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ABSTRACT: The active site of mammalian purple acid phosphatases
(PAPs) have a dinuclear iron site in two accessible oxidation states
(FeIII2 and FeIIIFeII), and the heterovalent is the active form, involved
in the regulation of phosphate and phosphorylated metabolite levels
in a wide range of organisms. Therefore, two sites with different
coordination geometries to stabilize the heterovalent active form and,
in addition, with hydrogen bond donors to enable the fixation of the
substrate and release of the product, are believed to be required for
catalytically competent model systems. Two ligands and their
dinuclear iron complexes have been studied in detail. The solid-
state structures and properties, studied by X-ray crystallography, magnetism, and Mössbauer spectroscopy, and the solution
structural and electronic properties, investigated by mass spectrometry, electronic, nuclear magnetic resonance (NMR), electron
paramagnetic resonance (EPR), and Mössbauer spectroscopies and electrochemistry, are discussed in detail in order to
understand the structures and relative stabilities in solution. In particular, with one of the ligands, a heterovalent FeIIIFeII species
has been produced by chemical oxidation of the FeII2 precursor. The phosphatase reactivities of the complexes, in particular, also
of the heterovalent complex, are reported. These studies include pH-dependent as well as substrate concentration dependent
studies, leading to pH profiles, catalytic efficiencies and turnover numbers, and indicate that the heterovalent diiron complex
discussed here is an accurate PAP model system.

■ INTRODUCTION

Most nonheme iron proteins are involved in oxidation and
oxygenation reactions by the interaction of their iron(II) form
with dioxygen.1−3 The subgroup of iron purple acid
phosphatases (PAPs) perform hydrolysis via their heterovalent
FeIIIFeII or FeIIIMII (M = Zn, Mn) active site and is involved in
the regulation of phosphate and phosphorylated metabolite
levels in a wide range of organisms.4,5 More precisely, PAPs
catalyze the hydrolysis of phosphomonoesters at acidic to
neutral pH. The active sites of the mammalian PAPs, isolated
from bovine spleen (bsPAP) and porcine uterus (ufPAP), were
shown to contain a dinuclear Fe center in two accessible
oxidation states: the FeIII2 form, characterized by typical visible
absorption maxima between 550 and 570 nm (ε ≈ 4000 M−1

cm−1), and the reduced FeIIIFeII form, which exhibits blue-
shifted absorption maxima between 505 and 510 nm (ε ≈ 4000
M−1 cm−1).6−10 Interestingly, the FeIII2 form of ufPAP was
found to have an upper limit of <1% of the activity of the
heterovalent FeIIIFeII form11 and, therefore, PAPs are the only
dinuclear metallohydrolases where the necessity for a

heterovalent active site for catalysis has been established.4,12

The redox potential of the FeIII2/Fe
IIIFeII couple of ufPAP was

found to be 0.367 V at pH 5 and 0.306 V at pH 6 vs NHE.13

Because of this relatively low redox potential, the enzyme is
easily and reversibly oxidized to the FeIII2 form.14 This
observation led to the suggestion that PAPs may regulate
their catalytic activity in vivo by reversible oxidation/reduction
of the active site.13

PAPs further differ from other nonheme diiron proteins by a
tyrosinate ligand, which is responsible for the characteristic
purple color. The corresponding absorption bands are assigned
to tyrosinate-to-FeIII charge transfer transitions.8 With
Mössbauer spectroscopy, the Fe centers of ufPAP and bsPAP
were revealed to have different coordination spheres, and this
was confirmed by single-crystal X-ray studies of ufPAP.8,15,16

The magnetic susceptibility indicates that the FeIII and FeII

centers are weakly antiferromagnetically coupled with J values
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ranging from −5 cm−1 to −11 cm−1 (H = −2JS1S2),
8,17 and

strong antiferromagnetic interactions were estimated in the
oxidized FeIII2 form of ufPAP (J > −150 cm−1).8 The reduced
heterovalent form of ufPAP exhibits rhombic EPR signals at g =
1.94, 1.73, and 1.58, consistent with an ST = 1/2 ground state of
an antiferromagnetically coupled hsFeIII−hsFeII center.6,18
The activity of PAP enzymes is directly linked to bone

resorption.19 Therefore, detailed understanding of the catalytic
mechanism of PAP may support the rational design of
antiosteoporotic drugs.20 In order to study the phosphoester
hydrolysis mechanism of the active site of PAP, a variety of
synthetic low-molecular-weight models have been developed.
Structural, spectroscopic, and kinetic data of these have led to a
substantial understanding of the catalytic reaction mechanism.
The model substrates bis(dinitrophenyl)phosphate (BDNPP,
phosphodiester) and dinitrophenylphosphate (DNPP, phos-
phomonoester) have frequently been used to investigate the
activity of the model complexes. Although phosphodiester
hydrolysis was observed with a wide range of model complexes,
the biologically relevant hydrolysis of phosphomonoesters with
model systems has rarely been reported. Recently, two
dinuclear PAP models were developed, for which the hydrolysis
of the phosphomonoester model substrate DNPP was
achieved.21,22 The two complexes, [FeIII2(L

1)(μ-O)Cl4](Cl)2
and [FeIII2(L

3)(μ-OH)(OH2)2](ClO4)4 (Chart 1), differ from
previously studied model systems in their ability to form
hydrogen bonds to the putative substrate molecule bound to
the metal centers; this was accomplished by incorporation of
basic residues adjacent to the dimetal core.
In recent years, many structural models for the active site of

PAPs with phenoxido-containing multidentate ligands have
been developed.23 FeIII2 complexes of symmetric ligands were
used to model the oxidized form of PAPs,24−27 and
heterovalent diiron complexes using asymmetric ligands were
also generated and studied as structural PAP models.13,28−31

From the separation of their one-electron redox processes,
assigned to the FeII2/Fe

IIIFeII and FeIIIFeII/FeIII2 couples, the
stability of the FeIIIFeII form over the corresponding reduced
and oxidized homovalent complexes was investigated. The
comproportionation constant (Kcom) for this equilibrium was
found to be in the order of 1010−1012 and, therefore, confirms
the substantial stability of the mixed-valent FeIIIFeII form.23

One of the most widely employed FeIIIFeII model complexes
for the mixed-valent diiron active site of PAP is
[FeIIIFeII(BPBPMP)(μ-OAc)2]ClO4 (HBPBPMP = 2-{[bis-
(pyridin-2-ylmethyl)amino]methyl}-6-{[2-hydroxybenzyl)-
(pyridin-2-ylmethyl)amino]methyl}4-methylphenol; see Chart
2 for the ligand structure and models of similar com-
plexes).32−36 The bis-acetato-bridged FeIIIFeII geometry with
asymmetric ligands reveals significant similarities in the physical

proper t i e s to the nat ive u fPAP. In par t i cu la r ,
[FeIIIFeII(BPBPMP)(μ-OAc)2]ClO4 exhibits (i) a comparable
metal−metal distance (3.483(2) Å vs 3.31 Å in ufPAP), (ii) a
phenolate-to-FeIII charge transfer at 550 nm (vs the tyrosinate-
to-FeIII charge transfer at ∼510 nm in ufPAP), (iii) weakly
antiferromagnetically coupled high-spin FeIII and FeII ions (J =
−7.4 cm−1 vs −5 to −11 cm−1 in reduced ufPAP), (iv) localized
iron valences in the solid state, and (v) a reversible FeIIIFeII/
FeIII2 redox couple at a similar potential (380 mV vs NHE vs
344 mV at pH 4.1 and 367 mV at pH 5 for ufPAP).32−36

However, although [FeIIIFeII(BPBPMP)(μ-OAc)2]ClO4
mimics accurately the first coordination sphere in the active
site of PAP, the catalytic efficiency, with respect to
phosphodiester hydrolysis, is modest and no monoesterase
activity was reported. The PAP active site includes non-
coordinated histidine groups proximal to the Fe centers that
may help to position the substrate.37 These second sphere
interactions have been considered in diiron(III) complexes with
basic groups proximal to the metal centers, in order to mimic
the hydrogen bonding network within the active site of PAP
(see Chart 1).21,22 [FeIII2(L

1)(μ-O)(Cl4)](Cl)2 was the first
complex known to be able to hydrolyze phosphomonoesters.22

The generation of the FeIIIFeII form of [FeIII2(L
3)(μ-OH)-

(OH2)2]
2+ was achieved by bulk electrolysis,21,38 and for HL3

the FeIIIFeII complex revealed a 5-fold increased catalytic
efficiency with respect to the FeIII2 analogue, and this was
proposed to be due to a significantly lower substrate affinity of
the FeII center.21

Chart 1. Previously Reported Diiron(III) Complexes with Second Sphere Hydrogen Bond Donors21,22

Chart 2. Ligand Structures and Diiron(II) Complexes
Discussed

Inorganic Chemistry Article

DOI: 10.1021/acs.inorgchem.5b00628
Inorg. Chem. 2015, 54, 7249−7263

7250

http://dx.doi.org/10.1021/acs.inorgchem.5b00628


The paradigm for the construction of more efficient
structural and functional PAP mimetics is asymmetry
(discrimination between trivalent and divalent iron as well as
stabilization of a heterodinuclear active site), and the ability for
hydrogen bonding to the substrate and/or nucleophile. The
pivaloylamide-substituted ligand H3L

4 (see Chart 2) provides
two different coordination pockets, where the H-donor-
substituted site is sterically more demanding. The two isomers
with two amide residues adjacent to one Fe(II) center in the
case of [FeII2(H2L

4)(μ-OAc)2]PF6 or one amide residue
adjacent to each Fe(II) center in the case of [FeII2(H2L

2)(μ-
OAc)2]PF6 offer the potential for the investigation of the
positioning effect of hydrogen bonding on the phosphoester
hydrolytic activity. Here, we report the asymmetric derivative of
H3L

2, H3L
4, and their diiron complexes (see Chart 2), and

discuss the detailed solid-state structural and solution
spectroscopic and electrochemical studies of the homovalent
FeII2 and Fe

III
2 as well as the heterovalent forms, and also report

the results of extensive phosphatase kinetic studies.

