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Abstract

While the naturally occurring reducing agents glutathione (GSH) and ascorbate (H,A) alone are ineffective
at reducing iron(III) sequestered by the siderophore ferrioxamine B, the addition of an iron(Il) chelator,
sulfonated bathophenanthroline (BPDS), facilitates reduction by either reducing agent. A mechanism is
described in which a ternary complex is formed between ferrioxamine B and BPDS in a rapidly established
pre-equilibrium step, which is followed by rate limiting reduction of the ternary complex by glutathione or
ascorbate. Spectral, thermodynamic, and kinetic evidence are given for ternary complex formation.
Ascorbate was found to be slightly more efficient at reducing the ternary complex than glutathione
(ky=2.1x102 M s7'and k,=6.3x107* M~' s7!, respectively) at pH 7. Reduction is followed by a rapid
ligand exchange step where iron is released from ferrioxamine B to form tris-(BPDS)iron(II). The impli-
cations of these results for siderophore mediated iron transport and release are discussed.

Introduction

Although iron is the fourth most abundant
element on the earth’s surface, its bioavailability is
limited by its natural tendency to form insoluble
iron-hydroxides in aqueous environments. Para-
doxically, iron is an essential nutrient for virtually
all living cells, so in order to survive, organisms
must develop mechanisms to solubilize iron
(Crichton 2001). While humans and other higher
order organisms acquire iron through their diet of
smaller iron containing organisms, microorgan-
isms must develop alternate mechanisms in order
to overcome the low bioavailability of environ-
mental iron. This acquisition process generally
involves the synthesis of low molecular weight,
iron-specific chelators called siderophores, which
solubilize and sequester iron for transport and
acquisition (Winkelmann et al. 1987; Matzanke
et al. 1989; Winkelmann 1991; Albrecht-Gary &

Crumbliss 1998, 1999; Boukhalfa & Crumbliss
2002; Raymond & Dertz 2004; Dhungana &
Crumbliss 2005). Upon sequestering iron, these
hydrophilic molecules are recognized by microbial
cell-receptors and then iron is removed from the
iron-siderophore complexes either at the cell sur-
face or within the cell interior for use in intracel-
lular processes. The mechanism of this release is
not yet well understood and is of particular
interest due to the high thermodynamic stability of
these iron-siderophore complexes (logf,;, values
are typically >30).

Iron release from siderophore complexes in
some cases is thought to be facilitated in part by
the reduction of iron(III) to iron(I) (Emery 1987;
Crumbliss 1991; Barchini & Cowart 1996; Albr-
echt-Gary & Crumbliss 1998; Spasojevic et al.
1999; Vartivarian & Cowart 1999; Yun et al.
2000; Dhungana & Crumbliss 2005). There is
some evidence which suggests that iron reductases
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may be responsible for reducing and releasing
iron from ferri-siderophore complexes (Hallé &
Meyer 1992; Pierre et al. 2002; Matzanke et al.
2004). In vivo, however, this reduction must
coincide with additional chemical processes based
on the fact that the redox potentials of many
siderophores are much more negative than those
of biological reducing agents, including ascorbate,
glutathione and NADH (Creutz 1981; Williams &
Yandell 1982; Millis et al. 1993). One possible
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mechanism of iron reduction utilizes the presence
of a strong iron(Il) chelator, which can act to
shift the redox potential of the siderophore com-
plex to a more positive value through either ter-
nary complex formation (Albrecht-Gary &
Crumbliss 1998) or by providing a thermody-
namic driving force for reduction through the
formation of a highly stable iron(II) complex
(Spasojevic et al. 1999; Boukhalfa & Crumbliss
2002; Dhungana & Crumbliss 2005).
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Figure 1. (a) Structure of desferriferrioxamine B (H,DFB ™). (b) Structure of ferrioxamine B (FeHDFB ™). (c) Structure of sulfonated
bathophenanthroline (BPDS?"). (d) Structure of glutathione (GSH). (e) Structure of ascorbic acid (H,A).



