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Abstract Although siderophores are generally viewed

as biological iron uptake agents, recent evidence has

shown that they may play significant roles in the

biogeochemical cycling and biological uptake of other

metals. One such siderophore that is produced by

A. vinelandii is the triscatecholate protochelin. In this

study, we probe the solution chemistry of protochelin and

its complexes with environmentally relevant trace metals

to better understand its effect on metal uptake and

cycling. Protochelin exhibits low solubility below pH 7.5

and degrades gradually in solution. Electrochemical

measurements of protochelin and metal–protochelin

complexes reveal a ligand half-wave potential of

200 mV. The Fe(III)Proto3- complex exhibits a salicy-

late shift in coordination mode at circumneutral to acidic

pH. Coordination of Mn(II) by protochelin above pH 8.0

promotes gradual air oxidation of the metal center to

Mn(III), which accelerates at higher pH values. The

Mn(III)Proto3- complex was found to have a stability

constant of log b110 = 41.6. Structural parameters

derived from spectroscopic measurements and quantum

mechanical calculations provide insights into the stability

of the Fe(III)Proto3-, Fe(III)H3Proto, and Mn(III)-

Proto3- complexes. Complexation of Co(II) by protoch-

elin results in redox cycling of Co, accompanied by

accelerated degradation of the ligand at all solution pH

values. These results are discussed in terms of the role of

catecholate siderophores in environmental trace metal

cycling and intracellular metal release.
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Introduction

Specific trace metals are essential to the metabolic

activity of all organisms, and scarcity of metals may be
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an important factor in limiting organism growth. One

strategy that plants and microbes use to obtain these

trace metals is the production and exudation of

biomolecules that solubilize metals, return them to

the cell, and facilitate their uptake for use by the

organism (Crumbliss and Harrington 2009; Raymond

and Dertz 2004; Renshaw et al. 2002; Kraemer et al.

2005; Marschner et al. 1986). Siderophores, a class of

biogenic ligands that are traditionally associated with

the mobilization and uptake of Fe(III), have a high

degree of structural variability in terms of their

binding groups and backbone structure (Hider and

Kong 2010). Despite this structural diversity, these

molecules broadly make use of large binding affinities

and relatively slow exchange kinetics to bind and

solubilize metals.

One feature that contributes to the structural

variability of siderophores and plays a significant role

in determining the reactivity of siderophores is the

identity of the donor groups that bind the metal ion.

The majority of siderophores achieve selective com-

plexation of hard metal ions, as well as stabilization of

higher oxidation states, through coordination by hard

donor atoms (viz. charged oxygen in specific moieties,

such as catechol moieties), which are contained in

numerous bacterial siderophores such as enterobactin,

petrobactin, and azotochelin (Fig. 1). Catechol donor

groups bind Fe(III) through the conjugated central ring

system, which delocalizes electron density (Albrecht-

Gary and Crumbliss 1998). Catecholate siderophores

are produced by many soil and pathogenic bacteria and

may also be produced by marine organisms (Clarke

et al. 2001; Winkelmann 2004; Kraemer et al. 2005).

An environmentally important catecholate sidero-

phore is protochelin (Fig. 1), which is produced by the

free-living diazotroph Azotobacter vinelandii (Cor-

nish and Page 1995). Catecholate siderophores are one

of the few ligands that bind molybdate at circumneu-

tral pH, although these complexes have significantly

lower stability constants than those of the ligand with

Fe(III) (Duhme et al. 1998; Bellenger et al. 2007;

Khodr et al. 2002; Cornish and Page 2000). Protoch-

elin has been implicated in the specific transport of Mo

and V (in addition to Fe) in A. vinelandii (Bellenger

et al. 2008a, b), which uses these metals in nitrogenase

enzymes (Bellenger et al. 2011). Protochelin is also

associated with the specific rejection of toxic W

(Wichard et al. 2008), and the ability to form

complexes with many metals coupled with selectivity

of the uptake may function as a detoxification

mechanism to exclude toxic metals (Kraepiel et al.

2009). Coupled with a growing body of work that has

explored the geochemistry and biology of non-ferric

metal interactions with other siderophores (Duck-

worth et al. 2008b; Duckworth and Sposito 2005;

Parker et al. 2004, 2007; Boukhalfa et al. 2004, 2007;

Neu et al. 2005; Harris et al. 2007; Mishra et al. 2009;

Dahlheimer et al. 2007; Frazier et al. 2005; Szabo and

Farkas 2011), work with protochelin has led to the

suggestion that siderophores may be involved with the
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Fig. 1 Structures of the

catecholate siderophores

enterobactin, petrobactin,

azotochelin, aminochelin,

and protochelin
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transport of non-ferric metals (Kraepiel et al. 2009)

and have a diverse chemistry with a variety of

environmentally relevant metals (Duckworth et al.

2009a).

Despite the proposed role that siderophores play in

the cycling of non-ferric metals in the environment

and the observed interactions of Mo and V with

protochelin, very little work has been done to charac-

terize the binding reactions of common non-ferric

metals with catecholate siderophores. In this study, we

investigated the fundamental solution properties of the

bacterial siderophore, protochelin, and the binding

characteristics of Fe(III) protochelin complexes.

Additionally, we explored the structure and stability

of its complexes with common first-row transition

metals that may form strong complexes with sidero-

phores (viz. Mn, Co, and Cr) by using spectroscopic

and computational methods (Duckworth et al. 2009a;

Hernlem et al. 1999). The results will then be

discussed in terms of the role of protochelin and

catecholate siderophores in the environmental cycling

of metals and the cellular uptake of metals.

Materials and methods

Materials

All solutions were prepared in ASTM Type I deion-

ized water (resistivity = 18 MX cm). Protochelin

was prepared synthetically by the Small Molecule

Synthesis Facility (SMSF) at Duke University using a

previously reported procedure (Duhme et al. 1997),

and was used as received. The purity of the sample was

verified by nuclear magnetic resonance spectroscopy

and liquid chromatography-mass spectrometry at the

SMSF (data not shown). Desferrioxamine B mesylate

(DFOB; 95%) was purchased from Sigma-Aldrich and

used as obtained. The preparation of metal–protoch-

elin complexes was performed as described in the

Supporting Information. Buffers used will be noted

where appropriate. For electrochemical studies, all

chemicals were purchased from Sigma-Aldrich (St.

Louis, MO) and used as received, unless otherwise

noted.

Solution pH was measured with an Accumet XL20

pH meter (Fisher Scientific) equipped with a 410

Micro-combination pH probe (Microelectrodes, Inc).

Solution pH was controlled through addition of

measured volumes of standardized 0.10 M HCl and

0.10 M NaOH, purchased from Sigma-Aldrich, unless

otherwise noted. Electrodes were standardized by

using commercial buffers (Fisher) at pH 4.0, 7.0, and

10.0. UV–visible spectra were measured using an

Ocean Optics Jaz spectrophotometer equipped with an

external dip probe for pH-dependent spectrophoto-

metric titrations and a fiber-optic 1 cm path length cell

for competition titrations.

Ligand characterization

Ligand solubility was characterized by preparing two

solutions of protochelin dissolved in buffer solutions.

The first solution was prepared by massing 50.0 mg of

solid protochelin and adding 50 ml of a buffer solution

of 0.10 M HEPES in 0.10 M NaCl at pH 7.0. The

second solution was prepared by massing 50.0 mg of

solid protochelin and adding 50 ml of a buffer solution

of 0.10 M MOPS in 0.10 M NaCl at pH 8.0. Both

solutions were sonicated for 15 min, and the solution

was filtered through a 0.22 lm filter into a cuvet to

remove any undissolved particulate matter. The UV–

visible absorbance of the solution was measured and

the molar absorbance at the measured kmax = 316 nm

was used to determine the concentration of the ligand

in solution.