■ RESULTS AND DISCUSSION
Syntheses and Solid-State Properties. Ligands H3L

2 and
H3L

4 were synthesized as described previously.21,39 The
dinuclear iron(II) complexes of H3L

2 and H3L
4 were prepared

under an argon atmosphere in a glovebox by reaction with 2
equiv of iron(II) acetate in degassed methanol. After stirring
the yellow solution of the complexes for 12 h at room
temperature, addition of sodium hexafluorophosphate, filtration
through a syringe filter and diffusion of degassed diethyl ether
into the solutions, X-ray-quality green crystals of [FeII2(H2L

2)-
(μ-OAc)2]PF6 and [FeII2(H2L

4)(μ-OAc)2]PF6 were isolated.
[FeII2(H2L

2)(μ-OAc)2]PF6 and [FeII2(H2L
4)(μ-OAc)2]PF6

were characterized and studied in the solid state and also in
solution. The possibility of obtaining a heterovalent FeIIIFeII

complex of the asymmetric isomer [FeII2(H2L
4)(μ-OAc)2]PF6

was also examined. Because of the air sensitivity of the reduced
form of the samples, especially in solution, all procedures were
undertaken strictly anaerobically.
The structures of [FeII2(H2L

2)(μ-OAc)2]PF6 and
[FeII2(H2L

4)(μ-OAc)2]PF6 were determined by single-crystal
X-ray crystallography. The structures for the complex cations
are presented in Figure 1, and selected distances and valence
angles are summarized in Table 1. (Table 1 also includes
structural data of [FeIIINa(H2L

4)(μ-OAc)2]PF6 discussed in
more detail below.)
In contrast to the corresponding ZnII2 complexes,39 the two

FeII2 complexes, [FeII2(H2L
2)(μ-OAc)2]

+ and [FeII2(H2L
4)(μ-

OAc)2]
+, are both bridged 3-fold by two acetate coligands and

the phenolate-linker of the dinucleating ligands. In addition to
the three bridging ligands, the two FeII ions in [FeII2(H2L

2)(μ-
OAc)2]

+ and [FeII2(H2L
4)(μ-OAc)2]

+ are coordinated by two
pyridines and a tertiary amine each, forming octahedral
coordination geometries.
While the FeII−Npyr distances with the amide-free pyridine

residues are in the range of 2.159−2.175 Å, the FeII−Npyr
distances in the amidated pyridine residues are significantly
longer with bond distances from 2.279 Å to 2.364 Å. This is
mainly due to the electron-withdrawing effect of the
pivaloylamido residues and has been observed in other similar
FeII2 complexes.40 The FeII−Namine distances in the asymmetric
system [FeII2(H2L

4)(μ-OAc)2]
+ also reflect the asymmetry with

a significantly shorter FeII−Namine distance in the amidated site
(2.188(6) Å vs 2.270(5) Å), and this probably is due to

geometric constraints and/or the hydrogen bonding network.
The FeII···FeII distances also vary to some extent between the
two complexes: in the asymmetric complex [FeII2(H2L

4)(μ-
OAc)2]

+ (FeII···FeII, 3.430 Å) is somewhat shorter than in
[FeII2(H2L

2)(μ-OAc)2 (3.446 Å).
When the yellow methanolic solution used for the isolation

of the green crystals of [FeII2(H2L
4)(μ-OAc)2]PF6 (see above)

was exposed to air, the color of the solution turned immediately
purple. Diffusion of diethyl ether into this solution yielded
black crystals of [FeIIINa(H2L

4)(μ-OAc)2]PF6, suitable for X-
ray diffraction (XRD) analysis. The molecular cation is depicted
in Figure 2, and selected distances and valence angles are
presented in Table 1. The complex cation contains the
deprotonated phenolate backbone, the FeIII center in the
amide-free binding site, a sodium ion coordinated in the
amidated binding pocket and two bridging acetate coligands.
The two metal ions are bridged 3-fold as in [FeII2(H2L

4)(μ-
OAc)2]

+. The synthesis of this unprededented heterodinuclear
complex with the unusual coordination of a sodium ion by the
phenolate-based ligand H3L

4 is fully reproducible.
The FeIII center in [FeIIINa(H2L

4)(μ-OAc)2]
+ is coordinated

similarly to the two FeII centers in [FeII2(H2L
4)(μ-OAc)2]

+,
forming a distorted octahedral coordination geometry with two

Figure 1. Structures of a) [FeII2(H2L
4)(μ-OAc)2]

+ and b)
[FeII2(H2L

2)(μ-OAc)2]
+, showing hydrogen bonding (green dotted

lines; counterions, noncoordinated solvent molecules and hydrogen
atoms, not involved in hydrogen bonding have been omitted for
clarity; ORTEP plots with 50% probability level of thermal ellipsoids
are given in the Supporting Information).
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pyridines, a tertiary amine, the bridging phenolate, and two
bridging acetates. The distances of FeIII to the pyridine nitrogen

atoms in [FeIIINa(H2L
4)(μ-OAc)2]

+ are slightly longer than
those in [FeII2(H2L

4)(μ-OAc)2]
+, while the bond between the

FeIII center and the amine nitrogen donor is shortened by 0.057
Å. More importantly, the oxidation of FeII to FeIII leads to
significant differences of the Fe−O (bridging acetate and
phenolate) distances. Because of the higher Lewis acidity and
hardness of FeIII, these are shortened by 0.07−0.24 Å upon
oxidation, comparable to differences observed in the hexaaqua
ions [FeII(H2O)6]

2+ and [FeIII(H2O)6]
3+, where FeII−OH2 was

found to be 2.13 Å and FeIII−OH2 is 2.00 Å.
41 The average Fe−

O bond distance in [FeIIINa(H2L
4)(μ-OAc)2]

+ (1.94 Å) is also
comparable to that found in the FeII I center of
[FeIIIFeII(BPMP)(μ-OPr)2]

+ (HBPMP = 2,6-bis[bis(pyridin-
2-ylmethylamino)-methyl]-4-methylphenol, 1.96 Å), while the
average FeII−O bond length in [FeIIIFeII(BPMP)(μ-OPr)2]

+ is
2.09 Å, close to that in [FeII2(H2L

4)(μ-OAc)2]
+ (2.083 and

2.108 Å).28 Note that the bridging acetates are asymmetric in
both [FeII2(H2L

4)(μ-OAc)2]
+ and [FeIIINa(H2L

4)(μ-OAc)2]
+,

and this may also influence the average FeII−O and FeIII−O
distances.
The Na+ ion in [FeIIINa(H2L

4)(μ-OAc)2]
+ has the same

primary coordination sphere as the FeIII center but in a trigonal
prismatic geometry. As expected (charge, ionic radii), the
distances of the donor groups to Na+ are generally longer by at
least 0.15 Å than the corresponding distances to FeII in
[FeII2(H2L

4)(μ-OAc)2]
+. Consequently, the separation between

the two metal centers in [FeIIINa(H2L
4)(μ-OAc)2]

+ is larger
than in the FeII2 analogue.
The structure of [FeIIINa(H2L

4)(μ-OAc)2]PF6 suggests that
the crystallization of the FeIIINa+ form of the complex is more
likely than of the corresponding FeIII2 complex. It appears that
oxidation of the two FeII centers of [FeII2(H2L

4)(μ-OAc)2]
+ by

air produces a complex where only the FeIII center in the less
sterically demanding binding site remains coordinated, while
the more sterically hindered binding site exchanges the metal
center from FeIII to Na+ prior to crystallization.
Variable-temperature dc magnetic susceptibility data sets of

finely ground crystals of [FeII2(H2L
4)(μ-OAc)2]PF6 and

[FeIIINa(H2L
4)(μ-OAc)2]PF6 in the temperature range of 2−

300 K were measured. The χMT vs T curves obtained for a
powdered sample of [FeII2(H2L

4)(μ-OAc)2]PF6 is reproduced
in Figure 3. At 300 K, the χMT value of [FeII2(H2L

4)(μ-

Table 1. Selected Bond Lengths and Bond Angles for
[FeII2(H2L

2)(μ-OAc)2]PF6, [Fe
II
2(H2L

4)(μ-OAc)2]PF6, and
[FeIIINa(H2L

4)(μ-OAc)2]PF6

[FeII2(H2L
2)

(μ-OAc)2]
+

[FeII2(H2L
4)

(μ-OAc)2]
+

[FeIIINa(H2L
4)

(μ-OAc)2]
+

Bond Lengths (Å)
Fe···Ma 3.4457(3) 3.430 3.4802(6)
Fe−O(1)b 2.0746(13) 2.039(4) 1.8906(11)
Fe−O(2A)b 2.0930(13) 2.024(4) 1.9620(11)
Fe−O(2B)b 2.0712(13) 2.185(4) 1.9556(11)
Fe−N(1)b 2.1753(16) 2.167(5) 2.1702(13)
Fe−N(2)b 2.2311(15) 2.270(5) 2.2130(13)
Fe−N(3)b 2.3638(15) 2.159(5) 2.1767(13)
M−O(1)a 2.0378(13) 2.040(4) 2.3710(12)
M−O(3A)a 2.1184(14) 2.204(4) 2.3578(13)
M−O(3B)a 2.1020(14) 2.079(4) 2.3575(13)
M−N(4)a 2.1703(16) 2.290(6) 2.5819(14)
M−N(5)a 2.2270(16) 2.188(6) 2.4845(14)
M−N(6)a 2.2786(15) 2.311(5) 2.5862(15)

