with added acetonitrile and with added NaCl see Figure S22.

Figure 10. Resonance Raman spectra of 1 in water at various pH
values at λexc 473 nm at 0.5 mM (spectra are normalized to the 981 cm−1

band of the 0.05 M SO4
2− internal reference). For the corresponding UV/

vis absorption spectra of the solutions used to obtain the Raman spectra
see Figure 6a. (*) SO4

2−, (**) ClO4
−.
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Although from UV/vis absorption spectroscopy it is apparent
that addition of acetonitrile to an aqueous solution of 1 results
in immediate reversion to a CH3CN bound complex (Figure 5a),
the effect on the cyclic voltammetry is not so clear (Figure 11b).
Addition of 1 vol% of acetonitrile to an aqueous solution of 1
would result in a shift of the oxidation wave to ca. 1 V. Instead,
only a modest shift of 100 mV of the oxidation wave to more
positive potentials and the appearance of a new irreversible
oxidation wave at ca. 0.8 V are observed. These observations can
be rationalized by considering that the CH3CN and aqua ligands
exchange rapidly in aqueous solution and although the
equilibrium lies in favor of the CH3CN coordination, the rates
of the forward and reverse reactions are sufficiently high with
respect to scan rate to result in a less positive oxidation wave.
Similar behavior is observed for 2 also (Figures S31).
The cyclic voltammetry of 3 in acetonitrile shows a single quasi-

reversible redox wave for the FeIII/FeII couple at 1.15 V
(Figure S32). Addition of water (<1 vol%) to an acetonitrile solu-
tion results in the oxidation wave at 1.15 V becoming irreversible
and an increase in the intensity of the subsequent reduction wave
at 0.63 V and a smaller reduction wave at 0.30 V. In water
(pH 6.5) the oxidation potential of 3 is 0.44 V (Figure S32).
pH Dependence of the Redox Chemistry of 1, 2, and 3. As

for the 1H NMR, UV/vis absorption, and resonance Raman
spectroscopy, the redox chemistry of 1 and 2 in water is pH
dependent.
pH Dependence of the Cyclic Voltammetry of 1. Between

pH 2.5 and 5 only one redox wave (species A in Figure 14) is

observed within the accessible potential window (Figure 12).
The E1/2 increases linearly below pH 4 (see Pourbaix plot,
Figure 14). Below pH 2.5 an additional electrochemically
irreversible redox wave is observed assigned to ligand dis-
sociated iron(II) species (e.g., Fe(H2O)6

2+, by comparison with
the FeSO4 under the same conditions, Figure S35).
Above pH 5, a second reversible redox wave (species B,

Figure 14) at lower potential (∼100 mV) is observed (Figure 13a).
At pH 8 only the redox wave at ca. 50 mV is observed. Notably
the stability of species A in the Fe(III) state is considerably less
than that of species B (i.e., the redox wave at 300 mV becomes
increasingly irreversible as the pH is raised).
Above pH 9, the E1/2 decreases with a pH dependence

consistent with a 1e−/1H+ coupled process. At pH > 11 the
complex is unstable manifested in a decrease in the current
density of the redox wave, and at pH > 13, decomplexation is
complete (Figure 13b). The decomplexation is in agreement
with the observation of noncoordinated ligand by 1H NMR
spectroscopy (vide supra).
The Pourbaix plot for 1 in aqueous solution (Figure 14)

indicates that two distinct species are present in solution
between pH 5 and 8. Furthermore between pH 1.8 and 4.6
and above pH 9, the reduction potential is pH dependent in
a manner consistent with a 1e−/1H+ coupled redox process
(slope is ∼ −59 mV/pH). For the species present at low pH
(species A), the reduced form (i.e., the FeII complex) has a pKa
of 4.5, while for the oxidized form (i.e., the FeIII complex) the
pKa is 1.9. For the species present at higher pH values (species B),

Figure 11. Cyclic voltammograms of 1 (0.5 mM) (a) in acetonitrile (0.1 M TBAPF6) (red line) and after addition of 1 vol% water (blue line); (b) in
water (0.01 M KNO3) (blue line) and after addition of 1 vol% acetonitrile (red line). Scan rate 0.1 V s−1.