Ligand stability was characterized by spectropho-

tometric kinetic measurement of the degradation

reaction. Solutions were prepared by adding the ligand

to aqueous solutions of 0.10 M NaCl at a pH below

that is required to dissolve the ligand. To these

solutions, a measured volume of buffer in 0.10 M

NaCl was added to adjust the solution pH, followed by

rapid dilution to the final volume and measurement of

the initial spectrum. Subsequent spectra were mea-

sured regularly to monitor the degree of ligand

degradation. Reaction temperature was controlled at

25�C with a temperature-controlled water bath. The

concentration of buffer used in all experiments was

0.010 M. At pH 8.0, the buffer used was MOPS,

whereas all other experiments at pH 8.5, 9.0, 9.5, and

10.0 contained CHES.

Fe(III)–protochelin spectrophotometric titration

To characterize the binding mode of the Fe(III) with

protochelin, a pH-dependent UV–visible spectropho-

tometric titration was performed. A solution of
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4.1 9 10-5 M Fe(III) and protochelin was prepared at

pH = 9.1 as described in Supplemental Material. The

Fe(III) and protochelin solution was titrated with

measured volumes of 0.10 M HCl with stirring. At

each addition, the final pH was recorded and the UV–

visible spectrum over the range of 250–800 nm was

measured. The reaction temperature was controlled at

25�C using a temperature-controlled water bath.

Mass spectrometry analysis of the degradation

products of protochelin and the metal–protochelin

complexes

Mass spectrometry of samples was performed using

Electrospray Ionization (ESI) on an Agilent Technolo-

gies (Santa Clara, CA) 6210 LC-TOF mass spectrom-

eter. Solutions of protochelin and of the Mn–Proto and

Co–Proto complexes were prepared at a concentration

of 1.0 mM as described above and in the Supplemental

Material. Samples were diluted in methanol and

analyzed via a 1 ll flow injection at 300 ll/min in a

water:methanol mixture (25:75 v/v) with 0.1% ammo-

nium hydroxide. The mass spectrometer was operated in

negative-ion mode with a capillary voltage of 3.5 kV,

nebulizer pressure of 50 psig, and a drying gas flow rate

of 10 l/min at 350�C. The fragmentor and skimmer

voltages were 110 and 65 V respectively. Reference

ions of purine at m/z 112.9855 and HP-0921 at m/z

966.0007 were simultaneously introduced via a second

orthogonal sprayer, and used as internal calibrants. Mass

spectra of the protochelin solution, the Mn–Proto

solution, and the Co–Proto solution are shown in the

Supplemental Material.

Computations of metal–protochelin complexes

All structure and frequency calculations reported here

were carried out by the Gaussian 09 program package

(Frisch et al. 2009). Molecular structures were found

by full geometry optimization at the B3LYP/6-31G*

exchange–correlation hybrid of density functional

(Becke 1993; Lee et al. 1988). Computed frequencies

of all structures are positive, indicating that the

optimized structures are at real minima of their

ground-state potential energy surfaces. To simulate

complexes in aqueous solutions, density functional

theory (DFT) calculations were embedded in the

polarizable cavity with a static dielectric constant

(e = 78.355) and by making the solvent reaction field

self-consistent with the solute electrostatic potential,

commonly referred to as the Polarizable Continuum

Model (PCM) implemented in Gaussian 09 (Tomasi

et al. 2005).

X-ray spectroscopy of metal–protochelin

complexes

K-edge X-ray fluorescence-yield (FY) spectra of the

metal centers in solutions containing Fe(III) and prot-

ochelin (5 mM; pH = 7.5 and 10 mM; pH = 4) were

measured at Stanford Synchrotron Radiation Light-

source (SSRL) Beamline 11-2 [Si (220) variable-exit

monochromator] at room temperature using a 30-ele-

ment Ge fluorescence detector. Mn(III)Proto3- (5 mM;

pH = 9.3) and Co–Proto (5 mM; pH = 8.0) FY spectra

were measured in a liquid helium cryostat (7–13�K)

using a 30-element Ge fluorescence detector to retard

the rate of photolytic degradation of these complexes.

Frozen samples contained 40% glycerol to reduce

formation of ice crystals (Levina et al. 2005). Cr–Proto

(5 mM; pH = 8) FY spectra were measured at SSRL

Beamline 4-3 [Si (111) variable-exit monochromator]

using a Lytle-type ionization-chamber detector. Har-

monics were rejected using Rh-coated mirrors and/or by

detuning the monochromators. In all cases, spectra were

collected using Soller slits and Z-1 X-ray filters to

reduce the intensity elastic scattering received by the

detectors. For the Fe-, Co-, and Cr-siderophore com-

plexes, energy calibration was maintained using metal

foils; for the Mn–siderophore complex, calibration was

accomplished by adjusting the E0 of potassium per-

manganate (KMnO4). In the measurements of the

Fe(III)-Proto samples, at least five spectra were aver-

aged for each sample to improve signal-to-noise ratio.

The Mn(III)Proto3- complex exhibited slight beam

damage after the initial scan (shown in Fig. S1) and thus

only one scan was used. Spectra were dead-time

corrected, energy calibrated, averaged, background-

subtracted, splined, and fit in R-space (Kelly et al. 2008)

using the SixPACK interface (Webb 2005), which

makes use of the IFEFFIT code (Newville 2001).

The relative fraction of Mn(II) in the initial and

successive scans of the Mn(III)Proto3- sample (i.e., due

to photolytic beam reduction) was assessed by (a) com-

paring the first Mn(III)Proto3- scan to spectra from the

more Mn(II)HDFOB0 and Mn(III)HDFOB? complexes

(by linear combination fitting over the energy range

6,400–6,800 eV) (Duckworth et al. 2009c), and (b) by
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fitting the successive Mn(III)Proto3- scans as a linear

combination of X-ray Absorption Near-Edge Structure

(XANES) from Mn(II)Cl2 and Mn(III)Proto3- (first

scan).

Amplitude and phase functions were calculated

using FEFF 9 [Dirac-Hara exchange potentials (Rehr

et al. 2009)], and structural models for Mn(III)-

Proto3-, Fe(III)Proto3-, and Fe(III)H3Proto com-

plexes were obtained from DFT calculations.

EXAFS data were fit using a common value of the

parameter DE0, which was allowed to float during

optimization. The amplitude reduction factor (S0
2) was

fixed at 0.87 for Fe and 0.835 for Mn based on prior

work (Duckworth et al. 2008a; Webb et al. 2005b).

The Debye–Waller disorder parameter (r2) and the

interatomic distance (R) for each shell were floated

freely during optimization. Development of the struc-

tural models used to fit spectra is described in detail in

the Supplemental Material.

Competition of Fe(III) and Mn(III) for protochelin

and desferrioxamine B

For determination of the Mn(III)Proto3- stability

constant, a competition experiment was performed

between the Fe(III)Proto3- complex and the

Mn(III)HDFOB? complex. A solution of 0.4 mM

Fe(III)Proto3- was prepared as described in the

Supplemental Material. A second solution of

2.0 mM Mn(III)HDFOB? was prepared using previ-

ously established air-oxidation procedures and was

used in experiments (Duckworth and Sposito 2005).