Bond Angles (deg)
Fe−O(1)−Ma,b 113.83(6) 114.45(18) 108.98(5)
O(1)−Fe−N(1)b 87.69(6) 91.16(18) 87.54(5)
O(1)−Fe−N(2)b 86.53(5) 86.17(17) 91.54(5)
O(1)−Fe−N(3)b 160.48(5) 156.49(19) 166.43(5)
O(1)−Fe−O(2A)b 102.08(5) 104.69(17) 98.85(5)
O(1)−Fe−O(2B)b 90.73(5) 87.79(17) 101.88(5)
O(1)−M−N(4)a 90.36(5) 87.09(18) 121.84(5)
O(1)−M−N(5)a 88.88(6) 87.69(18) 79.69(4)
O(1)−M−N(6)a 160.55(6) 162.03(18) 133.73(5)
O(1)−M−O(3A)a 89.27(6) 93.65(16) 85.18(4)
O(1)−M−O(3B)a 97.90(5) 103.30(16) 91.86(4)

aM is Na in [FeIIINa(H2L
4)(μ-OAc)2]

+ and Fe(2) in [FeII2(H2L
4)(μ-

OAc)2]
+ and [FeII2(H2L

2)(μ-OAc)2]
+; O(3A) is O(2B) in [FeIIINa-

(H2L
4)(μ-OAc)2]

+. bFe is Fe(1) in [FeII2(H2L
4)(μ-OAc)2]

+ and
[FeII2(H2L

2)(μ-OAc)2]
+; O(2B) is O(3A) in [FeIIINa(H2L

4)(μ-
OAc)2]

+.

Figure 2. Structure of [FeIIINa(H2L
4)(μ-OAc)2]

+ showing hydrogen
bonding (green dotted lines; counterions and hydrogen atoms, not
involved in H-bonding, have been omitted for clarity; an ORTEP plot
with 50% probability level of thermal ellipsoids is given in the
Supporting Information).

Figure 3. Temperature dependence of χMT for [FeII2(H2L
4)(μ-

OAc)2]PF6 recorded in a magnetic field of 1000 Oe and the respective
fit curve (green line).
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OAc)2]PF6 is 6.47 cm3 mol−1 K (μeff = 7.19μB). This is slightly
above 6.00 cm3 mol−1 K (μeff = 6.93μB), the value expected for
two noninteracting high-spin FeII ions. The continuous decrease
of χMT with decreasing temperature suggests antiferromagnetic
coupling between the two FeII centers in [FeII2(H2L

4)(μ-
OAc)2]PF6. This is confirmed by χMT = 0.35 cm3 mol−1 K (μeff
= 1.35μB) below 2 K, indicating an S = 0 ground state for
[FeII2(H2L

4)(μ-OAc)2]PF6. A small proportion (∼5%) of the
paramagnetic monoiron(III) complex is suggested to account
for the slightly higher than expected experimental χMT values.
The data were fitted to a simplified van Vleck formula for

two interacting S = 2 spins, derived from the Heisenberg
Hamiltonian (eq 1) and including a correction for para-
magnetic impurities (eq 2).42

= −H JS S2 1 2 (1)

χ
μ μ

= + + + −
⎡
⎣
⎢⎢

⎤
⎦
⎥⎥

N g
kT

S S p
N g

kT
S S p

3
( ( 1))

3
( ( 1)(1 ))M

A
2

B
2

T T
A

2
B

2

(2)

Here, NA is Avogadro’s number, g the Lande ́ factor, μB the Bohr
magneton, k the Boltzmann constant, J the interaction
parameter, ST the total spin, and S the electron spin of the
impurity p.
The best fit, shown in Figure 3, was obtained with J = −5.05

cm−1 with fixed value of g = 2.15, in agreement with
antiferromagnetic coupling, and 5.8% monoiron(III) para-
magnetic impurity (S = 5/2). The weak antiferromagnetic
exchange is as expected from published data (−5 cm−1 > J >
−11 cm−1) of similar PAP model systems,43−45 and it appears
that J is correlated to the FeII−(μ-O) distance and the FeII−O−
FeII angle.43,45

For the monoiron(III) complex [FeIIINa(H2L
4)(μ-OAc)2]-

PF6 at 300 K, χMT = 4.29 cm3 mol−1 K (μeff = 5.84μB). This is
close to the expected value for five unpaired electrons (χMT =
4.39 cm3 mol−1 K, μeff = 5.92μB).
Solution Properties. (i). Electrochemistry. The electro-

chemical behavior of [FeII2(H2L
4)(μ-OAc)2]

+ was investigated
by cyclic voltammetry (CV) in degassed acetonitrile solution
(0.1 M NBu4ClO4, 0.5 mM complex) at room temperature,
with a glassy carbon working electrode, a platinum wire as a
counter electrode and a Ag/Ag+ (0.1 mM in NaCl) reference
electrode. Ferrocene was used as an internal standard and the
redox potentials are reported vs SCE (Fc/Fc+) = 0.380 V vs
SCE).46 CV scans were essentially identical when the
experiments were undertaken multiple times under anaerobic
conditions, indicating that substantial decomposition in
solution does not occur. A typical CV is shown in Figure 4.
The CV of [FeII2(H2L

4)(μ-OAc)2]PF6 shows two sequential
oxidations: a reversible one-electron transfer at 0.16 V vs SCE
(ΔEP = 88 mV) and a quasi-reversible one-electron transfer at
0.56 V vs SCE (ΔEP = 153 mV) (Figure 4a), assigned to the
FeII2/Fe

IIIFeII and FeIIIFeII/FeIII2 couples, respectively. Table 2
compares these redox potentials with relevant literature data
(HBPLMP = 2,6-bis[((2-pyridylmethyl)(6-methyl-2-
pyridylmethyl)amino)-methyl]-4-methylphenol). Interestingly,
with [FeII2(H2L

4)(μ-OAc)2]PF6 E1 is shifted to more positive
and E2 to more negative potentials, with respect to the
complexes of the nonsubstituted HBPMP ligand. A shift to
more positive potentials by substitution with pivaloylamide
groups was described previously, and the decreased charge of
the hydroxamate oxygen due to hydrogen bonding was
proposed to be responsible for the observed preference for

the reduced form.47,48 The air-oxidized solution of the diiron
complex of H3L

4 was also studied by CV and indicates that
severe structural changes occurred upon air oxidation, leading
to irreversible redox processes (see the Supporting Informa-
tion).
One of the objectives of ligand modification is to stabilize the

mixed-valence FeIIIFeII form of the PAP model complexes.
Therefore, the relative stabilitiy of the FeIIIFeII complex of the
asymmetric ligand H3L

4 was estimated by examining the
comproportionation equilibrium defined in eq 3:

++ + + +

+H Iooo

[Fe (H L )(OAc) ] [Fe (H L )(OAc) ]

2[Fe Fe (H L )(OAc) ]
K

II
2 2 2

III
2 2 2

3

III II
2

4
2

2com
(3)

From the separation of the redox potentials ΔE, the
comproportionation constant Kcom can be calculated by eq 4,

Δ = ⎜ ⎟⎛
⎝

⎞
⎠E

RT
nF

Kln com (4)

(n = 1), and the corresponding values are also listed in Table 2.
The small value of ΔE for [FeII2(H2L

4)(μ-OAc)2]
+ (0.41 V)

yielded Kcom = 8.5 × 106, indicating substantial stability of the
FeIIIFeII mixed valent complex. However, the comproportiona-
tion constant is much smaller than those reported for other
phenoxido-bridged diiron complexes (see Table 2).

(ii). 1H NMR Spectroscopy. 1H NMR spectroscopy was used
to probe the symmetry of the diiron(II) complexes in solution.
The spectra of the paramagnetic complexes [FeII2(H2L

4)(μ-
OAc)2]PF6 and [FeII2(H2L

2)(μ-OAc)2]PF6 (see Figure 5) have
well-resolved and relatively narrow resonances, and chemical
shifts of the resonances extend from −20 ppm to 200 ppm,
consistent with fast electronic relaxation at the high-spin FeII

centers, because of their energetically low-lying excited states.50

Comparison of the spectra of the symmetric and asymmetric
isomers based on H3L

2 and H3L
4, respectively, suggest that the

symmetry provided by the ligands is still present in the
corresponding diiron(II) complexes: in the spectrum recorded
from [FeII2(H2L

2)(μ-OAc)2]
+, 18 resonances are observed; in

the spectrum of [FeII2(H2L
4)(μ-OAc)2]

+, there are 32
resonances (i.e., one resonance for each proton). In the case
of [FeII2(H2L

2)(μ-OAc)2]
+, because of a rotation axis, two

protons each resonate at similar fields and, therefore, there was
one resonance for the two symmetry-related protons observed.

