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Molecular catalysts for water oxidation and other electrochemical transformations have been a focus of signif-
icant research over recent decades. Among these, a-[Fe(mcp)Ly] complexes stand out as one of the most active
non-heme iron-based molecular catalyst for water oxidation. This study investigates how the Fe(II)/Fe(III) redox
potential of these catalysts varies with the identity of their labile ligands (L). Using cyclic voltammetry and
complementary spectroscopic techniques (UV/Vis, 'H NMR), we examined how ligands bind to the metal centre.
Systematic variation of the labile ligand (L) demonstrated that the catalyst’s redox potential in acetonitrile so-
lution strongly depends on ligand identity. By introducing stoichiometric amounts of different anions to the
electrolyte, the redox potential was tuned across a 1.5 V potential window.

In aqueous solutions, the redox potential depended on both pH and electrolyte anion identity. These de-
pendencies were successfully fitted to a thermodynamic model that was obtained by extending the typical
proton-coupled electron transfer square scheme into a cube scheme that incorporates anion binding. The
equation derived from this model provides valuable insights into the ligand-binding dynamics at the iron centre

under diverse conditions.

1. Introduction

The storage of energy from renewable sources remains a critical
challenge for the transition to a sustainable energy grid. One of the key
technologies in this endeavour involves hydrogen production via water
electrolysis. Hydrogen can be used directly as a fuel, or as an interme-
diate in the synthesis of other chemicals e.g. as a reductant in the pro-
duction of steel. The electrolysis of water consists of two half reactions:
the proton reduction or hydrogen evolution reaction (HER) and the
water oxidation or oxygen evolution reaction (OER). In this process,
electrical energy is converted into chemical energy within the bonds of
O, and Hy, which can later be released, for example, in a fuel cell. Water
oxidation, however, is widely regarded as a bottleneck due to its com-
plex 4e”/4H" mechanism, which requires substantial overpotential to
proceed efficiently [1,2]. To enhance energy efficiency, catalysts are
essential to lower the overpotential for both the HER and the OER.
Conventional catalysts are usually heterogeneous multisite catalysts,
based on rare and costly transition metals. In contrast, molecular cata-
lysts are singlesite catalysts, offer tuneable properties, and the potential
to utilize abundant transition metals like iron. As a result, molecular
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catalysts have attracted significant interest for developing novel water
oxidation catalysts and advancing mechanistic insights [1,3-6].

a-[Fe(mcp)Ly] complexes (Scheme 1) have been used as catalysts for
the oxidation of organic molecules [7,8] as well as for chemical and
electrochemical water oxidation [2,4,9-13]. a-[Fe(mcp)Clp] (1) and
a-[Fe(mcp)(OTf)2] (2) rank among the most efficient non-heme
iron-based water oxidation catalysts. Despite the structural similarity
between these complexes differing only in the nature of their labile
ligands (Cl™ vs. OTf "), a-[Fe(mcp)Cly] (1) consistently exhibits slower
OER catalysis compared to a-[Fe(mcp)(OTf)s] (2), even though full
dissociation of the labile ligands is usually assumed for both complexes
[2,4].

In our initial investigation of the electrochemical properties of 2 and
1 in MeCN, significant differences in redox potentials were observed,
prompting a deeper exploration of how labile ligands (L) affect the redox
potential of a-[Fe(mcp)Ly] catalysts. Even though it has been shown that
anions as well as cations can affect the redox potential of redox active
compounds significantly [14-18] and that the presence of certain ions
can alter the catalytic mechanism of transition metal complexes [11,19],
little attention has been given to their influence on the catalyst redox
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Scheme 1. Structure of a-[Fe(mcp)Cl.] (1) and a-[Fe(mcp)(OTf)2] (2).

properties. Detailed insights into this influence are crucial, given the
diverse electrolytes, buffers, and sacrificial oxidants typically employed
in catalytic studies of molecular catalysts. Improved models for these
effects could enhance understanding of catalytic behaviour and improve
comparability among molecular catalysts.

This study aims to highlight the importance of anion choice in so-
lution. Using simple and accessible techniques such as cyclic voltam-
metry and UV/Vis spectroscopy, we link redox potential shifts to specific
anion binding. The impact of different anions on the redox potential of
the Fe(II)/Fe(Ill) transition in a-[Fe(mcp)Ly] is systematically studied
using cyclic voltammetry in both organic and aqueous solutions. Anion
binding to the Fe(ll) state is further characterized by UV/Vis spectros-
copy. Strongly coordinating anions (cyanide and halides) and weakly
coordinating anions (PFg, OTf ) were studied in organic solutions. In
aqueous solutions, common electrolyte anions such as Cl0z, NO3, OTf ",
Cl, and SOF~ were investigated.

2. Experimental
2.1. General

Chemicals were purchased from Merck or VWR and used without
further purification unless stated otherwise. Anhydrous (anh.) MeCN
was purchased from Merck, degassed by purging with Ny for 1 h and
subsequently stored in a Ny filled glovebox (MBraun).

2.2. Synthesis

The synthesis of the mep ligand (7, N,N’-bis(2-pyridylmethyl)-N,N’-
dimethyl-trans-1,2-di aminocyclohexane) and the corresponding com-
plexes followed procedures of Costas and co-workers (supporting in-
formation: section 1) [9,20]. a-[Fe(mcp)Clz] (1) and a-[Fe(mcp)(OTf)2]
(2) were stored under Ns in a glovebox as a-[Fe(mcp)(OTf)2] (2) as well
as solutions of a-[Fe(mcp)Cly] (1) react with oxygen (supporting infor-
mation: section S2 Figure S2) [7,10,21].