Solution pH was controlled with a final concentration

of 0.050 M HEPES at pH = 9.05. The Fe(III)Proto3-

solution was separated into 5.0 ml aliquots, and

varying volumes of the Mn(III)HDFOB? solution

were added to produce a concentration range from 0

equivalents of Mn(III) to 25 equivalents of Mn(III).

After allowing 5 days equilibration time, the solution

spectra and pH were measured. The spectra were

measured a second time a day later to ensure that no

change was taking place in the solution speciation. No

appreciable shift in solution pH was measured over the

course of the experiment. The computer program

HYPERQUAD was used to determine the relative

concentrations of each species in solution and the

equilibrium constant of the Mn(III)Proto3- complex

from each addition (Gans et al. 1996). HYPERQUAD

used an input of the spectra of all species in solution to

determine the relative concentrations of the four

species involved in the equilibrium. Using the deter-

mined concentrations of the species, the program is

able to calculate the equilibrium constant (Kobs) of the

following reaction:

Mn(III)HDFOBþ + Fe(III)Proto3�
� Fe(III)HDFOBþ

+ Mn(III)Proto3� Kobs ð1Þ

The program then uses the known log b110 of

Fe(III)Proto3-, the known stability constant of

Mn(III)HDFOB? and the known stability constant

of Fe(III)HDFOB? to determine the stability constant

of Mn(III)Proto3- (Eq. 2), using Eq. 3.

Mn3þ + Proto6�
�Mn(III)Proto3� b110;Mn IIIð ÞProto

ð2Þ

b110;MnðIIIÞProto ¼
Kobsb110;FeðIIIÞProtob110;MnðIIIÞHDFOB

b110;FeðIIIÞHDFOB

ð3Þ
Analysis of the UV–visible spectra was performed in

1.0 nm increments over the wavelength range of

310–750 nm. For the determination of the Mn(III)-

Proto3- formation constant, protonation constants of

protochelin and Fe(III) complex stability constants were

taken from the literature (Duhme et al. 1997). Protonation

constants, Fe(III) complex formation constants, and

Mn(III) complex formation constants for DFOB were

also taken from the literature (Duckworth and Sposito

2005; Schwarzenbach and Schwarzenbach 1963). For

solution of equilibrium concentrations, reference spectra

were loaded for Mn(III)Proto3-, Fe(III)Proto3-,

Mn(III)HDFOB?, and Fe(III)HDFOB?.

Background-subtracted fast-scan cyclic

voltammetry (FSCV)

A physiologically buffered solution (phosphate buf-

fered saline) at pH = 7.4 was used in all flow injection

analysis experiments. All aqueous solutions were

prepared using doubly deionized water (Barnstead

EasyPure II, Dubuque, IA).

Carbon-fiber microelectrodes were fabricated as

described previously (Sanford et al. 2010). Briefly, a

single 7 lm diameter T-650 carbon fiber (Cytec

Industries, West Patterson NJ) was aspirated into a

single borosilicate glass capillary (A-M Systems,

Sequim, WA) and tapered using a micropipette puller

Biometals (2012) 25:393–412 397
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(Narishige, Tokyo, Japan) to form two sealed micro-

electrodes. The exposed length of carbon fiber was cut

to approximately 100 lm, and an electrical connection

was made by backfilling the capillary with an ionic

solution and inserting a lead. A Ag/AgCl pellet

reference electrode (World Precision Instruments,

Sarasota, FL) was employed to complete the two

electrode electrochemical cell.

A syringe pump (New Era Pump Systems, Wantagh,

NY) supplied a continuous buffer flow of 1 ml/min

across the working and reference electrodes. The

working electrode was positioned in a custom electro-

chemical cell using a micromanipulator (World Preci-

sion Instruments, Sarasota, FL). Two second bolus

injections of analyte to the microelectrode surface were

accomplished with a six-port HPLC valve mounted on a

two-position air actuator controlled by a digital pneu-

matic solenoid valve (Valco Instruments, Houston TX).

The entire apparatus was housed within a custom-built

grounded Faraday cage. In most experiments, an

inverted triangular waveform ranging from ?0.8 to

-0.8 V with a holding potential of ?0.8 V versus Ag/

AgCl was applied at a scan rate of 100 V/s, and at a

frequency of 10 Hz using a custom built instrument for

potential application to the electrochemical cell and for

current transduction (University of North Carolina at

Chapel Hill, Department of Chemistry, Electronics

Facility). Complete cyclic voltammograms of protoch-

elin were collected in *50 ms. All experiments were

performed at room temperature. TH-1 software (ESA,

Chelmsford, MA) was used for waveform output and

data collection with a DAC/ADC card (6251, National

Instruments, Austin, TX). A second card (6711) was

used for triggering the DACs and ADCs and for

synchronization of the electrochemical experiment with

the flow injection system. Signal processing including

background subtraction, signal averaging, and digital

filtering (low-pass filtered at 2 kHz) was software-

controlled. Statistical and graphical analysis was

accomplished using GraphPad Prism 5 (GraphPad

Software, Inc., La Jolla, CA).

Results and discussion

Solubility of protochelin

Previous reports on the ligand protochelin have

generally focused on the production of the ligand

and its Fe or Mo binding properties (Cornish and Page

1995, 2000; Duhme et al. 1997; Taraz et al. 1990;

Bellenger et al. 2008b). In these reports, there is very

little mention of the solution properties of free

protochelin. To addresses this basic knowledge gap,

we conducted a characterization of the solubility and

stability of protochelin. A semi-quantitative determi-

nation of protochelin found that its solubility at

pH = 7.0 is approximately 2.4 9 10-4 M; at

pH = 8.0, the solubility of the molecule is signifi-

cantly higher ([1.0 mM). It is impractical to deter-

mine the exact solubility of the ligand at this pH due to

the large masses of ligand required for such an

experiment. Between pH of 7.0 and 8.0, the ligand

undergoes a spectral shift consistent with protonation

of the catechol donor groups, making characterization

of the solubility in this range difficult. The low

solubility of the protonated form (neutral) of protoch-

elin can easily be rationalized from a simple analysis

of the structure of the molecule (Fig. 1). The backbone

of the molecule features very few hydrogen bond

donor or acceptor sites, and the catechol donor groups

of the molecule are likely protonated at pH \ 7.5

(Loomis and Raymond 1991), resulting in a neutral

charge and highly hydrophobic donor groups at low

solution pH (Harris et al. 1979b). The limited solubil-

ity of protochelin at circumneutral to acidic pH may

affect laboratory experiments; however, it is unlikely

to constrain protochelin mobility and efficacy in an

environmental setting, where ligand concentrations

are significantly lower than those utilized in the studies

presented here (Winkelmann 2007; Essén et al. 2006).

Although concentrations of protochelin in soils and

natural waters have not been measured, environmental

concentrations of individual siderophore are typically

on the order of picomolar to 10s of nanomolar

(Holmström et al. 2004; Duckworth et al. 2009b;

Mucha et al. 1999; Mawji et al. 2008) as compared to

the millimolar concentrations used here.

Degradation of protochelin and metal–protochelin

complexes

Soluble protochelin degrades slowly over time. At the

low end of the experimental pH range (\7.5), the

ligand was found to be stable in solution over extended

periods of time, as long as 5 days in solution.

However, as the solution pH increased, the ligand

was found to be unstable, as evidenced by the gradual
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increase in solution turbidity and changes in the

UV–visible absorbance spectra (Fig. 2). Attempts to

quantify the rate of degradation as a function of pH

(not shown) exhibited a high degree of variability,

preventing a detailed analysis of the pH-dependent

reaction mechanism.