Figure 4. Cyclic voltammogram of [FeII2(H2L
4)(μ-OAc)2]PF6,

recorded in acetonitrile with 0.1 M NBu4ClO4 under Ar vs Ag/AgCl
(starting potential: −0.42 V; initial direction: positive).
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Moreover, the spectrum of [FeII2(H2L
4)(μ-OAc)2]

+ exhibits
two equally intense sharp resonances at 3.86 and 4.08 ppm;
based on the integration for nine protons, these resonances are
assigned to the two tert-butyl groups of the pivaloylamide
residues. In contrast, the spectrum of [FeII2(H2L

2)(μ-OAc)2]
+

shows a resonance integrating for 18 protons at 5.40 ppm.
The magnetic properties of [FeII2(H2L

4)(μ-OAc)2]
+ were

also investigated by NMR spectroscopy.51 In solution, the
complex exhibits an effective magnetic moment of 6.10μB This
is lower than the calculated spin-only value for two non-
interacting high-spin FeII centers (μeff = 6.93μB), indicating the
presence of exchange coupling between the two metal centers.
Note that the solution magnetic moment is somewhat different

from that in the solid state (see above), indicating some
structural change upon dissolution of the solid.

(iii). Mass Spectrometry. ESI+ mass spectrometry of
[FeII2(H2L

4)(μ-OAc)2]PF6 in dichloromethane results in a
spectrum with a main peak at 924.36 m/z and two smaller
peaks at 889.24 m/z and 957.31 m/z, with isotopic patterns
characteristic for diiron complexes (Figure 6). The signals are
assigned to [FeII2(L

4)(CH3CH2OH)(CH3CN)]
+, [FeII2(HL

4)-
(CH3OH)F]

+ (the fluoride co-ligand may derive from the
hydrolysis of PF6

− observed previously)52−55 and the intact
complex [FeII2(H2L

4)(OAc)2]
+, respectively. When the aceto-

nitrile solution of [FeII2(H2L
4)(μ-OAc)2]PF6 was exposed to air

for ∼10 min prior to the measurement, one main signal was

Table 2. Cyclic Voltammetric Data of Phenoxido-bridged Diiron Complexes

complex ref E1 [V vs SCE] E2 [V vs SCE] ΔE [V] Kcom

[FeII2(H2L
4)(μ-OAc)2]PF6 0.16 0.56 0.41 8.5 × 106

[FeIIIFeII(BPMP)(μ-OAc)2](BF4)2 29 −0.03 0.68 0.71 1.6 × 1012

[FeIIIFeII(BPMP)(μ-OPr)2](BPh4)2 28 −0.01 0.69 0.70 7.5 × 1011

[FeIIIFeII(BPMP)(μ-OBz)2](PF6)2 28 0.06 0.75 0.69 4.7 × 1011

[FeIIIFeII(BPMP)(μ-OBz)2](BF4)2 29 0.05 0.73 0.68 5.0 × 1011

[FeIIIFeII(BPMP)(μ-OBz)2](BF4)2 49 −0.02 0.67 0.69 6.8 × 1011

[FeIIIFeII(BPLMP)(μ-OAc)2](BPh4)2 30 −0.09 0.66 0.75 3.3 × 1012

Figure 5. 1H NMR spectrum of (a) [FeII2(H2L
4)(μ-OAc)2]PF6 and (b) [FeII2(H2L

2)(μ-OAc)2]PF6 in CD3CN.
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detected at 782.3 m/z, assigned to the monoiron(III) complex
[FeIII(HL4)]+.
The solubility of [FeII2(H2L

2)(μ-OAc)2]PF6 in dichloro-
methane was lower than that of [FeII2(H2L

4)(μ-OAc)2]PF6 and
made the addition of methanol necessary. The resulting
spectrum exhibited a main signal at 729.42 m/z, matching
the protonated ligand [H4L

2]+ and an intense signal at 782.34
m/z for the oxidation product [FeIII(HL2)]+. This result
suggests that the mass spectrometric investigation of the FeII2
complex in solution is hampered by fast oxidation. However,
signals with the characteristic diiron isotopic pattern were
observed at 929.28 m/z, 943.29 m/z, and 957.31 m/z, and
these are assigned to the diiron species [FeII2(H2L

2)(OAc)-

(CH3O)]
+, [FeII2(H2L

2)(OAc)(CH3CH2O)]
+, and the intact

complex [FeII2(H2L
2)(OAc)2]

+ (see Supporting Information
for the spectra).
The ESI+ mass spectrometric investigations of the purple

solid [FeIIINa(H2L
4)(μ-OAc)2]PF6, dissolved in methanol,

resulted in a spectrum with a main peak at 872.37 m/z,
assigned to [FeIII(H2L

4)(CH3OH)(OAc)]
+ (see Supporting

Information for the spectra).
(iv). Ultraviolet−Visible−Near-Infrared (UV-vis-NIR) Spec-

troscopy. In addition to the intense absorptions below 300 nm
(π−π* transitions of the ligand backbone), the electronic
spectra of acetonitrile solutions of [FeII2(H2L

2)(μ-OAc)2]
+ and

[FeII2(H2L
4)(μ-OAc)2]

+ show only one transition in the region
of 400−450 nm. [FeII2(H2L

4)(μ-OAc)2]
+ exhibits an electronic

spectrum with a band at 416 nm (ε = 1446 M−1 cm−1), and
[FeII2(H2L

2)(μ-OAc)2]
+ has a transition at 409 nm (ε = 1315

M−1 cm−1), ascribed to an MLCT transition of FeII to pyridine
nitrogen atoms. This is in accord with previously published
FeII2 complexes.28,40,56,57 The lack of low-energy visible
absorption bands, despite the presence of pyridine ligands,
indicates that [FeII2(H2L

4)(μ-OAc)2]
+ and [FeII2(H2L

2)(μ-
OAc)2]

+ are high-spin FeII complexes.57

The UV-vis-NIR spectrum of an acetonitrile solution of
[FeIIINa(H2L

4)(μ-OAc)2]
+ shows one broad transition at 568

nm (ε = 2500 M−1 cm−1) and a shoulder at 335 nm (ε = 5050
M−1 cm−1), in addition to the intense absorptions below 300
nm. The band at 568 nm is associated with the phenolate-to-
iron(III) charge transfer (CT) transition from the O pπ to the
FeIII dπ* orbitals and is energetically close to the tyrosinate-to-
iron(III) charge transfer observed for PAPs.6−10 The majority
of synthetic FeIII-phenolate complexes exhibit CT bands with

Figure 6. Characteristic isotopic pattern found in ESI+ mass
spectrometry (experimental, top and calculated, bottom) of
[FeII2(H2L

4)(μ-OAc)2]PF6 (a) in dichloromethane and immediate
measurement ([FeII2(H2L

4)(OAc)2]
+) and (b) in acetonitrile after

exposure to air for ∼10 min ([Fe(HL4)]+).

Figure 7. UV-vis spectroscopic titration (50 μM in acetonitrile/buffer between pH 6 and 11) and absorbance vs pH plots for (a and b)
[FeII2(H2L

4)(μ-OAc)2]PF6 and (c and d) [Fe
II
2(H2L

2)(μ-OAc)2]PF6. The solid lines in panels b and d correspond to fitted curves using eq S6 in the
Supporting Information.
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molar extinction coefficients of the order of 1000−2000 M−1

cm−1 per FeIII-phenolate bond.58,59 The molar extinction
coefficient of 2500 M−1 cm−1 of [FeIIINa(H2L

4)(μ-OAc)2]
+ is

outside this range but does not approach the value found for
the native enzymes.6−10 Comparison with a variety of similar
doubly acetate bridged FeIIIMII complexes of H2BPBPMP
reveals that the molar extinction coefficient is strongly
dependent on the nature of the MII ion.34

In order to examine the behavior of [FeII2(H2L
4)(μ-OAc)2]

+

and [FeII2(H2L
2)(μ-OAc)2]

+ under basic conditions, UV-vis-
NIR spectra were also recorded in acetonitrile-aqueous buffer
mixtures (1:1). The pH of the aqueous buffer was varied from 6
to 11 (the pH refers to the aqueous component). With
increasing basicity, the absorbance spectrum of [FeII2(H2L

2)(μ-
OAc)2]

+ (Figure 7c) shows a decrease in intensity of the two
bands at 235 and 286 nm, while two new bands arise at 261 and
314 nm. Moreover, the band at 414 nm experiences a shift to
440 nm with increasing basicity. Figure 7d shows the change of
absorbance at different wavelengths as a function of rising pH.
The overlay of the spectra at different pH values indicates the
presence of three isosbestic points at 245 nm, 274 nm, and 395
nm. This indicates that the diiron(II) complex is stable in the
pH range investigated and undergoes a single deprotonation
step. Therefore, the data can be analyzed with the Henderson−
Hasselbalch equation (see the Supporting Information for
details), and a pKa value of 9.58 ± 0.65 emerges for
[FeII2(H2L

2)(μ-OAc)2]
+. This is ∼1.5 pH units higher than

that observed with the corresponding dizinc(II) complex, i.e.,
following the same trend as the corresponding metal aqua
complexes.60 Therefore, the pKa value is assigned to the
deprotonation of a FeII-bound water molecule.
pH-dependent UV-vis-NIR spectroscopy of [FeII2(H2L

4)(μ-
OAc)2]

+ show a similar shift of the band at 399 nm to 426 nm
(Figure 7a). In contrast to [FeII2(H2L

2)(μ-OAc)2]
+, both

transitions in the region of 200−300 nm in the spectrum of
[FeII2(H2L

4)(μ-OAc)2]
+ increase in intensity with increasing

basicity. The absorbance vs pH plot (Figure 7b) exhibits
changes in the pH regions around 7 and 10.5, indicating two
deprotonation steps with pKa values of ∼7 and 10.5.
(v). Mössbauer Spectroscopy. In order to investigate the

coordination chemistry of the two FeII centers in [FeII2(H2L
4)-

(μ-OAc)2]PF6, a
57Fe enriched sample was prepared, and a 57Fe

Mössbauer spectrum was measured in frozen acetonitrile
solution at 170 K (see the next section). The spectrum

obtained shows a single quadrupole doublet, indicating similar
electronic environments for both FeII centers. The parameters
determined by fitting the spectrum with NORMOS,61 leading
to δ = 1.13(1) mm/s and ΔEQ = 2.66(1) mm/s (Γ = 0.45(1)
mm/s), are consistent with FeII in a high-spin electronic
configuration and in agreement with values reported for other
similar dinuclear high-spin FeII complexes.62