2.3. Nuclear magnetic resonance (NMR) spectroscopy

NMR-spectra were measured using a Bruker Avance Neo [500 MHz
(1H), 126 MHz (13C)] spectrometer with an inverse probe (TXO (CRPHe
TR-13C/!*N/!'H 5mm-7)) or an Agilent MR400-DD2 [400 MHz (1H), 101
MHz (13C)] spectrometer. Chemical shifts are reported in parts per
million (ppm) relative to the tetramethylsilan signal, using the residual
solvent signal as an internal reference (CD3CN: &y = 1.94 ppm, CDCl3:
8y = 7.26 ppm, 8¢ = 77.16 ppm) [22]. Air sensitive samples were pre-
pared in a Ny filled glovebox. The compounds were dissolved in
degassed CD3CN, filtered through a syringe filter (VWR: PTFE, 0.45 pm)
and sealed in a Schlenk NMR tube (Wimap low pressure/vacuum (LPV)).

Variable temperature (VT) lH NMR spectra were recorded in 10 °C
intervals starting at 25 °C, decreasing the temperature until —35 °C.
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Subsequently the temperatures between 35 °C and 55 °C were measured.
The sample was given ~2 min to equilibrate after each temperature
change.

2.4. Cyclic voltammetry

Cyclic voltammetry was carried out in a three-electrode setup using
an Autolab PGSTAT302N potentiostat (Merroum). Glassy carbon disc
electrodes (d = 3.0 mm, BASi) served as working electrodes and were
polished on a DP-Nap pad (5 pcsf, STrRUERS) using a paste of MicroPolish
alumina powder (0.3 pm, Buenter) and distilled water. A platinum wire
served as the counter electrode and was cleaned in a flame prior to use.

Experiments in MeCN were carried out in a nitrogen filled glovebox
using 0.1 M NBuy4PFg or 0.1 M NBusOTf as the support electrolyte. A silver
wire submerged in a solution of AgNOg3 in the respective electrolyte
served as the reference electrode. The fritted glass tube holding the
silver wire was placed in a separate compartment filled with the
respective electrolyte preventing contact of the silver ions and e.g., the
halide ions in the analyte solution. Potentials in organic solution are
reported vs. the ferrocene/ferrocenium (Fc/Fc™) redox couple used as an
internal reference.

Experiments in aqueous solutions were carried out in a Faraday cage,
using Ag/AgCl (3 m NaCl, 0.209 V vs. SHE) as the reference electrode.
Potentials are reported against SHE. All electrolyte solutions were
freshly prepared using deionized water and the respective salt and
purged with N for several minutes.

Standard potentials were approximated by averaging the anodic and
cathodic peak potentials of the respective redox process (E® ~ (Epq +
EPC) /2). A formal potential E®” was defined as the potential where the
sum of concentrations of all oxidized analyte species equals the sum of
concentrations of all reduced species. Redox potentials are reported in V
vs. the respective reference and rounded to two digits after the decimal
point. Due to the sensitivity of the redox potential of the given complex
to experimental conditions, a general uncertainty of ~20 mV is
assumed. Measurements were started around or below the observed
open circuit potential (OCP). All observed OCPs in this study and the
respective zero current lines were below the respective redox potentials,
hence in all cases the iron complexes were initially in oxidation state -+1II.
As most CVs were stable and to improve the readability only the 3rd
cycle is depicted with the exception of Figure S7.

Peak currents (i,) were obtained after subtracting a linear extrapo-
lation of the current prior to a redox wave as the baseline. Diffusion
coefficients (D) were calculated from the slope of a plot of the peak
current (i,) versus the square root of the scan rate () according to the
Randles-Sevéik Eq. (1). Subsequently, hydrodynamic radii (r;) were
estimated as the Stokes radius of a spherical particle (a) using the Stokes-
Einstein Eq. (2):

1

. nFuD\ 2

i, = 0.4463 nFAC( RT ) (€D)
kT

Th=a= 67nD @

With temperature T = 25°C = 298.15 K, electrode surface A =
7.1 mm?, the viscosity of pure MeCN at 25 °Cy = 0.369 cP [23].

2.5. Sample preparations CV

To investigate the influence of different anions in MeCN solution,
0-4 eq of the respective tetrabutylammonium salt (NBuyF, NBu4Cl,
NBuyBr, NBuyl, NBusCN) were added to solutions of a-[Fe(mcp)(OTf)s]
(2) in MeCN (for UV/Vis spectroscopy) and in 0.1 m solutions of
NBu4OTf or NBuyPFg in MeCN (for CV). All samples were prepared in a
nitrogen filled glovebox. More detailed information on the sample
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preparation can be found in the supporting information.

To investigate the influence of different electrolyte anions in aqueous
solution, the sodium salts of the anion of interest (Na;SO4, NaCl, NaOTf,
NaNOs, and NaOCly) were dissolved in a previously prepared 1 mm so-
lution of a-[Fe(mcp)(OTf),] (2) in N purged deionized H,O.

2.6. pH dependence

a-[Fe(mcep)(OT();] (2) was dissolved in Ny purged aqueous KOTf (0.1
M), NaCl (1.0 m), or NaySO4 (1.0 m) to obtain 1 mm solutions. The pH was
measured using a pH meter 744 from Metroum. The pH of the solutions
were adjusted by adding small volumes of appropriately concentrated
aqueous solutions (conc., 1 m, 0.1 m, and 0.01 m) of HOTf, HCI, HySO4,
KOH, and NaOH (selected based on the respective ions of the electro-
lyte). The solutions were purged with N after each pH adjustment and
before each pH and CV measurement.