Desferriferrioxamine B (H;DFB ™, Figure 1a), a
linear trihydroxamic acid siderophore produced by
some species of Nocardia and Streptomyces (Muller
& Raymond 1984), has an affinity for iron(III) that
is 20 orders of magnitude greater than for iron(II)
(log Brequn = 30.60 and log By = 10.0) (Martell
& Smith 1977; Spasojevic et al. 1999) (Figure 1b).
Sulfonated bathophenanthroline (BPDS, Fig-
ure Ic), in contrast, forms a complex of approxi-
mately 16 orders of magnitude greater stability with
iron(IT) than with iron(I1T) (Martell & Smith 1975,
1977).

Here, we investigate the reaction between
ferrioxamine B (Fe(HDFB)") and the reducing
agents, glutathione (GSH) (Figure 1d) and ascor-
bic acid (H»A) (Figure le), in the presence of
BPDS. The kinetics and mechanism of these
reactions, including the formation of an interme-
diate ternary complex between FeHDFB™ and
BPDS, are described. These findings provide
insight into a potential in vivo mechanism for iron
release from highly stable iron-siderophore com-
plexes, which involves the formation of a ternary
complex followed by reduction, ligand exchange
and ultimately iron release from the siderophore
carrier. Our results further illustrate the impor-
tance of coupled reactions in biology, in that
neither ascorbate nor glutathione will reduce
ferrioxamine B at a convienient rate, but will do so
in the presence of an “iron(II) trap” (in our case,
bathophenanthroline disulphonate).

Materials and methods
Preparation of solutions and general comments

Bathophenanthroline, sulfonated sodium salt
(BPDS, GFS Chemicals), C12H6N2(C6H4SO3Na)2
(Fisher Scientific (99.3%)), NaNO3 (Malinckrodt),
glutathione reduced (MP Biomedicals, LLC),
L-ascorbic acid (H,A; Aldrich (99 + %)), MOPS
(Sigma 99.5%) and MES (Fisher Scientific) were
used as received. A primary 22 mM ferrioxamine
B stock solution was prepared as previously de-
scribed from FeHDFB™* ClO, (Sigma) (Spasojevi¢
& Crumbliss 1998). Secondary stock FeHDFB*
solutions were made by dilution of the primary
stock solution. All solutions were prepared in
deionized water and pH adjustments were made
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with NaOH (Fisher) or HCIO4 (Acros Organics
(70%)).

An Orion 230 A + pH/ion meter equipped with
an Orion ROSS pH electrode filled with 3 M NaCl
solution was used for all pH measurements. The
Corning high performance glass bulb electrode
was calibrated to read pH by the two-point stan-
dardization method (Martell & Motekaitis 1992).
All UV-visible spectra were recorded using a Cary
100 spectrophotometer thermostatted at 25 °C.
Direct exposure to ambient light and air was
avoided.

Kinetic data were acquired under pseudo-first-
order conditions and analyzed using Origin 7.5
software. Each data point in the figures represents
the average of three to five independent kinetic
runs and each data set was analyzed at three
different wavelengths.

Ternary complex equilibria

Equilibration of a Fe(HDFB)/BPDS solution was
monitored spectrophotometrically from 350 to
700 nm in order to establish the formation of the
ternary complex, Fe(H,, ;DFB)(BPDS),,">™*!,
and determine its An.x. A baseline correction was
made using a solution containing 0.0101 M BPDS.
Spectra of a 0.313M Fe(HDFB) ClO,4,
0.0101 M BPDS in 0.191 M [NaNOj] solution
were taken every 5 min for 50 min as the solution
was allowed to equilibrate in a cuvette. After a
period of 12 h, an additional spectrum was taken.