The degradation of the ligand over time was

confirmed by reduction of the parent peak in mass

spectra of aged solutions (cf. Supplemental Material,

Figs. S2 and S3). In addition to the M- peak

(623.23 m/z ratio), peaks are observed at lower m/z

ratios, suggesting degradation of the ligand. Mass

spectral analysis of solutions of the Mn–Proto com-

plex and of the Co–Proto complex (see Supplemental

Material, Figs. S4–S7) exhibits a number of peaks at

lower m/z ratios than the M- peak at 623.23 m/z ratio,

suggesting that the ligand degrades both in the

presence and in the absence of metals. Further, after

reaction times greater than 2 h, a peak is gradually

observed at 982.99 m/z ratio in all samples and at

1,282.97 in the presence of Co(II), suggesting the

possibility of phenol coupling of the ligands (Selig

et al. 2003). Attempts to assign the mass spectral

signals observed in the degradation experiments were

unsuccessful, including assignment with the predicted

hydrolytic products, azotochelin and aminochelin. It is

interesting to note additionally that at longer reaction

times, the mass spectral signal corresponding to the

M- peak of protochelin disappears in the presence of

Co, further supporting the idea of metal-catalyzed

ligand degradation. Finally, it should be noted that

although mass spectral signals that appeared in the

solutions of protochelin alone (146 m/z peak, 197 m/z

peak) were also observed in the mass spectra measured

for the M-Proto3- systems, a number of novel low m/z

peaks were observed in the presence of the metals.

Collectively, these observations suggest that the

ligand decomposes by a number of pathways. Such

degradation pathways could potentially include hydro-

lysis and oxidation, and result in the formation of

benzoquinone groups, coupled hydroxylated aromatic

compounds, or a number of other organic molecules

(Devlin and Harris 1984). Because some masses

representing degradation products that are observed

in the presence of metals are not observed in the

absence of metals, metals may promote the formation

of novel degradation products. Mass spectral peaks

corresponding to expected hydrolysis products of the

ligand were not observed, further suggesting that

redox reactions may be involved in the presence of Mn

and Co. In previous studies, redox degradation reac-

tions have been shown to be more likely to occur in the

presence of oxidizing agents (Schweigert et al. 2001).

This process may explain degradation of the com-

plexes studied herein over extended periods of time in

the presence of Mn, and rapidly in the presence of Co,

both of which are oxidizing agents in the 3? oxidation

state.

Formation of metal–protochelin complexes

In the case of stable 3? metal ions, such as Fe, direct

complex formation is possible by simple adjustment of

the pH (see Supplemental Material). However, in the

case of metal ions that obtain the 3? oxidation state

through redox reactions, a less direct route of complex

formation must be taken. Manganese(II) oxidation in

the environment, even under oxic conditions, is

typically slow unless the process is mediated by

bacteria or fungi (Tebo et al. 2005). However,

complexation of a metal by hard donor groups such

as the catechol donors of protochelin may increase the

rate of oxidation and stabilize the oxidation product

(Buerge and Hug 1998; Strathmann and Stone 2002).

This type of reaction has been observed for Mn(III)

complexes with other siderophores, namely DFOB,

coprogen, and pyoverdin GB-1 (Duckworth and

Sposito 2005; Parker et al. 2007; Szabo and Farkas

2011). Although the oxidation rate of Mn(II) in the

presence of protochelin was not quantified, at

pH = 8.5 the complex concentration reaches a

Fig. 2 Plot of the change in absorbance spectrum of a solution

of protochelin over time as ligand degradation occurs. Condi-

tions: [Ligand] = 6.4 9 10-5 M, pH = 9.5, l = 0.10 M

(NaCl), 0.10 M CHES, T = 25�C
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steady-state, as indicated by stability in the UV–

visible spectrum after 2 h.

Like manganese, Co(II) air-oxidation does not

typically occur under environmental conditions, but

can be promoted by the presence of strong complexing

agents (viz. ethylene diamine). In the case of the

Co(III)–Proto complex, mixture of Co(II) in solution

with the ligand, followed by an increase in the solution

pH results in a change in the solution color that suggests

that air oxidation of the metal is taking place. However,

the solution gradually shifts from a green color that

likely corresponds to a Co(III)–siderophore complex

(Duckworth et al. 2009c) to a dark brown solution with a

turbid appearance. Additionally, X-ray spectroscopy of

a sample analyzed approximately 30 min after synthesis

revealed a XANES white line position consistent with

the presence of Co(II), and no evidence in the EXAFS

spectrum of any second shell structure in the FT

magnitude plot (not shown). This observation suggests

that oxidation of Co(II) resulted in an unstable Co(III)

complex that degraded by internal electron transfer,

resulting in reaction with the catechol donor groups

(Schweigert et al. 2001; Devlin and Harris 1984). A

similar behavior was observed in experiments per-

formed with the Mn–enterobactin complex, where

Mn(II) oxidation over the course of 2 h at pH = 9 in

the presence of enterobactin resulted in a cloudy black

solution containing Mn(II) (Parker 2010, personal

communication). Previous work with Co(III)HDFOB?

noted that, despite a high stability constant, a fraction of

the complex in solution degrades to Co(II) at all pH

values investigated (Duckworth et al. 2009c). In addi-

tion, Carrano et al. (1996) noted that rhizoferrin, an a-

hydroxycarboxylate siderophore, does not form a stable

complex with Co(III).

Attempts were made to synthesize the Cr(III)-

Proto3- complexes for structural analysis. However, it

is difficult to synthesis these complexes by methods

used for Mn or Fe because of slow rate of ligand

exchange for Cr(III) (Hewkin and Prince 1970). The

FT magnitude of EXAFS spectrum for Cr–Proto

synthesized by exchange reaction (data not shown)

exhibited no second shell structure, suggesting that no

complex had formed.

Determination of Mn(III)Proto3- stability constant

The absorbance spectra measured during the exchange

reaction of Fe(III)Proto3- with Mn(III)HDFOB? are

shown in Fig. 3. The initial spectrum (labeled 0:1 in

Fig. 3) exhibits a spectral handle consistent with

formation of triscatecholate-coordinated Fe(III)

(kmax = 492 nm), suggesting that Fe(III) is com-

pletely coordinated by protochelin. Addition of

Mn(III)HDFOB? results in an increase in absorbance

in the UV region, a result of a large excess of unreacted

Mn(III)HDFOB? in solution (kmax = 310 nm). The

isosbestic point evident at 490 nm indicates conver-

sion of the Fe(III)Proto3- complex to the Fe(III)HD-

FOB? complex as the concentration of added

Mn(III)HDFOB? increases. The maximum degree of

exchange observed during these experiments was 90%

exchange. As determined by fitting in HYPERQUAD,

the stability constant from three replicate titrations

was found to be log b110 = 41.6 ± 0.3.

The Mn(III)Proto3- stability constant can be com-

pared to Mn(III)HDFOB? and Fe(III)Proto3-

(Table 1). The Mn(III)Proto3- complex is higher than

that of the Mn(III)HDFOB?, which is consistent with

trends for Fe(III) complexes. Fe(III) exhibits high

stability with protochelin due to electron resonance in

the conjugated ring system of the catechol donor groups

(Albrecht-Gary and Crumbliss 1998), and this phenom-

enon may also be responsible for the high stability of

Mn(III)Proto3-. However, the value determined here

for the metal stability constant of Mn(III)Proto3- is

somewhat lower than that of Fe(III)Proto3-, with a three

order of magnitude difference in stability (Duhme et al.