2.7. UV/vis spectroscopy

UV/Vis spectra were recorded using an Agilent 8453 spectrometer
and a sealable rectangular quartz cuvette (pathlength 10 mm, Arprich).
Samples in anh. MeCN were prepared in a N filled glovebox and the
cuvette was sealed with a screwcap. Samples in aqueous electrolytes
were prepared by dissolving the complex in the respective No purged
electrolyte in an Nj, filled vial. The solution was then transferred to a No-
filled cuvette equipped with a septum using a syringe. A background
spectrum of the cuvette filled with the respective solvent was subtracted.

3. Results and discussion
3.1. Synthesis and VT-NMR

Racemic mixtures of a-[Fe(mcp)Cly] (1) and o-[Fe(mcp)(OTf)2] (2)
were successfully synthesized according to modified literature proced-
ures [9,20] and analyzed using variable temperature (VT)—lH NMR
spectroscopy (supporting information: section S1 and S5). Both Fe(II)
complexes are paramagnetic at room temperature apparent from the
wide chemical shift range (~150-—30 ppm). In both cases, 12 signals
were observed indicative of the Cy symmetry of the a constitutional
isomer. Hence, both labile ligand positions need to be occupied by the
same molecule/ion as the symmetry would be otherwise broken. As
reported before, a-[Fe(mcp)(OTf)2] (2) shows a spin crossover in CD3CN
upon lowering the temperature [20]. In contrast no spin crossover was
observed for a-[Fe(mcp)Clz] (1). For a-[Fe(mcp)(OTf),] (2), dissociation
into the solvent coordinated oc-[Fe(mcp)(NCCDg,)z]2+ and two triflate
ions is assumed [20]. As a-[Fe(mcp)Clz] (1) does not show a spin
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crossover and maintains the Cy symmetry, we hypothesise that it does
not dissociate in CD3CN. This is in accordance with the electrochemical
and UV/Vis spectroscopic results discussed in 3.2.1. The lower ligand
field strength of chloride ligands compared to acetonitrile ligands leads
to a lower ligand field split and therefore stabilizes the high spin state.

3.2. Characterization in acetonitrile

3.2.1. Chloride ions

The cyclic voltammogram of o-[Fe(mcp)(OTf),] (2) with NBusOTf
(100 mm) in MeCN as electrolyte showed a redox potential of 0.58 V vs.
Fc/Fc™ while a-[Fe(mcp)Cly] (1) showed a significantly lower redox
potential of —0.23 V vs. Fc/Fc' in the same electrolyte. To understand
this phenomenon better and to explore to what extent chloride ions bind
to the iron center and how they are involved in the redox process, cyclic
voltammograms of a-[Fe(mcp)(OTf)2] (2) in the presence of increasing
amounts of chloride ions were performed. The quasi-reversible redox
wave at 0.58 V transformed during the addition of 2.0 eq of chloride
ions, giving rise to a reversible redox process at —0.23 V vs. Fc/Fc™
(Fig. 1a), matching the CV of a-[Fe(mcp)Cl;] (1). No significant chloride
oxidation could be observed during the addition up to 2.0 eq. Further
addition of chloride ions gave rise to a chloride oxidation wave at
approximately 0.7 V vs. Fc/Fc*. These results imply a strong binding of
chloride ions to the labile sites of the iron complex, stabilizing the
oxidized state, hence lowering the redox potential. Furthermore, UV/Vis
spectroscopy confirms this observation (Fig. 1b). The spectrum of a-[Fe
(mcp)(0TD2] (1, Amax, 1. = 240 nm, Apax, mcT = 376 nm), which again
we assume to be the solvent coordinated complex a-[Fe(mcp)
(NCCH3)-] 2+ (Fig. 4b), transformed with bathochromic shifts in both the
ligand (L) as well as the metal to ligand charge transfer (MLCT) transi-
tion and with an overall decrease of the extinction coefficient to the
spectrum of o-[Fe(mcp)Clo] (1, Amax, 1. = 260 Nm, Amax, Mrct = 410 nm
[21]). We speculate that electrostatic interactions with the charged
chloride ligands are the main cause of the bathochromic shift of the
MLCT-band. Such interactions raise the energy of the electrons in the
d-orbitals, decreasing the energy gap to the n*-orbitals of the pyridine
ligand. The higher energy of the d-electrons would also account for the
reduction in redox potential. For the addition of one equivalent of
chloride ions, isosbestic points at 261, 277, 310 and 426 nm were
observed, while the addition of the second equivalent had an isosbestic
point at 408 nm. This suggests two consecutive transitions already in the
Fe(ID) state from the initial complex first to a monochlorinated (dimer,
discussed below) and then to a dichlorinated species. These UV/Vis
spectroscopic results support the findings from the VT-'H-NMR that the
binding occurs already in the Fe(II) state. Adding up to 4.0 eq of chloride
ions further shifted the MLCT band. However, as we observed a shift of

absorbance / a.u.

O’. . i ‘k‘__—_
200 250 300 350 400 450 500 550 600
Al nm

Fig. 1. o-[Fe(mcp)(OTf),] (2) in the presence of increasing amounts of NBuyCl (blue: 0.0-1.0 eq, black: 1.0 eq, green 1.0-2.0 eq) a) 3rd cycle of the cyclic vol-
tammograms with 0.1 v NBusOTf (c = 1 mwm) in MeCN and v = 0.1 V/s; b) UV/vis spectra in MeCN (c = 0.2 mwm).
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the isosbestic point above 2 equivalents as well, we attributed this
change to a different process than the continuous binding of chloride
ions to the metal center. In addition, unbound chloride ions were
observed in the cyclic voltammogram obtained at 4.0 eq of chloride ions
as it showed a dominant chloride oxidation peak (supporting informa-
tion: Figure S6).