(vi). Formation of a Heterovalent FeIIIFeII Complex. The
presence of a heterovalent diiron core and the hydrogen
bonding network due to the protein backbone are essential
features of the PAP active site. Therefore, the generation of a
FeIIIFeII complex of H3L

4 was expected to create an accurate
structural, spectroscopic and functional model for PAP. In
order to generate [FeIIIFeII(H2L

4)(solv)x]
4+ the chemical

oxidation was followed by electronic spectroscopy, and the
putative model compound was then examined with 57Fe
Mössbauer and EPR spectroscopy. The formation of a
heterovalent diiron complex of the symmetric ligand H3L

2 by
bulk electrolysis was investigated previously with the same
techniques.21

(a). UV-vis-NIR Spectroscopy. Because of two well-separated
redox waves in the cyclic voltammogram (CV) of [FeII2(H2L

4)-
(μ-OAc)2]

+, with potentials above and below (0.16 V, 0.56 V)
that of ferrocene (0.38 V), the chemical oxidation of
[FeII2(H2L

4)(μ-OAc)2]
+ was examined using ferrocenium

hexafluorophosphate as an oxidant. Therefore, a solution of
[FeII2(H2L

4)(μ-OAc)2]
+ in acetonitrile was treated with 1 and 2

equiv of ferrocenium hexafluorophosphate under anaerobic
conditions. The mixtures were allowed to react for 12 h. From
the UV-vis-NIR spectra (see Figure 8), it is apparent that the
oxidant reacts with the diiron(II) complex in the ratio of
[FeII2(H2L

4)(μ-OAc)2]
+ to ferrocenium of 1:1. UV-vis

transitions at 362 nm (ε = 6360 M−1 cm−1) and 500 nm (ε
= 1270 M−1 cm−1) appear, while the bands at 283 and 654 nm
decrease (Figure 8b). Further addition of ferrocenium
hexafluorophosphate to a ratio of [FeII2(H2L

4)(μ-OAc)2]
+ to

ferrocenium of 1:2 results in a similar UV-vis spectrum (362
nm, ε = 7460 M−1 cm−1 and 500 nm, ε = 1470 M−1 cm−1),
except for an additional shoulder at 619 nm. This shoulder is
due to unreacted ferrocenium hexafluorophosphate and
indicates that the oxidant is not able to oxidize both FeII ions
of [FeII2(H2L

4)(μ-OAc)2]
+. This supports the selective

formation of the heterovalent complex [FeIIIFeII(H2L
4)-

(solv)x]
4+. Note that the loss of acetate bridges, in particular

Figure 8. UV-vis-NIR spectra during addition of ferrocenium hexafluorophosphate (blue line) to (a) [FeII2(H2L
4)(μ-OAc)2]PF6 (green line, without

FeIIICp2PF6; red line, 1 equiv Fe
IIICp2PF6; black line, 2 equiv Fe

IIICp2PF6) and (b) time-dependent experiments of [Fe
II
2(H2L

4)(μ-OAc)2]PF6 with 1
equiv FeIIICp2PF6.
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with heterovalent FeIIIFeII complexes, is well-docu-
mented.32,55,63,64

(b). Mössbauer Spectroscopy. The heterovalent form of
[FeIIIFeII(H2L

4)(solv)x]
4+, generated by oxidation of

[FeII2(H2L
4)(μ-OAc)2]

+ with ferrocenium hexafluorophos-
phate, was confirmed by 57Fe Mössbauer spectroscopy. The
mixture of 57Fe-enriched [FeII2(H2L

4)(μ-OAc)2]
+ with 1 equiv

of ferrocenium hexafluorophosphate as oxidant after 12 h at
room temperature shows signals of both FeIII and FeII (Figure
9b). Moreover, the presence of FeIII and FeII in an equimolar

ratio emerges from the 1:1 ratio of areas of the two sets of
quadrupole doublets. That is, [FeIIIFeII(H2L

4)(solv)x]
4+ appears

to be stable in solution. In addition, the Mössbauer parameters
of the characteristic high-spin FeIII quadrupole doublet [δ(I) =
0.41(1) mm/s and ΔEQ(I) = 0.36(2) mm/s (Γ(I) = 0.38(1)
mm/s)] and the characteristic high-spin FeII quadrupole doublet
[δ(II) = 1.17(1) mm/s and ΔEQ(II) = 2.78(1) mm/s (Γ(II) =
0.53(2) mm/s)] are comparable to parameters of previously
reported phenolate-bridged FeIIIFeII complexes.33,65−67 More-
over, the 57Fe Mössbauer spectrum of the asymmetric complex
[FeIIIFeII(H2L

4)(solv)x]
4+ shows distinct FeIII and FeII centers,

i.e., these are valence-trapped, indicating that each of the metal
ions is bound selectivity to one of the two binding sites.
Addition of 1 or 2 equiv of ferrocenium hexafluorophosphate

to the solution of 57Fe enriched [FeII2(H2L
4)(μ-OAc)2]

+ in
acetonitrile resulted in comparable 57Fe Mössbauer spectra
(Figures 9b and 9c). This supports the interpretation that the
oxidant cannot oxidize both FeII centers of [FeII2(H2L

4)(μ-

OAc)2]
+; the result is the selective formation of the

heterovalent [FeIIIFeII(H2L
4)(solv)x]

4+ complex.
(c). EPR Spectroscopy. EPR spectroscopy is generally a

useful tool for the characterization of the FeIIIFeII core in
heterovalent diiron model complexes and proteins.21 At low
temperature, FeIIIFeII complexes exhibit a broad EPR signal at
gav < 2, indicative of antiferromagnetically coupled high-spin
FeIII (S1 = 5/2, 6A state) and high-spin FeII (S2 = 2, 5T state),
resulting in a spin ground state of Stotal = 1/2. These signals are
only observed near liquid helium temperature and almost
disappear above 30 K.67 Such a behavior is very similar to that
of the heterovalent form in the enzymes.67

EPR spectra of [FeII2(H2L
4)(μ-OAc)2]

+ in acetonitrile,
reacted with 1 or 2 equiv of ferrocenium hexafluorophosphate
for 12 h, were recorded at temperatures below 5 K in order to
investigate the oxidation and electronic state of the oxidized
form of the model complex. The resulting spectra are presented
in Figure 10. Both spectra show a broad and intense signal

centered near g = 1.6 (g1 = 1.43, g2 = 1.67, g3 = 1.82, derived
from a fit of the spectrum, assuming an FeIII (S = 1/2) center),
in addition to a strong signal near g = 4.3 (the additional signal
at g = 2.04 was shown to be an artifact due to a copper impurity
in the cavity of the spectrometer). These spectra are similar to
that obtained from the electrochemically generated hetero-
valent complex [FeIIIFeII(H2L

2)(μ-OH)]3+.21

The signal at g ≈ 1.6 is attributed to an antiferromagnetically
coupled FeIIIFeII core. Similar broad signals in this region have
previously been reported for similar heterovalent model
systems,28,30,32,65,67 and bsPAP exhibits a rhombic spectrum
with apparent g values of 1.58, 1.73, and 1.85 at pH > 5.8 The
fact that both mixtures show similar EPR spectra with features
typical for an FeIIIFeII species supports the proposal that
ferrocenium can only oxidize one of the two FeII centers of
[FeII2(H2L

4)(μ-OAc)2]
+.

Both frozen solution spectra exhibit a relatively sharp signal
at geff ≈ 4.3(g1,eff = 4.28, g2,eff = 5.57, g3,eff = 9.44). The intense

Figure 9. Comparison of 57Fe Mössbauer spectra of (a) [FeII2(H2L
4)-

(μ-OAc)2]PF6 in acetonitrile and (b) with 1 equiv of FeIIICp2PF6, and
(c) with 2 equiv of FeIIICp2PF6.

Figure 10. X-band EPR spectra of mixtures of [FeII2(H2L
4)(μ-OAc)2]

+

with (a) 1 equiv FeIIICp2PF6 ((T = 5 K, ν = 9.37 GHz) and (b) 2
equiv of FeIIICp2PF6 (T = 1.7 K, ν = 9.37 GHz); 1 mM in
acetonitrile:toluene solution (1:1), (experimental spectra shown in
black, spectrum after subtraction of a copper impurity shown in gray,
and simulated spectrum shown in red).
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signal near geff ≈ 4.3 originates from the FeIII center with
rhombic symmetry. Such an impurity, but usually with lower
intensity, was detected previously in solution EPR spectra of
mixed-valent FeIIIFeII complexes.21,30,32,67 This could arise from
a mononuclear rhombic high-spin FeIII complex present as
impurity, most likely formed by decomposition of
[FeIIIFeII(H2L

4)(μ-OAc)2]
2+ in solution or a decomposition

product of ferrocenium hexafluorophosphate. The latter
suggestion is supported by the detection of a similar signal
(geff = 8.56, 5.45, 4.30) from a ferrocenium hexafluorophos-
phate solution left under aerobic conditions for 2 days.
Therefore, it is not clear whether the FeIIIFeII complex
generated here is completely stable in solution.