Fig. 3 UV–visible spectra obtained from the competition exper-

iment between the Fe(III)Proto3- complex and the Mn(III)HD-

FOB? complex. The concentration ratio of Mn(III)HDFOB? to

Fe(III)Proto3- ranges from 0 equivalents Mn(III)HDFOB? to 25

equivalents Mn(III)HDFOB?. Experiment was performed in

HEPES buffer at pH = 9.05, T = 25�C and l = 0.10 M (NaCl)
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1997). The trend in stability constants observed for the

protochelin system is consistent with that of DFOB,

where the Mn(III)HDFOB? (log b110 = 29.9) was

found to have a stability constant just over two orders of

magnitude lower than that of the Fe(III)HDFOB?

complex (log b110 = 32.02) (Duckworth and Sposito

2005; Martell and Smith 2003). The significant differ-

ence between the stability constants of the Mn(III)

complexes of DFOB and protochelin (Dlog b = 11.7) is

also consistent with the difference observed between the

Fe(III) complexes of DFOB and protochelin (Dlog

b = 12.6).

A similar comparison may be made between the pM

values of protochelin with Mn(III) and Fe(III). The pM

values are calculated values of the free metal ions in

solution (excluding hydrolysis products) at set condi-

tions, usually 1 9 10-6 M metal, 1 9 10-5 M ligand,

pH = 7.4, l = 0.10 M, and T = 25�C (Harris et al.

1979a). As the complex stoichiometry is the same

between the two complexes, the pMn value (25.40)

and the pFe value (28.40) of protochelin also differ by

three orders of magnitude, demonstrating the rela-

tively lower stability of the Mn(III)Proto3- complex

compared to the Fe(III)Proto3- complex. Comparison

of the pM values to the known pFe of enterobactin

(35.6) demonstrates the relatively lower complex

stability of the protochelin complexes than that of

enterobactin (Hay et al. 2001).

Fe(III)–protochelin complex coordination modes

The spectra measured during the spectrophotometric

titration of Fe(III) in the presence of protochelin are

shown in Fig. 4. A gradual shift was observed in the

spectral maximum over the course of the titration,

from 492 nm at pH = 9.1 to 545 nm at pH = 4.4. The

majority of the spectral shift was observed over the pH

range of 7.0–4.4. An isosbestic point was observed at

547 nm, indicating the observation of a single equi-

librium over the course of the titration. The initial

wavelength is consistent with the formation of the

Fe(III)Proto3- complex (Duhme et al. 1997). An

additional shift in the kmax of the peak located at lower

wavelengths was observed from 333 nm at pH = 7.0

to 319 nm at pH = 4.4. Below pH = 4.4, the spec-

trum began to decrease in intensity until a gray

precipitate was observed in solution at pH = 3.8. The

spectra changed negligibly through pH = 10.2 (data

not shown), suggesting no change in binding mode or

speciation at basic conditions.

Many siderophores feature ionizable donor groups,

which play a strong role in determining the solution

thermodynamics and speciation of siderophore com-

plexes. Upon a decrease in solution pH, a high

concentration of protons may compete with metals in

solution for accepting electron density from the donor

atoms. In donor groups such as hydroxamates or

carboxylates, protonation of the donor atom generally

results in dissociation of the donor group. In previous

studies of catecholamide donor group siderophores,

however, it has been shown that a coordination shift in

the binding mode of the catecholamide donor groups

will occur upon decrease in the system pH, as shown in

Eq. 4 (Abergel et al. 2006).

Table 1 Log of the stability constant of the metal complexes

of a number of siderophores (T = 25�C)

Equilibrium Mn(III) Fe(III)

HDFOB2� þM(III)�M(III)HDFOBþ 29.9a 32.02b

Ent6� þM(III)�DM(III)Ent3� N/A 49c

Proto6� þM(III)�DM(III)Proto3� 41.6 ± 0.3d 44.6e

Structures of Ent and Proto siderophores are shown in Fig. 1
a l = 0 M (Duckworth and Sposito 2005)
b l = 0 M (Kraemer 2004)
c l = 0.1 M (Loomis and Raymond 1991)
d This work, l = 0.1 M (NaCl)
e l = 0.1 M (Duhme et al. 1997)

Fig. 4 Spectrophotometric titration of the Fe(III)Proto3- sys-

tem as a function of pH from pH 9.1 to 4.4. Conditions:

[Fe3?]tot = 4.0 9 10-5 M, [Proto]tot = 4.1 9 10-5 M, T =

25�C, l = 0.10 (NaCl). Arrows indicate the direction of spectral

shifts with decreasing pH
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Protonation occurs at the distal hydroxyl donor of

each catecholamide donor group, and the binding mode

shifts from the catecholate mode to the salicylate mode.

In a previous study, the stability of the Fe(III)Proto3-

complex was determined; however, the protonation of

the Fe(III)Proto3- complex was not characterized

(Duhme et al. 1997). The spectrophotometric titration

of the Fe(III)Proto3- complex over the pH range of

7.0–2.8 shows a gradual shift in the observed kmax of the

solution from 492 nm at pH = 7.0 to kmax = 547 nm at

pH B 4.4, consistent with a shift in complex binding

mode from catecholate to salicylate binding mode, as

seen in Eq. 4 (Hou et al. 1997; Abergel et al. 2006).

A similar experiment was performed with the

Mn(III)Proto3- complex, but titration to solution

pH B 6.0 resulted in little shift in solution absorbance

values before the ligand precipitated out of solution. In

all likelihood, a decrease in solution pH results in

destabilization of the Mn(III) oxidation state, leading

to reduction of Mn to the 2? oxidation state, as has

been observed for Mn(III)HDFOB? at pH \ 7 (Duck-

worth and Sposito 2005). Due to the selectivity of

protochelin for higher oxidation state metals, the

Mn(II)Proto4- and Mn(II)H3Proto- complexes should

have markedly lower stability constants than Mn(III)-

Proto complexes. This difference in stability between

the two oxidation states may be compounded by the

salicylate shift, possibly making complexation at

lower pH even less stable than at higher pH values.

Redox chemistry of protochelin and metal

protochelin complexes

A representative background-subtracted cyclic vol-

tammogram for protochelin in the absence of a metal

ion is shown in Fig. 5 (black), using a waveform

ranging from -0.4 to ?1.3 V at 400 V/s. This

waveform is optimal for detecting dopamine, a

catecholamine that is commonly studied using car-

bon-fiber electrodes (Heien et al. 2004; Roberts et al.

2010). Because dopamine’s structure contains a cat-

echol group, it is an appropriate model for comparison

to protochelin. Dopamine exhibits a 2-electron redox

reaction via the catechol/ortho-quinone couple with a

half-wave potential of *?200 mV versus NHE

(gray). Protochelin’s voltammogram exhibits similar

peaks, corresponding to the redox conversion of its

catechol functional groups to ortho-quinones.