At 1.0 equivalent of chloride ions, the peak currents of the redox
process at 0.58 V are about half of their original height at 0 eq (Fig. 1).
The reversible redox process at —0.23 V corresponding to a-[Fe(mcp)
Clz] could not be observed. Instead, an anodic peak at E,; = 0.18 Vand a
cathodic peak at E,. = —0.23 V were observed. We hypothesized the
formation of a dimer [Fe(Il)(mcp)(p-Cl)12 (8) which had a higher redox
potential than a-[Fe(mcp)Cly] (1) (scheme S2). A similar dimer with two
p-hydroxy ligands has in fact been reported [24]. Following the oxida-
tion at around 0.1 V vs. Fc/Fc™, the dimer falls apart into a-[Fe(III)(mcp)
Cl]* (1) and a-[Fe(ID(mep)(NCCH3),]%*. The latter is oxidized at the
same potential (0.58 V vs. Fc/Fc™) as before the addition of chlorides but
with half the current due to its lower concentration. Upon scan reversal,
first a-[Fe(II)(mcp)Ls] G-D+ (with L = MeCN or OTf™ and 1 being the
number of negative charges of the labile ligand) is reduced at E,. = 0.64
V vs. Fc/Fc ™ while a-[Fe(III)(mep)Cly] T (1 1) is reduced at a much lower
potential (Epc = —0.23 V vs. Fc/Fch). There is also a shallow cathodic
peak that we assign to the reduction of the dimer (E,c = ~0.15 V vs.
Fc/Fc™). After all species are reduced, the dimer reforms so that almost
no oxidation wave of a-[Fe(mcp)Cl,] can be observed.

This dimer hypothesis was supported by a scan rate study. The
diffusion coefficients were determined by plotting the peak current vs.
the square root of the scan rate (supporting information: Figure S5) and
using the Randles-Sevéik Eq. (1). These in turn were converted into
hydrodynamic radii using the Stokes Einstein Eq. (2). The ratios of the
hydrodynamic radii obtained from reduction peaks at —0.23 V (D =
0.10-10 ® cm?/s, 7 = 5.4 A) and 0.64 V (D = 0.10-10 % em?/s,r = 5.7 A),
corresponding to monomeric species, to the radius of the dimer, ob-
tained from the oxidation peak at 0.28 V (D = 5.37.10°° cmz/s, r=11.0
A), were 0.49 and 0.52 respectively. These values support the existence
of an intermediate species of about twice the size of either 1 or 2. At high
scan rates, the small reduction peak close to the redox potential of the
dimer increased in size. As before, we attribute this peak to the reduction
of the dimer if not given enough time to dissociate (supporting infor-
mation: Figure S5).

Taken together, these results offer a detailed understanding of
chloride binding in the a-[Fe(mcp)Ly] system. The data reveal that
chloride ions bind quantitatively to labile sites in the iron complex in
both oxidation states, modulating the redox potential and stabilizing the
higher oxidation state of the complex significantly. At lower chloride
equivalents, dimerization of the iron complex becomes thermodynami-
cally favourable in the reduced state. The dimer has a reduction po-
tential around 0.17 V vs. Fc/Fct which is mid-way between the
reduction potential of the fully chlorinated monomer o-[Fe(mcp)Cls] (1,
—0.23 V vs. Fe/Fc 1) and a-[Fe(mcp)(MeCN),] in the presence of triflate
ions (0.58 V vs. Fc/Fct) and we assign the absorptions peaks centered at
259 nm and 380 nm to the dimer.

3.2.2. The redox potential in the presence of weakly coordinating anions
The strong binding of chloride ions prompted us to investigate the
potential influence of weakly coordinating anions (WCAs) on the redox
chemistry of a-[Fe(mcp)(L)2]. Cyclic voltammetry was performed using
0.1 m NBuyPFg and 0.1 m NBu4OTf. As mentioned above, using NBusOTf
resulted in a quasi-reversible redox process at 0.58 V vs. Fc/Fc'. In
contrast, when NBusPFg was used as the electrolyte, a reversible redox
process was observed at 0.66 V vs. Fc/Fct (Fig. 2). Cyclic voltammo-
grams obtained at 100 mV/s at different PFg/OTf ratios showed a
gradual shift between the two extremes (Fig. 2). Both the oxidation and
reduction peaks shifted to lower potentials with increasing amounts of
triflate ions. The reduction peak shifted further than the oxidation peak
leading to an increase in peak split from 62 mV for NBusPFg to 136 mV
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104 — PF5/OTf~ 100/1 0.67V
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Evs. Fc/Fc™ IV

Fig. 2. 3rd cycles of the cyclic voltammograms of a-[Fe(mcp)(OTf),] (2, 0.5 mm)
in NBu4PFs/NBu4OTf (100 mm, purple: >50/50 blue: <50/50) in anh. degassed
MeCN at v = 0.1 V/s. The ratios in the legend of the plot refer to the total amount
of ions in the mixture counting in the triflates originally coordinated to
the complex.