Figure 12. Cyclic voltammograms of 1 (0.5 mM) in water (10 mM KNO3) at pH (a) 1.5, 1.7, and 1.9, (b) 2.0, 3.0, and 4.0. Scan rate: 0.1 V s−1.
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the pKa of the FeII state is >12 while for the FeIII state the
pKa is 8.95.
At pH values less than pH 3 and greater than pH 10, an

additional factor is ligand dissociation (as confirmed by 1H
NMR spectroscopy, vide supra). For clarity the redox chemistry
of the dissociated iron is not described in the Pourbaix plot
(Figure 14). Importantly, pH jumping experiments show that
over short periods the ligand dissociation observed at low and
high pH is fully reversible (Figures S36 and S37). Indeed the
initial pH and direction of pH change was found to have no
influence on the pH dependence observed. Furthermore, the
cyclic voltammetries of 1 and complex 4 (which has a chlorido
ligand in place of the CH3CN ligand) are identical at all pH values
confirming that the complexes are fully solvated (Figure S29).
pH Dependence of the Cyclic Voltammetry of 2 and 3.

Complex 2 shows electrochemical behavior similar to 1. Overall
the stability of 2 with respect to full ligand dissociation is
greater at low and high pH than observed for 1 (Figure S33a).
By contrast, the oxidation potential of 3 is only moderately pH
dependent with an increase in E1/2 below pH 4.5 which may
indicate that the pKa of 3 is at ca. 4.5 (Figure S33b). Below pH
3 and above 8.5 the complex was found to be highly unstable
with respect to ligand dissociation, in agreement with the 1H
NMR spectra of 3 in D2O (Figure S13, vide supra).
Electrospray Ionization Mass Spectrometry (ESI-MS).

ESI-MS is a widely applied technique in the characterization of
first row transition metal complexes allowing for study under

a wide range of solvent conditions.34 In the present study,
however, obtaining signals in pure or buffered aqueous solutions
was found to be impractical due to poor spray formation.
Therefore, tBuOH/H2O mixtures were employed to allow for a
stable electrospray. Because of the solvent dependence observed
for the FeII(N4Py) complexes (UV/vis absorption spectroscopy,
vide supra), control experiments were performed to confirm that
the species present in tBuOH/H2O were the same as those
present in water. From the UV/vis absorption spectra and cyclic
voltammetry (Figure S38) it is apparent that at the 25 vol% of
tBuOH there is a minor change observed compared to in water
alone, which is possibly due to oxidation to the FeIII state. A
further consideration in performing and interpreting the ESI-MS
data obtained is the limited control over pH achievable in the
spray due to the nature of the ESI technique itself and the
potential for in situ redox reactions and oxidation by oxygen.17

Notwithstanding these considerations,35 ESI-MS indicated the
presence of several structures in solution that are consistent with
other spectroscopic and electrochemical data.
The ESI-MS spectrum of 1 in tBuOH/H2O (1:4 v/v) at pH

2, 6, and 11 (Figures S39, S40 and S41, respectively) shows
that, at pH 2 and 6, the CH3CN ligand is dissociated with
several major ions observed including [FeIIN4Py(OH2)]

2+/
[FeIIIN4Py(OH)]2+ (m/z 220.2),36 [FeIIIN4Py(tBuO)]2+ (m/z
248.3), [FeIIN4Py](ClO4)

+ (m/z 522.3), [FeIIIN4Py(OH)]-
(ClO4)

+ (m/z 539.3), and [FeIIIN4Py(tBuO)](ClO4)
+ (m/z

595.3). At pH 11, signals assigned to [FeIIN4Py(OH)]+ (m/z
440) and [FeIIIN4Py(OH)2]

+ (m/z 457) are observed
primarily. The observation of species in the FeIII oxidation
state is not unexpected given the relatively low redox potential
in water (vide supra) and the propensity for the complexes to
be oxidized by O2. It should be noted that the corresponding
FeII complex of [FeIIIN4Py(OH)2]

+ is neutral and hence its
presence in solution is not observable by mass spectrometry.

■ DISCUSSION
In the present study the pH dependence of the electrochemical
and spectroscopic properties of 1 are compared and contrasted
with those of the related complexes 2 and 3 (Figure 1). The
complexes were characterized by single crystal X-ray analysis,
1H NMR, and Raman spectroscopy. The structures of
complexes 1−3 observed in the solid state (see X-ray
Crystallography section) are retained in acetonitrile solution
as confirmed by the correspondence between solution and
solid state (nonresonant) Raman spectroscopy. As expected for

Figure 14. Pourbaix plot for 1 in water (10 mM KNO3).