■ PHOSPHATASE REACTIVITY

The phosphatase reactivity of [FeII2(H2L
2)(μ-OAc)2]

+ and
[FeII2(H2L

4)(μ-OAc)2]
+ was probed with a spectrophotometric

assay with BDNPP as a model substrate and a well-established
experimental methodology.23,39,68 The sensitivity of the FeII2
complexes to oxidation required measurements to be carried
out under inert atmosphere in a glovebox. Because of this
experimental complication, the number of data points is smaller
and the variance significantly larger than in the experiments
with the corresponding ZnII2 catalysts.

39

(i). pH Dependence. The plots obtained for the depend-
ence of the initial hydrolysis rate on the pH and on the initial
substrate concentration are presented in Figure 11. Because of
the relatively small number of data points and the relatively
large standard deviations, only a qualitative analysis is
appropriate. The initial rate vs pH profiles for [FeII2(H2L

2)-

(μ-OAc)2]
+ and [FeII2(H2L

4)(μ-OAc)2]
+ have a similar shape.

This is in contrast to the corresponding ZnII2 complexes of
H3L

2 and H3L
4,39 which showed significantly different curve

shapes. Under the same conditions, the [FeII2(H2L
2)(μ-

OAc)2]
+ complex exhibits lower hydrolysis rates than

[FeII2(H2L
4)(μ-OAc)2]

+. The curve shapes in Figure 11a
indicate that three active species are present in the pH range
of 7−10: the first deprotonation step at pH ∼7 generates an
active species; deprotonation of this species at pH ∼8.5 lowers
its activity, while a second deprotonation at pH >9.5 leads to an
increase of activity. This behavior is different from that seen for
the ZnII2 compounds [ZnII2(H2L

4)(μ-OAc)(OH)]+ and
[ZnII2(H2L

2)(μ-OAc)2]
+, which showed a bell-shaped and a

sigmoidal profile, respectively.39

In contrast to [FeII2(H2L
4)(μ-OAc)2]

+, the FeIII2 complex of
ligand H3L

2 exhibits an initial rate vs pH profile with a relatively
sharp activity maximum at pH 6.5.21 The activity maximum in
the region between pH 7 and pH 9 for [FeII2(H2L

2)(μ-OAc)2]
+

is at higher pH, compared to [FeIII2(H2L
2)(solv)x]

5+. This
activity shift to higher pH values is in agreement with the pKa

values of iron-bound water molecules (pKa = 9.5 for FeII and
pKa = 2.2 for FeIII),60 following the lower Lewis acidity of FeII,
compared to FeIII.

(ii). Substrate Concentration Dependence. The de-
pendence of the BDNPP hydrolysis rate on the substrate
concentration was determined at pH 9.5 to access a catalytically
active species of the FeII2 complexes and to allow comparison of
the studies with the corresponding ZnII2 complexes.39 The
measurements with the symmetric isomer [FeII2(H2L

2)(μ-
OAc)2]

+ exhibited hydrolysis rates similar to those of the

Figure 11. (a) pH dependence and (b) substrate concentration dependence at pH 9.5 of BDNPP hydrolysis activity for [FeII2(H2L
4)(μ-OAc)2]

+

(solid black squares) and [FeII2(H2L
2)(μ-OAc)2]

+ (solid blue triangles).

Table 3. Kinetic Data (kcat, KM, and kcat/Km) of BDNPP Hydrolysis for [FeII2(H2L
4)(μ-OAc)2]

+ and Reported Diiron Complexes
(All Kinetic Studies Were Undertaken in a Mixture of Acetonitrile:Aqueous Buffer Solution (1:1)) (H3HPBA = 2-((2-hydroxy-
5-methyl-3-((pyridin-2-ylmethylamino)methyl)benzyl)(2-hydroxybenzyl)amino)acetic acid)

complex ref pKa(I) pKa(II) kcat (× 10−3 s−1) KM (mM) kcat/KM (s−1 M−1) pHMM
a

[FeII2(H2L
4)(OAc)2]

+ n.a.b n.a.b 2.37 ± 0.29 3.53 ± 0.68 0.67 9.5
[FeIII2(BPMP)(solv)x]

5+ 21 5.00 7.15 0.17 ± 0.01 1.74 ± 0.35 0.10 6.35
[FeIII4(HPBA)2(OAc)2(μ-O)(μ-OH)(OH2)2]

+ 69 5.42 8.41 1.6 ± 0.2 7.4 ± 0.6 0.22 6.5
[FeIII2(H2L

2)(solv)x]
5+ 21 5.16 7.43 0.47 ± 0.03 5.92 ± 0.62 0.08 6.45

[FeIII2(L
3)(solv)x]

5+ 21 5.39 9.38 0.65 ± 0.03 7.38 ± 0.69 0.09 7.44
[FeIII2(H2L

1)(μ-O)Cl2]
2+ 22 5.0 7.3 1.33 ± 0.08 1.94 ± 0.37 0.68 6.17

[FeIIIFeII(BPBPMP)(μ-OAc)2]
+ 32 5.03 6.93 1.88 4.63 0.41 5.6

[FeIIIFeII(L3)(solv)x]
4+ 21 5.30 8.02 1.14 ± 0.04 2.30 ± 0.24 0.50 6.69

apH of aqueous buffer solution used for substrate dependence assays. bNot available.
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asymmetric isomer [FeII2(H2L
4)(μ-OAc)2]

+. Therefore, the
activity of these complexes within the first minutes of catalysis
appears to be independent of the position of the hydrogen
bond donors. The data presented in Figure 11b show
Michaelis−Menten saturation behavior. Fitting the data of
[FeII2(H2L

4)(μ-OAc)2]
+ to the Michaelis−Menten equation

(see Experimental Section for details) provides values for the
parameters kcat, KM, and kcat/KM, which are listed and compared
with other diiron PAP model complexes in Table 3.
The impact of the oxidation state of the two Fe centers on

the catalysis is shown in a comparison of [FeIII2(H2L
2)-

(solv)x]
5+ and [FeII2(H2L

4)(μ-OAc)2]
+, which has similar

kinetics as [FeII2(H2L
4)(μ-OAc)2]

+ (see Figure 11 and the
corresponding text). The doubly reduced form exhibits a higher
hydrolysis rate, a higher substrate affinity, and, as a
consequence, also a higher catalytic efficiency, but requires a
more alkaline environment to function optimally. Therefore,
the higher activity of the two FeII2 complexes studied here,
compared to the reference complexes listed in Table 3, can be
attributed to the combined effect of hydrogen bonding and the
lower Lewis acidity of the two FeII centers.
Compared to the other examples of phenolate-bridged diiron

complexes in Table 3, [FeII2(H2L
4)(μ-OAc)2]

+ has the highest
hydrolysis rate. In addition, the catalytic efficiency is also one of
the highest reported for such systems, and the Michaelis−
Menten constant KM (substrate affinity) is in the medium range
of the tabulated diiron complexes.
The substrate concentration dependence measurements

conducted with the ZnII2 complexes [ZnII2(H2L
2)(μ-OAc)2]

+

and [ZnII2(H2L
4)(μ-OAc)(OH)]+, also at pH 9.5, resulted for

both complexes in lower hydrolysis rates and higher Michaelis−
Menten constants than observed for the FeII2 complex
[FeII2(H2L

4)(μ-OAc)2]
+.39 Consequently, the catalytic efficien-

cies of [ZnII2(H2L
2)(μ-OAc)2]

+ and [ZnII2(H2L
4)(μ-OAc)-

(OH)]+ are 2- and 4-fold lower, respectively, than that of
[FeII2(H2L

4)(μ-OAc)2]
+.

(iii). Catalytic Turnover. In order to probe the catalytic
behavior of the diiron complexes of ligand H3L

2 and H3L
4,

studies of their turnover number (TON) were conducted at 25
°C with [complex] = 10 μM and [BDNPP] = 3.0 mM at
different pH. The assays were prepared in the glovebox, using
0.5 mM solutions of [FeII2(H2L

2)(μ-OAc)2]
+ and [FeII2(H2L

4)-
(μ-OAc)2]

+ as well as a 0.5 mM mixture of [FeII2(H2L
4)(μ-

OAc)2]
+ with ferrocenium hexafluorophosphate (1:1), prepared

24 h prior to the TON measurements. Samples were taken

from these assays at various intervals during the experiments,
diluted with solvent, and their UV-vis spectra recorded to
determine the amount of phosphoester hydrolysis. The increase
in the absorbance at 400 nm, associated with the hydrolysis
product 2,4-dinitrophenolate, was monitored over time and
TON values were calculated after 9 days. The resulting data
obtained at pH 9.5 and pH 11 are given in Figure 12 and Table
4. [ZnII2(BPMP)(μ-OAc)2]

+ was also included in the analysis

to eliminate the possibility of experimental artifacts that are
present due to the setup under an inert atmosphere (indeed,
the ZnII2 complex exhibits TONs comparable to those obtained
under aerobic conditions).39 Interestingly, while the ZnII2
complex does not have any hydrogen bond donors it exhibits
the highest TONs of this study.
The TONs for the diiron complexes increase with increasing

pH, and all iron complexes have similar TONs at pH <9 (see
Supporting Information). However, under more basic con-
ditions, the structural variations in the diiron complexes are
reflected in differences of their TONs. Under basic conditions
(pH >9), the asymmetric diiron complex [FeII2(H2L

4)(μ-
OAc)2]

+ (green symbols in Figure 12) shows higher TONs
than the symmetric isomer [FeII2(H2L

2)(μ-OAc)2]
+ (blue

symbols in Figure 12). This is independent of the oxidation
state of the Fe centers (i.e., comparison of data in the presence/
absence of ferrocenium hexafluorophosphate). It follows that
two hydrogen bond donors adjacent to one FeII center in the
FeII2 model complex help to prevent product inhibition more
efficiently than one hydrogen bond donor adjacent to each FeII

center. Interestingly, the impact of the hydrogen bond donors is
therefore the opposite of what was observed with the
corresponding ZnII2 complexes.