for NBuyOTf. Increasing the scan rate at equal concentrations of OTf "
and PFg revealed two different reduction processes indicative of an
electron transfer followed by a ligand exchange reaction (EC mecha-
nism) (Fig. 3). This observation clearly indicates that the triflate ions,
despite being considered weakly coordinating, are involved in the redox
process. This observed shift can be accounted for by an equilibrium
between a solvent-coordinated and a OTf coordinated version of the
complex. If the oxidized form is given enough time, the Fe(II)-
complexes coordinate triflate ions stabilizing the oxidized state lead-
ing to a lower reduction potential. The UV/Vis that we have previously
assigned to ot-[Fe(mcp)(NCCHg)g]2+ did not change upon the addition of
NBu4PFg (0.1 M, 500 eq) (Fig. 4b). Adding NBusOTf on the other hand
led to a decrease in extinction coefficients for both the MLCT and the
ligand absorption. The triflate ions compete with the acetonitrile
molecule for the labile ligand positions already in the Fe(Il) state. If the
concentration is high enough e.g. if triflates are used as the support
electrolyte, this equilibrium cannot be neglected and effects the spec-
troscopic and electrochemical properties of the complex.

3.2.3. Other anions

Apart from chloride and triflate ions, the redox potential of o-[Fe
(mcp)(OTI),] (2) in the presence of fluoride, bromide, iodide, and cya-
nide ions was also investigated (Fig. 4 and Table 1).

In this series, the addition of fluoride ions led to the largest change in
redox potential. A partially reversible wave at —0.91 V vs. Fc/Fc™ was
observed. The peak current is lower compared to the redox wave before

40 200vis 072V
1.00 V/s 0.66 V!
—0.10 V/s 058V |
20{—0.05 V/s v
< W
~ | —
~ o .
L }
| |
20 | o

02 03 04 05 06 07 08 09 10
E vs. Fc/Fc* 1V

Fig. 3. 3rd cycles of the cyclic voltammograms of a-[Fe(mcp)(OTf)-] (2, 0.5 mm)
in 1/1 NBuyPFs/NBu4OTf (100 mm) in anh. degassed MeCN at different scan rates
(Epq (grey), Epc and corresponding EY" attributed to the presence of OTf~
(blue)/PFg (purple)).
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3
b) il ] — 0 eq NBu,X
5 | — 500 eq NBu,PF,
® \ — 500 eq NBu,OTf
- | 240 nm —2eqNBu,F
8 | —2eq NBu,Cl
Qe 244 nm 4
% | —2 eq NBu,Br
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S l 376 nm 2 eq NBu,CN
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78 n
0+ ,
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Fig. 4. a) 3rd cycles of the cyclic voltammograms of a-[Fe(mcp)(OTf).] (2, 1 mm) in anh. degassed MeCN using 0.1 m NBu4PFg as the electrolyte, without other anions
(purple), in presence of 2 eq of NBuyF (petrol), NBuyCl (green), NBuyBr (red), or NBuyCN (yellow), or using 0.1 m NBu,OTf (blue) instead of NBusPFg (v = 0.1 V/s,
WE = GC, CE = Pt) b) UV/Vis spectra of a-[Fe(mcp)(OTf),] (2, 0.2 mm) in anh. degassed MeCN without additional anions (black), in presence of 500 eq (0.1 m) NBuyPFg
(purple), or NBu,OTTf (blue), or 2 eq of NBuyF (petrol), NBuyCl (green), NBuyBr (red), NBuyl (grey), or NBusCN (yellow).

Table 1
Summary of the observed redox potentials as well as absorption bands after the
addition of different anions to o-[Fe(mcp)(OTf)5] (2) in MeCN (0.1 ™ for PFg,

OTf"; 2 eq forBr, Cl", F, CN").

anion E‘i AEp Amax, L Amax, MLCT
V vs. Fe/Fe™ mV nm nm

PFe 0.66 62 240* 376*

OTf™ 0.56 136 244~ 376*

Br— —0.04 73 257 378

Ccl™ —0.22 58 260 410

F~ —-0.91 64 259 505

CN™ -0.17 62 255 452

" as PFg and OTf™ are weakly coordinating, the labile ligand positions are
predominantly occupied by MeCN.

the addition of fluoride ions and decreases over consecutive cycles
(supporting information: Figure S6 and S7). Lowering the scan rate or
adding more fluoride ions leads to an irreversible oxidation process
(supporting information: Figure S7). The MLCT absorption band was
subject to a comparably large hypsochromic shift resulting in a very
broad absorption around Amax, micr = 505 nm. We attribute these
changes to the formation of a a-[Fe(mcp)F3] complex.

The addition of bromide ions followed a pattern similar to that of
chloride ions. A quasi-reversible redox reaction at —0.04 V vs Fc/Fc™
was observed after the addition of 2 eq NBusBr which was attributed to
a-[Fe(mcp)Br;]. Both the ligand and the MLCT absorption bands showed
a small hypsochromic shift (Amax, 1. = 257 nm, Amax, Mrcr = 378 nm)
accompanied by a decrease in the extinction coefficients. The addition of
only 1 eq bromide ions led to a similar response as for 1 eq of chloride
ions, in analogy we attribute this to a a-[Fe(mcp)(p-Br)]s-dimer (sup-
porting information: Figure S6).

For the addition of iodide ions to the iron complex, no ligand ex-
change could be observed with cyclic voltammetry. The original redox
wave prior to NBuyl addition persisted and was merely overlayed with a
background current of a preceding iodide oxidation process (supporting
information: Figure S6). However, the UV/Vis spectrum indicated
binding to the iron centre by a decrease in the oscillator strength and a
negligible hypsochromic shift comparable to the presence of triflate
ions.