In order to determine the stoichiometry and
complex stability constant of the ternary complex,
Fe(H,, . ;DFB)(BPDS),,"*™ !, equilibrium mea-
surements were carried out by pH spectrophoto-
metric titration. In four separate experiments,
UV-visible spectra of a solution of 0.254 mM
Fe(HDFB) " ClO4~, 0.00818 M BPDS in 0.05 M
NaC,H;0, and 0.1 M NaNO; were obtained as a
function of pH by adding small aliquots
(<0.01 ml total volume) of 2 M HCIO,4 to each
solution and recording equilibrium spectra
approximately every 0.15 pH unit, with pH
decreasing from 6.2 to 4.8. This set of experiments
was repeated in the absence of a buffer ([Na-
C,H305]i6:=0.00 M) with a solution of 0.313 mM
Fe(HDFB) "ClO4~, 0.010 M BPDS in 0.162 M
NaNOj;. UV-visible spectra over the range of 350—
700 nm and pH were recorded as this solution was
titrated from pH 5.29 to 4.67.
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Ternary complex formation kinetics

In the BPDS dependent kinetic experiments, sec-
ondary stock solutions of 0.45 mM ferrioxamine
B were prepared at pH 5.4, pH 6.5 and pH 7 in
0.5 M MES or 0.5 M MOPS. A series of BPDS
solutions containing variable amounts of BPDS
(0.00-0.3 M) atpH 5.4,pH 6.5and pH 7in 0.5 M
MES or MOPS was prepared. The corresponding
secondary stock solutions of FeHDFB and BPDS
were reacted in a 1:1 ratio.

In pH dependent kinetic experiments, multiple
secondary stock solutions of 0.45 mM ferriox-
amine B were prepared in 0.5 M MES or MOPS at
various proton concentrations. Secondary stock
solutions of 0.06 M BPDS were also prepared in
0.5 M MES or MOPS at each pH. The corre-
sponding secondary stock solutions of FeHDFB
and BPDS were reacted in a 1:1 ratio at each pH.

Redox kinetics

In the BPDS dependent kinetic experiments,
secondary stock solutions of 0.45 mM ferriox-
amine B were prepared at pH 71in 0.5 M MOPS. A
series of BPDS solutions containing variable
amounts of BPDS (0.00-0.22 M) at pH 7in 0.5 M
MOPS was prepared. Stock solutions of GSH

300 400 500 600
Time (min)

Figure 2. Plot of the absorbance at 465 nm as a function of time for reaction (1) with R=GSH in aqueous solution. Conditions:
[FeHDFB *],o=0.15 mM, [BPDS]io=7.50 mM, [GSH]=75 mM, [MOPS]=0.5 M 25°C, pH 7.0, 1 cm pathlength cell. Inset:
Spectral profile for the first hour of reaction (1) as described above.

(0.45 M) and H,A (0.546 M) were prepared. The
solutions were reacted in a 1:1:1 ratio.

In pH dependent kinetic experiments, multiple
secondary stock solutions of 0.45 mM ferriox-
amine B were prepared in 0.5 M MES at various
proton concentrations. Secondary stock solutions
of 0.3 M GSH, 1.08 M H»,A and 0.081 and 0.3 M
BPDS were also prepared in 0.5 M MES or MOPS
at each pH. The solutions were reacted in a 1:1:1
ratio.

In GSH and H,A dependent kinetic experi-
ments, a secondary solution of 0.45 mM FeHDFB*
was prepared. A stock solution of 0.081 M BPDS
was prepared along with multiple stock solutions of
GSH (0-1.08 M) and H,A (0-1.2 M). The solutions
for each corresponding reaction were reacted in a
1:1:1 ratio.