39

As mentioned in the previous section, a comparison of the
TONs obtained from assays containing the same FeII2 complex

Figure 12. Time dependence of the absorbance band of 2,4-nitrophenolate (400 nm, 25 °C, MeCN−buffer = 1:1, [complex] = 15 nM, [BDNPP] =
5.25 μM, see Experimental Section for details): (a) at pH 9.5 and (b) at pH 11 with [Zn2(BPMP)(μ-OAc)2]

+ (red), [FeII2(H2L
2)(μ-OAc)2]

+ (blue),
[FeII2(H2L

4)(μ-OAc)2]
+ (green squares), and [FeII2(H2L

4)(μ-OAc)2]
+ with 1 equiv FeIIICp2PF6 (green triangles).

Table 4. Turnover Numbers (TONs) of BDNPP Hydrolysis
for [FeII2(H2L

2)(μ-OAc)2]
+ and [FeII2(H2L

4)(μ-OAc)2]
+, as

Well as the Mixtures of [FeII2(H2L
4)(μ-OAc)2]

+ with 1 equiv
of Ferrocenium Hexafluorophosphate

TON after 9 h

complex pH 9 pH 9.5 pH 11

[FeII2(H2L
2)(μ-OAc)2]

+ 2 ± 2 26 ± 3 37 ± 5
[FeII2(H2L

4)(μ-OAc)2]
+ 11 ± 2 61 ± 4 86 ± 4

[FeII2(H2L
4)(μ-OAc)2]

+ + 1 eq FeIIICp2
+ 6 ± 6 39 ± 1 107 ± 7
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with or without the addition of ferrocenium hexafluorophos-
phate allows the study of the impact of the oxidation states of
the Fe centers. The TON of the asymmetric diiron complex
(H3L

4) is dependent on the oxidation state of iron:
measurements of TON at pH 9 and pH 9.5 resulted in higher
TONs for the reduced form (absence of ferrocenium
hexafluorophosphate), indicating that catalysis with the
heterovalent catalyst [FeIIIFeII(H2L

4)(solv)x]
4+ is inhibited by

a bridging phosphate product. This is in agreement with the
higher water exchange rate of FeII, compared to FeIII (106 s−1 vs
102 s−1).69−72 However, in a strong base (pH 11), the trend is
reversed, i.e., the FeIIIFeII complex of H3L

4 reveals a higher
TON than the FeII2 complex. Studies of the hydrolysis of
phosphomonoesters using DNPP as model substrate in the
TON assays revealed no acceleration of phosphoester
hydrolysis compared to the autohydrolysis, independent of
the symmetry and the oxidation state of the diiron complexes.

■ CONCLUSION
The two tetrakis-pyridine ligands H3L

2 and H3L
4, symmetrical

and asymmetrical, respectively, in terms of hydrogen bonding,
produce, under anaerobic conditions, [FeII2(H2L

2)(μ-OAc)2]-
PF6 and [FeII2(H2L

4)(μ-OAc)2]PF6 with structures as expected
for phenoxido-bridged phosphatase models. Under aerobic
conditions only the monoiron FeIII/Na+ complex [FeIIINa-
(H2L

4)(μ-OAc)2]PF6 could be isolated and structurally
characterized.
In the solid and in solution, [FeII2(H2L

4)(μ-OAc)2]PF6
consists of two weakly antiferromagnetically coupled high-spin
FeII centers with identical first but different second coordina-
tion spheres. Cyclic voltammetry indicates that [FeII2(H2L

4)(μ-
OAc)2]

+ has two reasonably well-separated redox waves (FeII2/
FeIIIFeII and FeIIIFeII/FeIII2) with a comproportionation
constant Kcom of 8.5 × 106. Therefore, the heterovalent diiron
complex [FeIIIFeII(H2L

4)(solv)x]
4+, obtained by oxidation of

[FeII2(H2L
4)(μ-OAc)2]

+ with ferrocenium hexafluorophosphate
under anaerobic conditions, could be trapped and characterized
by 57Fe Mössbauer, UV-vis, and EPR spectroscopy.
[FeIIIFeII(H2L

4)(solv)x]
4+ is an accurate structural model for

the active form of mammalian PAPs with a heterovalent diiron
core in an asymmetric geometry and, since it is phosphatase
catalyst, it also is a functional model. However, the relatively
low comproportionation constant indicates that the hetero-
valent complex is not very stable.
The phosphoester hydrolysis studies of the FeII2 complexes

of the tetrakis-pyridine ligands H3L
2 and H3L

4, and the FeIIIFeII

form of H3L
4, in comparison with the corresponding ZnII2

complexes, reveal that the activity depends on the secondary
coordination sphere and the Lewis acidity of the metal ion. The
initial hydrolysis rate seems to be independent of the geometry
of hydrogen bonding but the TONs are influenced by the
symmetry of the hydrogen bonding network. Interestingly, the
effect of the position of the pivaloylamide residues for the
corresponding ZnII2 complexes is quite different, and this
indicates that the steric bulk of the pivaloylamide groups and
semicoordination of the amide oxygen groups also are
important and obviously different for FeII, FeIII, and ZnII

centers. Because of the higher Lewis acidity and slower water
exchange rates, the FeII2 complexes have lower TONs and
higher hydrolysis rates and catalytic efficiencies than the ZnII2
complexes. Therefore, as expected for a decrease of the water
exchange rate and the higher Lewis acidity of FeIII, relative to
FeII,41,73 the oxidation of one of the two FeII centers in

[FeII2(H2L
4)(μ-OAc)2]

+ to a mixed valence FeIIIFeII complex
leads to a decrease of the TON. With H2L

2, the FeII2 complex
reveals a more basic pH maximum than the corresponding
FeIII2 complex, i.e., the role of the Fe

III center in the active site
of PAP is the provision of a nucleophilic hydroxide at low pH,
and the mixed valent diiron complex of H3L

4 with an
asymmetric disposition of the hydrogen bond donors therefore
is an accurate structural and functional model of PAPs.

■ EXPERIMENTAL SECTION
(i). NMR Spectroscopy. Nuclear magnetic resonance (NMR)

spectra were recorded with a Bruker Model AV500 spectrometer.
Chemical shifts are reported in units of δ, relative to the known solvent
peak reference: δH = 1.94 ppm for CD3CN; the symbol “s” was used as
abbreviation for a singlet. The software package TopSpin from
BRUKER was used for data processing.74

(ii). Magnetic Susceptibility Measurement by the Evans
Method. Magnetic moments in solution were measured for a solution
of known concentration of complex in CD3CN in a capillary which
was in a NMR tube carrying the same solvent. The experiments were
conducted with a Bruker AV500 instrument. Magnetic moments were
evaluated using eqs 5 and 6,

χ
π

ν
ν

χ χ= Δ + +⎜ ⎟⎛
⎝

⎞
⎠

3
4 cpara,subst dia,solv dia,subst (5)

χμ = T2.828 para,subst (6)

and appropriate corrections were considered.51

(iii). Solid-State Magnetic Susceptibility Measurement with
SQUID Magnetometry. Magnetic susceptibility in solid state were
examined with a MPMS-XL 5T superconducting quantum interference
device (SQUID) from Quantum Design. The powdered samples were
pressed into a PTFE band to avoid field-induced orientation and
incorporated into two plastic straws as sample holder. Diamagnetic
corrections for the PTFE band and the sample holder were applied.

(iv). X-ray Structure Analyses. X-ray crystallographic data were
collected with a Bruker AXS Smart 1000 CCD and an Agilent
Technologies SuperNova-E dual source (Mo or Cu) CCD
diffractometer.75−79 Using the software Olex2,80 the structures were
solved by iterative methods (SUPERFLIP)81,82 and refined by full
matrix least-squares methods based on F2 (SHELXL Version 2014/
6).83,84 In case of [FeII2(H2L

2)(μ-OAc)2]PF6 the structure was refined
with a diethyl ether solvate in the crystal cell. For [FeII2(H2L

1)(μ-
OAc)2]PF6 and {Na[FeII2(H2L

5)(μ-OAc)2]2}PF6 (see Supporting
Information) electron density attributed to disordered solvent was
removed from the structure with the BYPASS procedure as
implemented in PLATON (SQUEEZE).85−87 Partial structure factors
from the solvent masks were included in the refinement as separate
contributions to Fobs. All non-hydrogen atoms were given anisotropic
displacement parameters, unless they were disordered and were placed
at calculated positions. Hydrogen atoms were fixed geometrically and
were not refined. The X-ray structural data of the published structures
were deposited with the Cambridge Crystallographic Data Centre
(CCDC).

(v). Mass Spectrometry. High-resolution mass spectra were
collected with a Bruker microTOFQ ESI-MS spectrometer in the
School of Chemistry and Molecular Biosciences at the University of
Queensland and a Bruker Apex-Qe hybrid 9.4 T FT-ICR instrument at
the Institute of Organic Chemistry at the University of Heidelberg.
The data were processed with Bruker Compass Data Analysis software.

(vi). Elemental Analyses. Elemental microanalyses were
performed in the analytic laboratories of the Institute of Organic
Chemistry at the University of Heidelberg with an Elementar Vario
Mikro cube machine and the Carlo Erba Elemental Analyzer (Model
NA1500) in the School of Chemistry and Molecular Biosciences at the
University of Queensland.