Adding cyanide ions gave rise to a reversible oxidation at —0.17 V vs
Fc/Fc' after adding 2 eq of NBusCN. Both the ligand and MLCT ab-
sorption bands showed a hypsochromic shift (Amax, 1. = 255 nm, Amax,
MLcT = 452 nm), yet the extinction coefficient of the ligand absorption
decreased while the one for the MLCT absorption increased. Adding only
1 eq led to four reversible/quasi-reversible redox processes at —0.16 V,
—0.04 V, 0.44 V, and 0.95 V vs. Fe/Fc ™, the origin of which have not yet
been understood (supporting information: Figure S6).

These experiments demonstrate the versatile redox chemistry of
a-[Fe(mep)Ly]. The redox potential of the Fe(Il)/Fe(Ill) transition is
strongly dependent on the nature of the labile ligands and can be tuned
over a potential window of 1.5 V by careful selection of the anions
present in the electrolyte. F~, C1™, Br~, and CN™ bind strongly to the Fe
(II) complex, with only two equivalents typically required to fully
transform the redox wave. For the halide ions F~, C1™, Br~ we found a
linear correlation between the redox potential and the reciprocal dis-
tance of the center of the ion to the center of a Fe>* ion calculated from
the respective ion radii (supporting information: Figure S8) [23]. This
indicates that electrostatic interactions are predominant in stabilizing of
the Fe(IlI) state. As mentioned in Section 3.2.1 we also contribute the
bathochromic shifts of the MLCT-bands to an increase in energy of the
d-electrons caused by electrostatic interactions with the charged li-
gands. However, since orbital interactions between the ligands and the
metal center affect the ligand field split, the change in redox potential
does not correlate with the energy difference of the absorption bands.

3.2.4. The redox potential in acetonitrile in the presence of water

Adding water to a solution of a-[Fe(mcp)(OTf)2] (2) in MeCN
resulted in a gradual displacement of the labile ligands with increasing
amounts of water. The UV/Vis spectrum of a-[Fe(mcp)(OTf)2] (2, Amax, L.
= 241 nm, Amax, Mrcr = 376 nm) transformed notably, showing a
bathochromic shift in the ligand (L) absorption, a hypsochromic shift in
the MLCT transition. Isosbestic points at 261, 276 and 312 nm were
observed. The peak positions and relative peak heights in the obtained
spectrum after the addition of ~15% H20 (Amay, 1. = 258 nm, Amax, MLCT =
365 nm) (Fig. 5b) closely resemble the spectra obtained of a-[Fe(mcp)
(0Tf)2] (2) and a-[Fe(mep)Cly] (1) in water (supporting information
Figure S2 and S10). These spectra were assigned to a-[Fe(mcp)(OH)
(OH)]1™ (see Section 3.3). We interpret this as the displacement of both
initial ligands by water molecules, of which one is deprotonated to a
hydroxy ligand upon coordination.

In cyclic voltammetry, the redox potential of the quasi-reversible
oxidation initially broadened and shifted linearly with the water con-
centration from 0.56 V to 0.31 V vs. Fc/Fc' during the addition of the
first 3% of water (see black line in Fig. 5a). Beyond this point, the initial
redox wave diminished, giving rise to another quasi-reversible oxidation
at —0.02 V vs. Fc/Fc ™. After the addition of ~10% of water, the CV did
not change significantly, suggesting that the coordination environment
of the iron center had stabilized in the presence of water. We hypothe-
size that the shift in the higher redox wave is caused by a gradual
displacement of acetonitrile ligands with water ligands. The consecutive
diminishing of that wave and the emergence of a redox process with a
lower redox potential could be attributed to the deprotonation of one
water ligand.
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Fig. 5. o-[Fe(mcp)(OTf),] (2) in the presence of increasing amounts of H,O a) 3rd cycle of the cyclic voltammograms in ~0.1 M NBusOTf (¢ = ~1 mm, v = 0.1 V/s) in
MeCN; b) UV/vis spectra in MeCN (¢ = ~0.2 mwm); (blue: predominantly MeCN coordinated, cyan: predominantly water/hydroxy coordinated, black: first CV where

the peaks of the lower redox wave are observed).

3.3. Anion and pH dependence in H;O

In aqueous solution we investigated the influence of triflate, chlo-
ride, nitrate, sulfate, and perchlorate ions on the Fe(II)/Fe(III) oxidation
of a-[Fe(mcp)(OTf)2] (2). Our choice of anions was motivated by the fact
that both sulfate and perchlorate electrolytes have been used previously
for electrochemical characterizations of 1 and 2 [10,13]. Furthermore,
as most chemical water oxidation experiments are carried out using
cerium ammonium nitrate, the impact of nitrate ions was also of interest
[4,9-11,21]. To stay within a pH range in which the complex is stable,
the sodium salts of all the respective anions were used. The solutions of
NaCl, NaOTf, NaNOs, and NaClO4 had a near-neutral pH of 6.3—6.5,
while that of NaSO4 was ~7.

The complex showed chemically reversible but electrochemically
quasi-reversible redox waves for all four electrolytes (¢ = 1.0 m), at Ez /2
= 0.47 V (NaS0y4), 0.56 V (NaCl), 0.60 V (NaOTf), 0.62 V (NaNOs), and
0.62 V (NaClOy4) vs. SHE (Fig. 6).

The formal potentials in NaOTf, NaNO3s and NaClO4 were nearly
identical, suggesting that in all three cases, these anions do not partic-
ipate directly in the redox reaction, as their involvement would have
altered the formal potential (vide supra). Instead, the two labile ligand
positions are occupied by a water molecule and a hydroxy ion before and
after the oxidation (vide infra).