The redox chemistry of 10 lM protochelin was

further studied using an inverted triangular waveform

optimized for this molecule ranging from ?0.8 to

-1.2 V and scanned at 100 V/s (Fig. 6a). Addition of

a metal (10 lM Mn, Fe, or Co) to protochelin

reduced the overall redox current (Fig. 6b–d), con-

sistent with a structural change upon metal coordi-

nation that inhibited the redox chemistry of the

catechol groups. Distinct features associated with the

complexed metal were not evident, suggesting that

the catechol ligands are more redox active than the

metal center. Interestingly, approximately one second

into data collection, the voltammograms clearly

shifted to indicate the development of a second

redox process centered at a more negative potential

as current resulting from the first redox reaction

simultaneously decreased (Fig. 6b). In this case,

adsorption of an initial layer of protochelin onto the

-0.4 V 1.3 V

-120 nA

120 nA

Fig. 5 Representative background-subtracted cyclic voltam-

mograms measured for 20 lM protochelin (black) and 1 mM

dopamine (gray dashed) using a waveform ranging from -0.4 to

?1.3 V at 400 V/s. Dopamine is a well-studied catecholamine

that exhibits a 2-electron transfer redox reaction via the

catechol/ortho-quinone couple with a half-wave potential of

*?200 mV versus NHE. Protochelin’s voltammogram exhib-

its similar peaks, corresponding to the redox conversion of its

catechol functional groups to ortho-quinones
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carbon electrode may have altered the redox chem-

istry of protochelin molecules that were subsequently

detected (see Supporting Information). Redox reac-

tions of catechols at carbon fiber electrodes have

been shown to be adsorption-controlled under similar

experimental conditions (Roberts et al. 2010; Bath

et al. 2000). Indeed, the current generated for the

redox reaction of protochelin was found to be

adsorption-controlled (rather than diffusion-con-

trolled), by plotting cathodic peak current collected

at -0.2 V as a function of scan rate (r2 = 0.978,

N = 3 electrodes, Fig. S8). A change in the solution

conformation of protochelin, such as would be the

result of complex formation with a metal, could

suppress the ability of the molecule to adsorb onto

the electrode surface, resulting in a decrease in the

observed current related to the redox reaction at the

catechol donor groups, as discussed above and shown

in Fig. 6. In other words, upon addition of the metal,

it is not likely with this type of electrode to reduce

the metal center of the complex and it is less likely to

oxidize the ligand (resulting in a decrease of the

ligand redox signal). These results may have inter-

esting implications regarding the possibility of metal

transport by siderophores, as will be discussed later.

Metal protochelin complex computational

simulations

The DFT calculations produced theoretical models of

the structures of the metal–protochelin complexes in

aqueous solution. These include simulations of both

the catecholate and protonated salicylate form. The

calculated structure of the Mn(III)Proto3- complex is

shown in Fig. 7. Consistent with the X-ray spectro-

scopic data (see below), all complexes were predicted

to have a distorted octahedral configuration due to

chelation through the three catechol donor groups.

Selected bond lengths predicted by the computational

simulation are shown in Table S1 (Supplemental

Material). Within a complex, the Fe–O bond lengths of

the Fe(III)Proto3- complex were fairly consistent. In

contrast, the Mn(III)Proto3- complex was found to

exhibit heavy distortion, resulting in a difference

between equatorial and axial Mn–O bonds (average

distance of 0.31 Å). Mn(III) has a d4 electronic

configuration, resulting in a distorted octahedral

coordination sphere due to the Jahn–Teller effect.

The axial bond lengths themselves are also separated

by 0.18 Å, consistent with the known structure of solid

phase MnOOH minerals (Kohler et al. 1997).

-0.8 V

0.8 V

-4 nA

3 nA

-0.8 V

0.8 V

-4 nA

3 nA

-0.8 V
0.8 V

-12 nA

10 nA

-0.8 V

0.8 V

-4 nA

4 nA

-0.8 V

0.8 V

-0.5 nA

0.5 nA

-0.8 V

0.8 V

-4 nA

3 nA

-0.8 V

0.8 V

-0.5 nA

0.5 nA

B Manganese

F Manganese

A Protochelin

E Protochelin

D CobaltC Iron

H CobaltG Iron

-0.8 V

0.8 V

-4 nA

3 nA

Fig. 6 Representative background-subtracted cyclic voltam-

mograms measured for protochelin and metal–protochelin

complexes of manganese(III), iron(III), and cobalt(III) (top,

b–d). Interestingly, one second into data collection the

voltammograms clearly shifted to indicate the presence of a

second redox process developing as current resulting from the

first redox reaction simultaneously decreased. Addition of a

metal to protochelin reduced the overall redox current,

consistent with a structural change or distortion in the catechol

ligand upon binding. One second into data collection the

voltammograms indicate the development of a second redox

process as current resulting from the first redox reaction is

simultaneously decreased (bottom, e–h)
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The differences in the axial bond distances are

reflected in bond angle distortion. There is minimal

distortion of the cis O–M–O bond angles from their

ideal values of 90� [average O–M–O bond angles of

91.4� for Mn(III)Proto3-, 90.2� for Mn(III)H3Proto],

although the average trans angles are somewhat

distorted from the ideal measurement of 180� [average

O–M–O bond angles 162.4� for Mn(III)Proto3- and

165.9� for Mn(III)H3Proto]. This displacement of

axial atoms in the same direction with an approxi-

mately planar set of four equatorial atoms results in

mild distortion of average cis-angles and pronounced

distortion of trans-angles. The reduced angular dis-

tortion of the theoretical Mn(III)H3Proto complex [as

compared to Mn(III)Proto3-] is consistent with asser-

tion that 6-membered rings may be better able to

accommodate the Jahn–Teller distortion of Mn(III)-

complexes (Harrington et al. 2011b).

In addition to basic structural information, energy

values for the M(III)Proto3- and MH3Proto complexes

in aqueous solution were calculated for all complexes.

The calculated energies for the M(III)Proto3- com-

plexes and their protonated M(III)H3Proto forms are

shown in Table S2. Energy values can only be

compared between systems that contain the same

number of electrons and atoms. In order to obtain

information regarding relative ease of protonation of

metal–ligand complexes, the energy values of the

complexes were set up in the form of a theoretical

equilibrium, which took the form of:

M1H3ProtoþM2Proto3�
�M2H3Proto

þM1Proto3� log Kex ð5Þ

where M1 and M2 are a first-row transition series,

including Co(III), Mn(III), Cr(III), or Fe(III). To

perform this comparison, the energy values (in

Hartrees) on each side of the equilibrium were

summed, and the difference between the two sides

was taken as the difference in total strain energy of the

reactants and products. The energy was converted to

kJ mol-1, and the resulting value was converted to an

equilibrium constant (log Kex) to determine which

protonated complex was the more stable of the two

complexes using the Gibbs free energy equation. A

positive calculated log Kex value signifies that the

protonated product complex (M2H3Proto in Eq. 5) is

favored. The resulting stability calculations demon-

strate that the order of the relative ease of protonation

of the four metal–protochelin complexes simulated

here is Cr [ Co [ Mn [ Fe. The energy values

calculated for the M(III)Proto3- complexes of Co(III),

Cr(III), Fe(III), and Mn(III) are shown in Table S2.

Although it is not possible to observe all of the metal–

protochelin complexes in solution, it can be informa-

tive to use theoretical simulations of the complexes to

discern information regarding their reactivity. Com-

putational simulations, such as those obtained using

DFT, provide theoretical estimations of the strain

energy of complexes in solution, which can be used to

predict which form of a complex may be the most

stable. This approach thus can provide some insight

into equilibria involving the calculated complexes.

One example of a complex that can be studied using

computational simulations is the protonated

Mn(III)H3Proto complex. Our results suggest that it

is not possible to protonate the Mn(III)Proto3- com-

plex without resulting in reduction of the metal and

subsequent dissociation of the complex, as discussed

above; however, the protonation behavior may be

significant to understanding complex breakdown.