Figure 13. Cyclic voltammograms 1 (0.5 mM) in water (10 mM KNO3) at pH (a) 5.1, 6.0, 6.7, and 7.5 and (b) 8.5, 9.5, 10.5, and 11.8. Scan rate:
0.1 V s−1.
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low-spin FeII complexes, in acetonitrile-d3 1, 2, and 3 are EPR
silent and exhibit a diamagnetic 1H NMR spectrum between 0 and
10 ppm. The solution properties of these complexes were
studied by 1H NMR, UV/vis absorption, Raman and resonance
Raman spectroscopy, electrochemistry, and ESI-MS in both aprotic
(acetonitrile) and protic (water) solvents. The multitechnique
approach taken allows for a deeper understanding to emerge of

both the coordination chemistry and electronic structure of the
complexes in aqueous and nonaqueous media and importantly
the pH dependence of the equilibria between the various species
present in solution, as summarized in Schemes 1 and 2 below.
In aqueous/acetonitrile solutions of 1 and 2, an equilibrium

between the CH3CN and H2O bound complexes is such that in
the FeII oxidation state coordination of CH3CN is favored,

Scheme 1. Species and Equilibria Occurring in Aqueous/Acetonitrile Mixtures for 1 and 2

Scheme 2. Species and Equilibria Occurring in Aqueous Solution for 1 and 2 (Potentials and pKa Values Are Approximate; See
Text for Details)

Inorganic Chemistry Article

dx.doi.org/10.1021/ic201879b | Inorg. Chem. 2012, 51, 900−913909



whereas in the FeIII state coordination of water dominates the
equilibrium. Indeed, even millimolar amounts of water are sufficient
to displace the CH3CN ligand in the FeIII state. The effect of
addition of acetonitrile to aqueous solutions of the complexes on
their UV/vis absorption spectrum shows that the equilibrium favors
CH3CN with respect to H2O coordination in the FeII state. How-
ever, from cyclic voltammetry it is apparent that the equilibrium
between the two states is reasonably fast on the electrochemical
time scale (tens of milliseconds). For 3 an opposite behavior is
observed with facile displacement of at least one of the CH3CN
ligands by an hydroxido or aquo ligand.
For all three complexes, ligand dissociation is a key feature of

their aqueous chemistry at low (<pH 3) and high (>pH 9) pH
and is readily observed by 1H NMR spectroscopy and electro-
chemistry. The stability of the complex with regard to ligand
dissociation is in the order 3 < 1 < 2, with 2 forming the most
stable complexes. The discussion below will, however, consider
pH ranges in which the ligands are coordinated to the FeII.
Complex 1 in Aqueous Solutions. The species present

in aqueous solutions of 1 are highly pH dependent. It is certain
that, upon dissolution in water, the CH3CN or chlorido ligands
(in the case of 4) dissociate fully and the complex is solvated as
confirmed by comparison with in situ formation of the complex
by mixing free ligand with FeSO4. An equilibrium is established
between two distinct species in solution (species A and B,
Scheme 2) in addition to acid/base chemistry at low (ca. pH
2−4) and high (ca. pH 9) pH and ultimately ligand dissociation
at below pH 2.5 and above pH 9. This is most clearly seen in the
Pourbaix plots (Figure 14 and S33) and the pH dependence of
the UV/vis absorption spectrum (Figure 6).
The pH dependence of the resonance Raman spectrum (Figure

10) tracks, in terms of overall intensity, the changes observed in
the absorption spectrum, i.e., the lower the absorbance the weaker
the spectrum and vice versa, and the relative intensity of the Raman
scattering from each of the vibrational modes varies in accordance
with blue/red shifts in the main absorption bands. Furthermore
the pyridyl modes, in particular the band at 1605 cm−1, are typical
of resonance enhancement by excitation into a 1MLCT band for a
low-spin FeII complex.30 A more subtle change is observed also in
the vibrational structure associated with the alkyl amine ligand
backbone. The concomitant disappearance and appearance of
modes is indicative of two distinct species (labeled A and B,
Scheme 2) present in a pH-dependent equilibrium. The range over
which the change in the relative contribution of each species to the
total signal in the Raman spectrum is coincident with the changes
observed in the UV/vis absorption spectra between pH 7 and 9
(Figure 6) and the appearance of two distinct redox waves in the
cyclic voltammetry. The differences in the Raman spectra of the
two species together with the pKa’s of the two species lying outside
of the pH 7−9 region indicates that the changes observed in this
pH range by 1H NMR, UV/vis absorption and Raman
spectroscopy, and by cyclic voltammetry are due to a structural
change in the complex; specifically the detachment of one of the
pyridyl rings from the FeII at high pH (>ca. 8) (Scheme 2).37