(vii). Cyclic Voltammetry. Cyclic voltammetric measurements
were performed on a CH Instruments Model CHI660D electro-
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chemical workstation equipped with a Faraday cage using a three-
electrode setup consisting of a glassy carbon working electrode, a
platinum wire as a counter electrode, and a Ag/Ag+ (0.1 mM in NaCl)
reference electrode. The complex solutions were prepared with
degassed solvents with 0.1 M NBu4ClO4 as the electrolyte. The redox
potentials of the signals obtained were determined by comparison to a
ferrocene sample measured under the same conditions and referenced
vs SCE (E(Fc/Fc+) = 0.380 V vs SCE).46

(viii). EPR Spectroscopy. X-band EPR spectra were measured
with a Bruker Model Biospin ELEXSYS E500 spectrometer. The
microwave frequency and magnetic field were calibrated with a Bruker
frequency counter and an ER036 TM or an ER035 M Tesla meter.
Spin-Hamiltonian parameters were determined by computer simu-
lations of the experimental spectra using the programs XSophe and
MoSophe.88,89 The simulated and experimental spectra were visualized
with the software suite XeprView.90,91

(ix). UV-vis-NIR Spectroscopy. UV-vis-NIR spectra were
recorded at 25 °C with a TIDAS II J&M spectrophotometer and a
Varian Cary50 Bio UV/visible spectrophotometer in 10 mm quartz
cuvettes. Time-dependent UV-vis-NIR measurements were performed
using a TIDAS II J&M spectrophotometer. Time-course measure-
ments at fixed wavelengths were monitored by a JASCO Model V-570
spectrophotometer and a Varian Cary50 Bio UV/visible spectropho-
tometer with a Peltier temperature controller.
(x). Mössbauer Spectroscopy. 57Fe Mössbauer spectra of frozen

solutions were acquired with a conventional spectrometer incorporat-
ing an Oxford Instruments Mössbauer-Spectromag 4000 Cryostat,
equipped with a 57Co source (3.7 GBq) in a rhodium matrix in the
constant-acceleration mode at 170 K. Isomer shifts are given relative to
α-Fe at 300 K. Spectra were fitted using the NORMOS Mössbauer
Fitting Program.61

(xi). Synthesis of Complexes. The ligands H3L
2, H3L

4 and H4L
5

were prepared as described previously.21,39

(xii). Synthesis of Dinuclear FeII Complexes. The ligand (68.6
μmol) was dissolved under inert atmosphere in anhydrous, degassed
methanol (2.5 mL). The solution was treated with ironII acetate (137
μmol) and stirred at room temperature overnight. Sodium
hexafluorophosphate (140 μmol) was added and the mixture stirred
for 10 min before filtration through a syringe filter. Crystallization
from the filtrate was achieved with diffusion of diethyl ether, whereby
yellow crystals were obtained, which were collected by filtration.
[FeII2(H2L

2)(μ-OAc)2]PF6 (48.2 mg, 63%): 1H NMR (500.13
MHz, CD3CN): δ = 2.12 (s, 2H), 5.40 (s, 18H), 5.68 (s, 2H), 5.76 (s,
2H), 10.70 (bs, 2H), 13.00 (bs, 2H), 17.06 (s, 2H), 26.15 (s, 2H),
29.54 (s, 3H), 41.15 (s, 3H), 41.37 (s, 5H), 45.70 (bs, 2H), 55.14 (s,
2H), 57.07 (s, 2H), 80.81 (bs, 2H), 107.33 (bs, 2H), 157.62 (bs, 2H),
188.50 (s, 2H) ppm. HRMS (ESI+, CH2Cl2): m/z = 957.3074
([C47H57N8O7Fe2]

+, calcd. 957.3046). Elemental analysis (%) calcd. for
C47H57N8O7Fe2PF6: C, 51.20; H, 5.21; N, 10.16; found: C, 51.28; H,
5.46; N, 10.20.
[FeII2(H2L

4)(μ-OAc)2]PF6 (37.0 mg; 49%): 1H NMR (500.13
MHz, CD3CN): δ = −31.71 (bs, 1H), −17.11 (bs, 1H), −12.52 (bs,
1H), −5.86 (bs, 1H), −1.20 (s, 1H), 3.86 (s, 9H), 4.08 (s, 9H), 7.49
(s, 1H), 9.48 (s, 1H), 9.67 (s, 1H), 12.52 (s, 1H), 17.21 (bs, 1H),
22.61 (s, 1H), 27.49 (s, 1H), 32.89 (s, 1H), 36.04 (s, 1H), 36.11 (s,
4H), 41.10 (s, 3H), 41.55 (s, 1H), 46.06 (s, 1H), 50.39 (s, 2H), 52.42
(s, 1H), 57.01 (s, 3H), 67.36 (s, 1H), 69.39 (s, 1H), 73.79 (s, 1H),
77.16 (s, 1H), 93.51 (s, 1H), 120.21 (bs, 1H), 148.20 (bs, 1H), 166.91
(s, 1H), 189.14 (s, 1H) ppm. HRMS (ESI+, CH2Cl2): m/z = 957.3087
([C47H57N8O7Fe2]

+, calcd. 957.3046). Elemental analysis (%) calcd. for
C47H57N8O7Fe2PF6: C, 51.20; H, 5.21; N, 10.16; found: C, 51.17; H,
5.30; N, 10.05.
(xiii). Synthesis of [FeIIINa(H2L

4)(μ-OAc)2]PF6. H3L
4 (68.6 μmol)

was dissolved under inert atmosphere in anhydrous, degassed
methanol (2.5 mL). The solution was treated with iron(II) acetate
(137 μmol) and stirred at room temperature overnight. Sodium
hexafluorophosphate (140 μmol) was added and the mixture stirred
for 10 min before filtration through a syringe filter. The yellow
solution was treated with degassed diethyl ether (2.0 mL) and exposed
to air. Crystallization was achieved with diffusion of diethyl ether,

whereby purple crystals were obtained, which were collected by
filtration. The unusual presence of a Na+ ion with a phenolate-based
ligand was additionally confirmed by elemental analysis. The
calculation of the molecular formula derived from the analytical data
is C48H49N8F6FeNa, which compares to the required molecular
formula C47H57N8O7F6FeNa for [FeIIINa(H2L

4)(μ-OAc)2]PF6 and
proves the Fe:Na ratio of 1:1. Elemental analysis (%) calcd. for
C47H57N8O7FeNaPF6: C, 52.77; H, 5.37; N, 10.47; F, 10.66; Fe, 5.22;
Na, 2.15; found: C. 51.11; H, 4.62; N, 9.96; F, 10.17; Fe, 5.84; Na,
2.27.

(xiv). Kinetic Assays. Phosphoester hydrolysis activity of the
complexes was probed with a spectrophotometric assay using BDNPP
as phosphodiester model substrate. BDNPP was synthesized following
published procedures with minor modifications.92 Cleavage of the
phosphorus−oxygen bond was followed at 25 °C by monitoring the
generated product, 2,4-dinitrophenolate, by its strong absorption at
400 nm (ε = 12 100 M−1 cm−1). All measurements were carried out in
1:1 acetonitrile−buffer mixtures and performed in triplicate. The
complex was allowed to equilibrate in the acetonitrile−buffer mixture
for 1 min prior to the addition of substrate. When the substrate was
added to the reaction mixture, the starting hydrolysis activity was
monitored in the time between 15 s and 195 s and analyzed by linear
regression. For each experiment, autohydrolysis assays were conducted
by measuring the hydrolysis rate under the same conditions, but
lacking the catalyst, and were subtracted from the derived data. The
aqueous buffer consisted of 2-(N-morpholino)ethanesulfonic acid
(MES) (50 mM; pH range: 5.5−6.7), 4-(2-hydroxyethyl)piperazine-1-
ethanesulfonic acid (HEPES) (50 mM; pH range: 6.8−8.2), 2-
(cyclohexylamino)ethanesulfonic acid (CHES) (50 mM; pH range:
8.6−10.0), 3-(cyclohexylamino)-1-propanesulfonic acid (CAPS) (50
mM; pH range: 9.7−11.1) and lithium perchlorate (250 mM) for ionic
strength control. The desired pH of the buffers was adjusted by
addition of aqueous sodium hydroxide solution. Following treatment
with Chelex, (Chelex 100, sodium form) overnight and filtration with
45 μm syringe filters ensured the absence of additional metal ions in
the buffer solutions. The pH values reported refer to the aqueous
component; however, note that the pH of a 1:1 mixture of buffer and
acetonitrile was the same, within error, as that of the corresponding
buffer solution itself.93,94 The activated model substrate BDNPP was
initially prepared as 15 mM solution in acetonitrile and the complex
solutions were 1 mM in acetonitrile. The pH dependence of the
activity was studied by varying the pH value of the multicomponent
buffer in the pH range of 5−11. In this process, the assays contained
the complex 0.04 mM and BDNPP 5 mM in the cuvette. Substrate
concentration dependence of the catalytic rate was examined with a
fixed complex concentration of 0.04 mM and various BDNPP
concentrations. Studies of the turnover number (TON) were
conducted using a complex concentration of 15 nM and a BDNPP
concentration of 5.25 μM. Samples were taken at various intervals
during the experiment, diluted with solvent, and their UV-vis spectra
were recorded to determine the progress of phosphoester hydrolysis.
The increase in the absorbance at 400 nm, assigned to the hydrolysis
product 2,4-dinitrophenolate, was monitored over time and TON
values were calculated using the Beer−Lambert Law.
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