In contrast, the comparatively low redox potentials in the presence of
Cl™ and SO%™ indicated an involvement of these anions in the redox
reaction. Varying the concentration of chloride ions in the electrolyte

1.0 M NaCIO, 0.62V
101 —1.0MNaNO, 0.60 V!
— 1.0 M NaOTf -
1.0 M NaCl

<E1 54— 1.0MNa,S0, 047V
~
—
0_
5
00 01 02 03 04 05 06 07 08 09 10

Evs.SHE/V

Fig. 6. 3rd cycles of the cyclic voltammograms of a-[Fe(mcp)(OTf),] (2, 1 mm)
in H,0 using Na,SO4 (red), NaCl (green), NaOTf (blue), NaNO3 (brown), and
NalO,4 (yellow) as the electrolyte at a concentration of 1 m and v = 0.1 V/s.

showed a redox potential shift of —54 mV per decade of chloride con-
centration, close to the theoretical value of —59 mV for a 1e” /1Cl™
coupled electron transfer (supporting information: Figure S11). For
sulfate ions, a shallower slope of —37 mV was observed (supporting
information: Figure S12). To investigate if these deviations stem from
anion coordination to the Fe(II) center prior to oxidation, we fitted the
redox potential vs. anion concentration with a nonlinear fit for a 1e”/
1X™ electron transfer (supporting information: equation S1) [15]. The
fits revealed negligible binding of the chloride ions before oxidation. On
the contrary, sulfate ions bind to both the Fe(II) and Fe(III) complexes.
However, their binding to the oxidized state is about 250 times higher
than in the reduced state (supporting information: table S1). This was
consistent with UV/Vis spectra (supporting information: Figure S10) in
H30 as well as in NaCl and NaySO4 solutions (1 m). The spectra in the
absence and presence of chloride ions were nearly identical except for a
negligible shift in the MLCT absorption peak from 361 nm to 363 nm.
The presence of sulfate ions slightly shifted this MLCT absorption peak
to 366 nm towards longer wavelengths with a small but notable
broadening of the band. These spectral changes, together with the
electrochemical data, strongly suggest that chloride ions do not bind
before oxidation, while sulfate ions do bind to the Fe(II) center to some
extent.

To obtain a more detailed understanding of how these anions alter
the Fe(Il)/Fe(Ill) redox reaction and the nature of the second labile
ligand, we studied the pH dependency of the redox potential in NaCl (1
M), NazS04 (1 m), and KOTf (0.1 m) (Fig. 7). These measurements were
conducted in unbuffered solution, as the buffer anions (e.g. HoPOy/
HPO3~, supporting information: Figure S13) themselves drastically
change the redox potential.

The CVs and the corresponding Pourbaix diagram in Fig. 7 reveal
both pH-dependent and pH-independent regions across all anions. The
pH-dependent regions indicate proton-coupled electron transfer (PCET)
processes, wherein the redox event is influenced by the proton activity.

When using KOTTf as the electrolyte, we observed one pH-dependent
region below pH 4 and one pH-independent region above this pH. These
data were modelled using a common square scheme for a 1H'/1e” PCET
(front face of the cube in Scheme 2), as we hypothesize no involvement
of the triflate ions (Eq. 3).

B = 04 R0 g (1 4 100t ) ®)

Parameters derived from the fitted data are summarized in Table 2.
Under acidic conditions (pH < 4) the Fe(Il) complex has two water
molecules as labile ligands. Upon oxidation, one of the water molecules
deprotonates to a hydroxy ion, stabilizing the positive charge in the
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Fig. 7. a) Pourbaix diagram of a-[Fe(mcp)(OTf),] (2) in KOTf (0.1 m, blue), NaCl (1.0 m, green), and Na,SO4 (1 M, red); 3rd cycles of the cyclic voltammogram of
o-[Fe(mcep)(OTf),] (2) at v = 0.1 V/s in KOTf (0.1 m, b)), NaCl (1.0 m, ¢)), and NaySO4 (1 M, d)).

Fe(lll)-OH,
X

Fe(ll)-OH; pkay

OH,

Fe(lll)-OH
pka, ).(( )
K(JX

Fe(I1)-OH E° Fe(IIl)-OH

OH, OH,

Scheme 2. Thermodynamic cube scheme illustrating a proton-coupled electron
transfer (PCET) with a coupled ligand exchange, with the key reactions color-
coded: proton transfer in red, electron transfer in blue, and ligand exchange
in green. The cube is constructed from a regular square scheme for a
1H"/1e” PCET and expanded in the third dimension by a chemical equilibrium
for the exchange of a labile ligand (H,O/X with X = Cl™ or SO%’). The colored
elements highlight the parts of the cube that were used to model the data in
Fig. 7. Note: The color code is independent from the color code used in Fig. 7
and should not be confused with it. Furthermore, the iron center is depicted
without the mcp ligand to improve the readability.