Assignment of the Molecular Structure of the Species
Present at Low and High pH. The close correspondence of
the resonance Raman spectrum of 1 in water at pH 6−7 and in
acetonitrile together with confirmation that the CH3CN ligand
of 1 dissociates fully in water support the assignment of species
A (Scheme 2) as [FeII(N4Py)(OH)]+. The observation of a
m/z signal at 220 is consistent with this assignment. The changes
observed in the ligand alkyl amine modes compared with species
A and with 1 in acetonitrile solution and the decrease in redox

potential are consistent with the assignment of the structure
[FeII(N4Py)(OH)2] to species B. This assignment is supported
further by the correspondence of the Raman spectra of 3 with
species B. Mass spectrometry, despite the caveats mentioned in
the Results section, supports, albeit tentatively, the assignment of
the species made in Scheme 2, although the major signals
observed are the FeIII forms of species A and B.

Spin State of Aqueous Species A and B. Although a
priori one would expect that the FeII complex present in aqueous
solution would be in a high-spin state (typically the quintet
state), 1H NMR, UV/vis absorption, and resonance Raman
spectroscopy suggest that for 1 there is a substantial (ca. 50%)
proportion of the complex in a low-spin (singlet) state.
For 1, the 1H NMR spectrum shows a strong paramagnetic

downfield shift consistent with the complex in a nonsinglet
ground state (Figure 3). However at pH < 8 the resonances are
broadened and it is clear that of the two species (A and B)
present in a pH-dependent equilibrium, species B (high pH)
shows much sharper resonances than species A. The time scale
of 1H NMR spectroscopy (ms) results in a spectrum that is the
weighted average of the species present in solution. Hence, the
spectral broadening indicates that species A and B show spin
equilibrium with relatively equal amounts (based on molar
absorptivities) of singlet spin and, presumably, quintet species.
UV/vis absorption and Raman spectroscopy represent

shorter experimental time scales (fs) and hence each species
contributes to the spectrum in an additive manner, i.e., the
spectra are a sum of the individual contributions. The UV/vis
absorption spectra of 1 in aqueous solution (Figure 6) is
consistent with the conclusions drawn from the 1H NMR spectral
data (Figure 3). A red shift in the visible bands is observed and
a decrease in absorptivity compared with the spectrum in
acetonitrile is observed, however the resonance Raman spectrum
shows that, certainly in the case of species A (above pH 4) and
species B, at least 50% is in a low-spin state. Below pH 4 species
A is protonated and the decrease in the visible absorption
indicates that the high-spin state is dominant for the protonated
complex (Scheme 3).

Comparison of 1 with 2. In complex 2, the N4Py ligand
is modified with a methyl group at the tertiary alkyl carbon of
the ligand (MeN4Py). This change to the N4Py ligand was
not expected to show a substantial effect on the electronic
properties compared to N4Py, but to introduce greater rigidity
(through steric hindrance) to the ligand when complexed to
FeII. Surprisingly this modification was found to have a clear
effect on the complex’s electronic properties and improved the
stability of 2 with respect to ligand dissociation in aqueous
solutions below pH 2 and above pH 9 compared with 1. The
difference in stability between 1 and 2 is not due to the replace-
ment of the sensitive tertiary proton in the alkyl amine
backbone of 1, but more likely due to steric effects of the
methyl group, which stabilizes the complex by pushing the two
adjacent pyridyl rings toward each other and the FeII center.
For 2 the introduction of the methyl group in the ligand alkyl
amine backbone decreases the Fe−N ligand bond lengths and
increases the stability further especially at low pH. The stability
of the ligand and reversibility of the ligand dissociation is
confirmed by the full reversibility observed in pH jumping
experiments (Figures S36 and S37).