The order described previously demonstrates that

the Cr(III)Proto3- complex is the easiest to protonate,

followed by Co(III), Mn(III), and Fe(III). Protonation

Fig. 7 Theoretical structure of the Mn(III)Proto3- complex in

aqueous solution calculated by DFT
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of the complex results in a shift in the coordination

mode, as discussed above, to the salicylate binding

mode. Such a shift in coordination mode results in a

change from five-membered chelate rings to six-

membered chelate rings, as well as a compression of

bond lengths in the salicylate complex. Both factors

may explain the trend in protonation that is observed in

the theoretical calculations. Smaller metal ions form

more stable complexes when six-membered chelate

rings are formed with the donors of the chelators.

Thus, Cr(III) and Co(III), which are the smaller of the

four metals studied here (0.615 and 0.545 Å, respec-

tively), may have a stronger preference for protonation

of the catecholamide donor groups than Mn(III) and

Fe(III), which are slightly larger metal ions (both

0.645 Å) (Shannon 1976). The relative increase in

theoretical stability of Mn(III) to Fe(III) in six-

membered rings is also consistent with a recent report

that noted that six-membered ring structures may be

more stable with Mn(III) because they better accom-

modate Jahn–Teller distortion (Harrington et al.

2011b).

Mn(III) has a d4 electronic configuration, which, as

mentioned above, results in a distorted octahedral

coordination sphere due to the Jahn–Teller effect. It

can also be seen in the theoretical solution structure of

the Mn(III)H3Proto complex that one of the O–C–C–O

dihedral angles is highly distorted from its ideal planar

orientation, at 33�. This distorted dihedral angle may

be necessary for the complex to accommodate the

Jahn–Teller effect, and chelation of the metal through

the catecholate binding mode will not allow the ligand

the flexibility necessary to reach the lowest energy

conformation. This may help to explain why a shift to

the salicylate binding mode is more energetically

favorable for the Mn(III) complex than the Fe(III)

complex.

X-ray spectroscopy of metal–protochelin

complexes

Mn K-edge XANES spectra of the Mn(III)Proto3-

complex are shown in Fig. S1, Supplemental Material.

In successive scans, the edge region of the spectrum

changed shape, indicating beam-damage of the sam-

ple, even at ca. 10�K (liquid He crysostat). As beam

damage occurred, the position and intensity of the

white line shifted to lower energy, consistent with

partial reduction of Mn to the 2? oxidation state. The

extent of reduction that occurred between the first and

second scans is [7%, as determined by linear com-

bination fit of the second scan with the first scan and

aqueous Mn(II) (see Fig. S1, Supplemental Material).

Only the first scan was used for subsequent analysis.

The edge position and intensity of the white line of the

first scan of the complex spectrum is consistent with

the 3? oxidation state of the metal, as judged using

linear combinations of Mn(III)HDFOB? and

Mn(II)HDFOB0 XANES spectra. Fits to the first

Mn(III)Proto3- spectrum yielded a best fit containing

approximately 98.8 ± 0.03% Mn(III)HDFOB?, sug-

gesting the complex predominantly contained Mn(III).

EXAFS spectra of the Fe(III)Proto3-, Fe(III)H3Proto,

and Mn(III)Proto3- complexes were measured and fit to

structural models to elucidate their structures in

solution. The complexes discussed above were fit

using single scattering (SS) paths for Me-O and Me-C

(2nd and 3rd shells) (cf. Table 2). Multiple-scattering

shells were also utilized, as described in the Supple-

mental Material and shown in Table 2. In the

Fe(III)Proto3- complex, the large FT peak at ca.

1.5 Å (R ? DR) corresponds to EXAFS from the first

O shell and exhibits N = 5.3 and R = 2.000 ±

0.006 Å. This ca. 2.0 Å Fe–O distant is consistent

with the expected structure of the Fe(III)Proto3-

complex, which is believed to be hexacoordinate in

solution. The Fe–O bond length is consistent with a

previous study of the EXAFS spectrum of the Fe(III)–

enterobactin complex in catecholate coordination,

which determined the same average Fe–O bond length

(Abergel et al. 2006). Based on DFT calculations, the

Fe(III)Proto3- shell corresponding to the 2.5 Å

(R ? DR) FT peak was fit using a 6-carbon shell at

R = 2.80 ± 0.02 Å. This result also agrees with the

model proposed for enterobactin, where the second

shell was found to be composed of six carbon atoms at

a distance of 2.82 Å. A third shell of six proximal ring

carbon atoms at 4.32 Å was needed for our fit.

The results of structural fitting of the EXAFS

spectrum of the Mn(III)Proto3- complex are also

shown in Fig. 8 and Table 2. For this complex, a

similar model was used to fit the spectrum, although it

was necessary to add a fourth shell to the fit to obtain a

more accurate fit. The first shell of the fit contained

four oxygen atoms located at an average distance of

1.86 ± 0.01 Å, and the second shell of the fit corre-

sponds to the remaining two oxygen atoms, which are

found an average of 2.25 ± 0.03 Å from the metal

Biometals (2012) 25:393–412 405
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center of the complex. This result demonstrates that

the coordination environment of the Mn center is a

distorted octahedron, arising from the Jahn–Teller

effect, as previously noted for other Mn(III)–sidero-

phore complexes (Duckworth et al. 2009a; Harrington

et al. 2011b).

EXAFS measurements were also made of the

protonated Fe(III)H3Proto complex. As discussed

above, at lower solution pH values, the catecholate

groups are protonated, resulting in a shift in coordi-

nation modes to the salicylate binding mode. Upon

protonation, the solubility of the complex decreases

greatly due to the loss of its overall charge, and it

precipitates out of solution as a neutral salt. As such,

measurements of this complex were performed on a

colloidal suspension of Fe(III)H3Proto. The salicylate

binding mode complex was determined using a similar

three-shell model as the catecholate binding mode

complex. The number of O atoms found in the inner

coordination sphere, however, was found to be 4.6,

slightly less than the expected six O atoms. The

average distance of the oxygen atoms, was found to be

1.97 ± 0.01 Å, agreeing with a previous study of the

salicylate binding mode of enterobactin with Fe(III)

(R = 1.98 Å). Additionally, the second shell was fit at

an average distance of 2.81 ± 0.03 Å, compared to

2.83 Å in the Fe(III)–enterobactin salicylate complex.

These results demonstrate that the Fe–O bond lengths

of the Fe(III)Proto3- complex contract upon proton-

ation. A similar observation was made in the Fe(III)-

enterobactin system (Abergel et al. 2006). This

contraction likely arises due to a combination of the

coordination geometry of the salicylate binding mode

(six-membered chelate ring) and the nature of the

hybridization of the orbitals involved in coordination

(one sp2 and one sp3 in salicylate binding mode and

two sp3 orbitals in catecholate binding mode).

The fits of complexes in catecholate coordination

[viz. Mn(III)Proto3- and Fe(III)Proto3-] are improved

by the inclusion of multiple scattering paths. Trian-

gular multiple M–C–O paths were found to be at

2.88–3.14 Å, consistent with the geometry of the

complex from SS paths and DFT-calculated structures

(as discussed below). The paths were significant for

Fe(III)Proto3- and Mn(III)Proto3- as indicated by

improvement of the R-factor at the 95% confidence

level (Hamilton 1965; Downward et al. 2006). For

Fe(III)H3Proto in salicylate coordination, inclusion of

this shell does not improve the fit, but is included for

self-consistency of the structural model (see Supple-

mental Material).