Table 2
Parameters obtained from fitting the data in Fig. 7 to Eq. 3 or 4.
electrolyte E° n pka; pkaz K
V vs. SHE Y
KOTf (0.1 m) 0.607 1.04 4.04 - -
NaCl (1 m) 0.607* 1.00* 4.04* 3.42 8.52

NazS04 (1 m) 0.607* 1.00* 4.48 3.46 381

" These parameters were fixed to the given value to reduce the number of
variable parameters during the fitting, as some parameters are codependent in
the fit.

process. This process is less favorable at high proton concentrations,
which accounts for the pH dependence. Above pH 4, one of the water
molecules deprotonates spontaneously already in the reduced state and
no deprotonation is required to stabilize the charge rendering the formal
potential pH-independent. The pka for this process in a-[Fe(mcp)
(OH2)2]2+, was determined to be 4.04 from the fit. The redox potential
for the o-[Fe(II)(mcp)(OH)(OH)1" /a-[Fe(III) (mcp)(OH)(OH2)1?* elec-
tron transfer was 0.607 V vs. SHE. The two most acidic data points were
excluded from the fit as their CVs already showed signs of complex
dissociation. For this reason, their deviation from the linear proton-
dependent regime was attributed to said dissociation and not proton-
ation of the Fe(IIl) complex (discussed below) [21].

For NaCl and NaySO4 as the electrolyte, a second proton independent
region at pH<3.5 was observed. To account for this region as well as the
change in formal potential, the PCET square scheme was extended by a
chemical equilibrium in the third dimension to represent anion binding
to the Fe(III) center. Note that there are no regions with a positive slope
in the Pourbaix diagram. A ligand exchange of a hydroxy ligand for an
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anionic ligand can be excluded, as such an exchange would show a
positive slope as it would be coupled with the hydroxide ion activity.
Therefore a-[Fe(I)(mcp)(OH)(OH,)]™ must be the dominant species at
neutral pH in order to model all three regions.

To model these responses a second pka (pka,) was defined as the pka
of the proton attached to the water ligand for the Fe(III) complex with a
bound counter ion. In total, four edges of the resulting cube (Scheme 2)
were utilized to derive Eq. (4).

B —E -

4

RTln(lO) lo 1+ [X] X Kux(l + 10pkﬂ2*pH)
nF i 1 + 10Qpkar—pH

Here, E° is the redox potential of the complex in the absence of
chloride or sulfate ions. pka; is the pka of the proton attached to the
water ligand if the second ligand is also a water molecule and iron is in
the oxidation state (+II). pkay is the pka of the proton attached to the
water ligand if the second ligand is a bound anion and iron is in the
oxidation state (++III). K is the equilibrium constant for the binding of a
chloride or sulfate ion to the iron center in oxidation state (+III). To
limit the number of variable parameters in the fit, some parameters were
fixed to the values obtained from the KOTf fit (n = 1, E° = 0.607 V, pka;
= 4.04). For the sulfate ion fit, preoxidation binding of the anion was
neglected but pka; was left variable as this led to a better fit of the data.
However, the deviations on this parameter are most likely a conse-
quence of this approximation. For the chloride fit, the two most alkaline
datapoints were excluded as it was unclear if the deviation stems from
complex dissociation or from a deprotonation of the second water
ligand. The obtained parameters are listed in Table 2.

In the presence of chloride ions, we conclude that the Fe(III) complex
exchanges the water ligand for a chloride ion with an equilibrium con-
stant of about 8.52, while binding in the Fe(II) state is negligible. This
anion exchange stabilizes the Fe(III) state, lowering the redox potential
by about 0.15 V at neutral pH. Analogous to the presence of triflate ions,
the hydroxy ligand of the Fe(II) complex becomes protonated below pH
4, resulting in a proton coupled electron transfer in this pH region. In
contrast to unbound triflate ions, bound chloride ions facilitate the
protonation of the hydroxy ion of the Fe(Ill) complex at acidic pH
values, with the pka being approximately 3.42. Below this pH, the sec-
ond labile ligand is a water molecule in both the Fe(II) and Fe(IIl) states,
rendering the redox potential independent of the proton concentration.

Sulfate ions exhibit a similar behavior, but the higher charge of the
sulfate ions stabilized the Fe(III) complex significantly more, reducing
the redox potential by about 0.23 V at neutral pH compared to the
complex without bound anions. In contrast to chloride ions, sulfate ions
also bind to the Fe(II) complex. However, the binding affinity to the Fe
(II1) complex is significantly higher and also higher than that of chloride
ions. The pka value of 3.46 for the protonation of the sulfate bound Fe
(ITI) complex is very similar to that of the Fe(III) complex when chlorides
are present.

We conclude that coordinating anions like chlorides and sulfates
bind to the Fe(IlI) complex and that the second labile ligand is a hydroxy
ion above pH 4. Below pH 4, the second ligand is a water molecule if the
Fe center is in oxidation state +II and a hydroxy ion for oxidation state
+III. For the anion bound case, this hydroxy ion may get protonated at
pH < 3.4.

4. Conclusion

The redox potential of the molecular catalyst a-[Fe(mcp)Ly] is
strongly dependent on the nature of its labile ligands, as demonstrated
by cyclic voltammetry. This effect is particularly evident in non-aqueous
solutions, where halide and cyanide ions bind stoichiometrically to the
complex, stabilizing the positive charge and substantially reducing the
redox potential. Even the weakly coordinating triflate anion participates
in the redox process, causing measurable shifts in the redox potential.

In aqueous solution, anions compete with water molecules and
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hydroxide ions for the labile ligand positions, leading to redox state-
dependent equilibria. In addition, the redox potential varied with pH,
and the observed pH- and anion-dependencies were successfully fitted to
equations derived from a thermodynamic cube scheme that incorporates
proton- and as anion-coupled electron transfer processes.

This study highlights the importance of selecting appropriate char-
acterization conditions when studying the redox properties of molecular
catalysts with labile binding sites. Moreover, it offers a practical
framework employing straightforward and accessible techniques like
cyclic voltammetry and UV/Vis spectroscopy to systematically assess
which anions bind to labile ligand sites and their corresponding effect on
the redox properties molecular catalysts.
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