Spin State of Aqueous Species (2)A and (2)B. Overall
the aqueous chemistry of 2 mirrors that of 1, however there are
several important differences. In contrast to 1 the 1H NMR
spectrum of 2 at pH < 8 is an essentially diamagnetic 1H NMR
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spectrum with only minor line broadening. At higher pH values
(pH > 8) resonances shifted to the same extent as for 1 are
observed. For 1 the decrease in absorptivity in water compared
with acetonitrile is ca. 50%. For 2 the difference in absorptivity
between water and acetonitrile is ca. 20% only. Taken together
these data indicate that for species (2)A the singlet state is
favored over a high-spin species at pH < 8. At higher pH the
UV/vis absorption decreases, consistent with a shift toward a
high-spin species (2)B. By comparison with the absorptivity of
1 at high pH, it appears that species B and species 2(B) show
similar equilibria between low- and high-spin states.
Comparison of 1 and 2 with 3. In the case of 3, one of

the pyridine rings of the ligand is replaced by a phenyl group
(Bn-N3Py) to increase the number of coordination sites on the
complex available to solvent and to estimate the effect of partial
ligand dissociation on the spectroscopic and electrochemical pro-
perties of 1. In acetonitrile solution both of the free coordina-
tion sites are occupied by CH3CN ligands. The resonance
Raman spectrum of 3 in acetonitrile (Figure 8) is consistent with
a low-spin FeII polypyridyl complex in particular with regard
to the relative intensity of the 1610 cm−1 mode.30 In aqueous
acetonitrile solutions, 3 exhibits behavior similar to that as
observed for 1 and 2 except that in this case two solvent mole-
cules are exchanged upon change of oxidation state. In aqueous
media the CH3CN ligands are displaced by either aquo and/
or hydroxido ligands. The tetradentate ligand is relatively
ineffective in forming a stable complex except at intermediate
pH values (pH 4−8) with ligand dissociation apparent both in
the 1H NMR spectra and in the cyclic voltammetry at pH < 4
and pH > 8.
It is apparent from the pH dependence of the electro-

chemistry, 1H NMR spectroscopy (in which only a single para-
magnetic species with reasonably sharp resonances is observed
in D2O) and UV/vis absorption spectroscopy that in aqueous
solution complex 3 solvates to form a high-spin FeII complex.
For 3, the blue shift and large decrease in absorption compared
with that in acetonitrile solution is consistent with a high-spin
FeII species. Comparison of the Pourbaix plots (Figure 14)
for 1 (and 2, Figure S33a) with that of 3 (Figure S33b) would
indicate that the species present at low pH (i.e., species A)
would resemble 3 most. However, the possibility of hydrogen
bonding interaction between the free pyridyl ring and the
coordinated hydroxide could account for the difference in redox
potential of 3 and species formed by 1 and 2 at high pH.

■ CONCLUDING REMARKS
In this contribution we have undertaken a combined spectro-
scopic and electrochemical study of the oxidation catalyst 1 in
acetonitrile and aqueous solutions. The results were compared
and contrasted with the analogous complexes 2 and 3. Overall
the pH dependence of 1 (and 2) shows that in addition to
the expected acid/base chemistry, two species (A and B) are
present in pH-dependent equilibrium. Importantly there are
additional equilibria for species A (and B) between the low-
(singlet) and high-spin (e.g., quintet) states. The extents of the
equilibria are dependent on pH and on molecular structure
with 2 showing increased stabilization of the singlet state
especially for species (2)A compared with species A (formed
from 1). This is especially the case at low pH (< 4). For 3 only
a single high-spin species is present in water.
For 1 in aqueous solution the interconversion between the

singlet and, presumably, quintet states may be key to under-
standing the ability of 1 to engage in oxidative DNA cleavage
with 3O2. The interconversion between the singlet and higher
spin states would be expected to involve an intermediate triplet
state, the transient formation of which would facilitate electron
transfer to 3O2, the first step in the cleavage of DNA by 1 with
3O2. This conclusion is consistent with our recent observation
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that visible and near-UV light can enhance the activity of 1 in
cleaving DNA in which the transient population of the triplet
state of 1 ([N4PyFeII(OH)]+) following photoexcitation in the
1MLCT states would be expected.
In conclusion, the combined electrochemical and spectro-

scopic study of the pH dependence of 1−3 demonstrates the
remarkably complex coordination chemistry that these species
exhibit in aqueous solution. The results reported form a solid
foundation on which a mechanistic understanding can be built
of the activity of complexes such as 1 in oxidation catalysis with
molecular oxygen and the complexes formed after reaction of
high valent (FeIV) oxo complexes with organic substrates.
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