Comparison of the theoretical structures of the

Fe(III)–protochelin complex with the structures deter-

mined by EXAFS reveals strong agreement between

30
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 m
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Fig. 8 K-edge EXAFS

spectra of the

Mn(III)Proto3- complex,

the Fe(III)Proto3- complex

bound through the

catecholate binding mode,

and the Fe(III)H3Proto

complex bound through the

salicylate binding mode.

Solid lines indicate

experimental data, whereas

points indicate the fit of a

structural model. The

optimized parameters used

to produce the fit are shown

in Table 2
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the theoretical values and the experimentally-deter-

mined values (see Supplemental Material, Table S1).

For the Fe(III) complexes, the Fe–O bond lengths that

are calculated (R = 2.04 ± 0.06 Å) are slightly

longer than the values determined from the EXAFS

analysis of the complex in solution (ca. 2.0 Å). The

calculated Fe–O bond distances are not normally

distributed (cf. Table S1), an insight which may help to

explain low coordination numbers seen in structural

fits of the Fe(III)–Proto complexes (Table 2). A non-

normal distribution of atoms may result in a system-

atically low N as determined by EXAFS fitting, as is

observed in the first shell of our fits for these

complexes.

The simulation of Mn(III)Proto3- is also consistent

with structures determined from EXAFS fits. Calcu-

lated Mn–O distances agree well with the average 1st

and 2nd shell distance fits. The distortion in this

complex was predicted to take place in two M–O

bonds that are situated trans- from each other, which is

accommodated in the case of the rigid catecholate

donor group by a change in the angle of coordination

and a concurrent shortening of the second M–O bond

length on the donor group. Although Jahn–Teller

distortion normally occurs in a trans-configuration,

which facilitates breaking the degeneracy of the eg

orbitals in an octahedral complex, it is interesting that

a complex with rigid conjugated donor groups is

flexible enough to allow such a structural transition to

occur.

Relating complex structure to stability

Previous studies have shown that Mn(III)–siderophore

complexes may have higher or lower stability constants

than the corresponding Fe(III)-complexes (Duckworth

et al. 2009a; Parker et al. 2004). A comparison of

Mn(III)– and Fe(III)–siderophore complexes with

DFOB and Proto (Table 1) suggests that catechol

moieties have a larger preference for Fe(III) (Dlog

b110 = 3.0) than hydroxamate groups (Dlog

b110 = 2.1). It is possible that different siderophore

moieties may favor the binding of specific metals. For

example, catechol groups are particularly effective at

binding Fe(III) (Albrecht-Gary and Crumbliss 1998),

and may be slightly less effective at binding Mn(III). In

contrast, carboxylate moieties may have a higher

affinity for Mn(III) than Fe(III) (Ahrland et al. 1990).

However, other structural factors may also affect the

relative stability of complexes. Structural distortion of

complexes away from ideal high-symmetry structures,

as reflected in Debye–Waller factors and bond distances

(Duckworth et al. 2009a), and by distortion of complex

angles (Hay et al. 2001), have been shown to be strongly

related to siderophore-metal complex stability. Mn(III)

has a d4 electronic configuration, which, as mentioned

above with regard to trans O–M–O and O–C–C–O

dihedral angles, results in a highly distorted octahedral

coordination sphere due to the Jahn–Teller effect. Thus,

both the binding moieties and overall architecture may

help to determine the relative affinities of siderophores

for Fe(III) and Mn(III). A more in-depth discussion of

this concept will be provided in a future report

(Harrington et al. 2011b).

Implications for metal transport and uptake

The results of the above experiments demonstrate that

catecholate siderophores are able to form complexes

with non-ferric metals Mn and Co, and that this

chelation reaction can promote the air-oxidation of

Mn(II) to Mn(III). However, the results also suggest

that the Mn(III) complex that is formed is unstable at

environmental conditions on a time frame of hours,

and that the complex formed between Co(II) and

protochelin degrades rapidly at any pH. These results

have interesting implications for the role of catecho-

late siderophores in environmental cycling of metals.

The chelation and subsequent air oxidation of Mn(II)

results in the formation of a Mn(III)-complex with

presumably lower stability than that of Fe(III) com-

plexes. Although the stability constants differ by three

orders of magnitude, this difference in stability may

still be small enough to allow interference with iron

uptake and metabolism by siderophores in environ-

ments that contain high concentrations of manganese,

in a manner similar to what has been proposed for

DFOB (Duckworth et al., 2009a).

The results of this study also have significant

implications for the biological uptake of metals. In

nature, some other catecholamide donor group sid-

erophores have been observed to make use of hydro-

lysis reactions to assist in the intracellular release of

complexed metals. The most notable example of this is

enterobactin (Fig. 1), the Fe(III) complex of which

is taken into the bacterial cell, where the trilactone ring

is broken into three dihydroxybenzyl subunits to assist

in the removal of Fe(III) (Abergel et al. 2009).
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A similar hydrolysis reaction is also observed in the

bacterial siderophore brasilibactin A, which also

contains an ester group in its backbone. However, it

is unclear whether this reaction plays any role in the

physiological function of the siderophore (Harrington

et al. 2011a). Although it is not possible to say with

any certainty whether the degradation of protochelin is

utilized to facilitate intracellular release of Fe(III), the

possibility does exist due to the relative instability of

the molecule.

The electrochemistry of protochelin suggests that

the redox chemistry of the catecholate ligand may play

a significant role in the release of metals after uptake.

A redox reaction centered on the catechol donor

groups could facilitate dissociation of the metal from

the complex. A previous study investigated the

electrochemistry of Mn–catechol complexes and

showed that upon oxidation of the catechol groups as

those in protochelin to quinone groups, their affinity

for chelating metals is significantly reduced (Bodini

et al. 1995), which may facilitate metal release. Ligand

oxidation and metal release could be followed by

reduction of the resulting quinone moieties back to

catechol groups, regenerating the original siderophore.

As mentioned above, some organisms make use of

siderophore degradation to release Fe(III) from its

complex. In the case of protochelin, however, it may

be possible to release the metal from the siderophore

through an electrochemical reaction without subse-

quent degradation of the ligand. This mechanism may

allow the organism to avoid spending the metabolic

cost associated with the production of a new molecule

of the siderophore. We believe that the concept of

ligand-redox facilitated metal release may be a novel

idea in the field of biological metal uptake. Whereas

the oxidation of the ligand was less able to take place

in the experimental system upon chelation of a metal,

in nature, small molecules could serve as the electron

receivers, which may be better able to interact with the

ligand than the surface of an electrode.

Protonation of the metal–ligand complex also can

facilitate the removal of the metal from the complex.

Although computational results predict Fe(III) to be

the most difficult metal–protochelin complex to pro-

tonate, the complex undergoes a salicylate shift in

coordination mode at circumneutral to acidic pH. This

behavior has been proposed as having a role in the

Fe(III) release mechanism of catecholamide sidero-

phores; not only does the siderophore complex have

lower affinity for binding 3? metal ions in the

salicylate binding mode, but there is also a drastic

shift in the redox potentials of Fe(III) complexes,

moving them into the range where Fe(III) can be

reduced by biological reductants (Abergel et al. 2006;

Rodgers et al. 1987).

The characteristics of metal selectivity that are

suggested by this study as a result of ligand design

may have broader implications for siderophore biogeo-

chemistry. Another study is currently underway to

systematically explore the role that donor group identity

plays in metal selectivity of siderophores. The under-

standing that can be gained from such an analysis can

provide a more thorough understanding of the roles of

siderophores in trace metal cycling in the environment.
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