Results
General observations and overall reaction

No observable reaction occurs between FeHDFB ™
and GSH or H,A over a period of 24 h at 25 °C at
pH 7 in the absence of BPDS. However, the addition
of BPDS causes a visible change. Monitoring the
overall reaction of Fe(HDFB)" and R,4, where
R=GSH or H,A, in the presence of BPDS shows a
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Figure 3. Spectral profile for the first hour of the reaction (2) of ferrioxamine B (Anax = 430 nm) with BPDS in aqueous solution. A
spectral scan was made at 5 min intervals for 1 h. Arrows demonstrate the change in absorbance spectra over time. Conditions:
[FeHDFB *],,(=0.313 mM, [BPDS],,=0.0101 M, [NaNOs] = 0.191 M, 25+0.1 °C, pH 5.3, 1 cm pathlength cell. A baseline

correction was made using a solution containing 0.0101 M BPDS.

shift from an initial absorbance spectrum charac-
teristic of Fe(HDFB)"  (Amax Fe(npEB)+ = 428 nm)
(Monzyk & Crumbliss 1982) to that characteristic of
Fe(BPDS);*™ (Jmax = 533 nm) (Mudasir et al. 1998)
(Figure 2, inset) (reaction (1)). Plotting the change in
absorbance at a single wavelength as a function of
time for this reaction reveals two kinetically distin-
guishable steps (Figure 2), indicating the formation
of a moderately stable intermediate species.

Fe""(HDFB)" + 3HBPDS™ + Rieq

— Fe''(BPDS);™ + H4DFB™ + Ry M)
Since no reaction occurs between Fe(HDFB) "
and GSH or H»A in the absence of BPDS on this
timescale, the reaction of Fe(HDFB)* with BPDS
alone was investigated in order to resolve the
identity of any intermediate species formed in
reaction (1). During the course of this reaction a
shift in Ana occurred from 428 nm, due to fer-
rioxamine B (e = 2600 M~' cm™!) (Monzyk &
Crumbliss 1982), to 450 nm with an isobestic point
at 439 nm (Figure 3). This spectrum was stable
over a period of hours, and after 12 h a small,
secondary peak at 533 nm appeared corresponding
to a small amount of tris(bathophenanthro-
line)iron(II), Fe(BPDS);*~ (Mudasir et al. 1998).

These data suggest the formation of a mixed-ligand
or ternary complex as shown in equation (2), which
on standing for a long period of time in the presence
of excess BPDS undergoes an autoreduction reaction.

Fe(HDFB)" + mBPDS?~ + nH™"

N n—2m+1 (2)
= Fe(H,4+DFB)(BPDS);

Because this subsequent reduction reaction has
a half life several orders of magnitude greater than
that of the intermediate ternary complex forma-
tion reaction (reaction 2; t;, <1 h), reaction (2)
can be treated as an independent reaction in the
absence of GSH or H,A.

Thermodynamics of ternary complex formation

A series of spectrophotometric titrations was per-
formed to determine the stoichiometry and sta-
bility constant for the formation of the ternary
complex Fe(H, . ;DFB)(BPDS),," >™*! (equation
(3)) in reaction (2). From the overlaid spectra
(Figure 4a), it is apparent that with each stepwise
increase in [H'] a stepwise decrease in the
Fe(HDFB)" absorption band (428 nm) occurs,
along with an increase in the ternary intermediate
absorption band (450 nm). For a system with only
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Figure 4. (a) Spectrophotometric pH titration for equilibrium reaction (2) at constant [BPDS] and [Fe(HDFB) *]. Equilibrium spectra
were obtained approximately 15 min after the addition of acid. Arrows demonstrate increasing absorbance spectra with decreasing pH.
Conditions: [Fe(HDFB) " ],o;=0.254 mM, [BPDS],,=8.18 mM, 0.1 M NaNOs, 0.05 M sodium acetate buffer, 25.0+0.1 °C, 1 cm
path length cell, pH=16.12, 5.86, 5.69, 5.51, 5.34, 5.18, 5.00, 4.83, 4.68, 4.51, 4.41. (b) Representative plot of equation (4) from the data
collected in (a) at 475 nm, where n=1 and m=1. The [BPDS] plotted represents the concentration of the unprotonated species
calculated from pK,mgpps)=>5.2 (Blair & Diehl 1961). The solid line represents an optimized fit of equation (4) above for the data
collected at pH > 5 with slope=1.9(1)x10™® and intercept =0.75(1). Experimental conditions are the same as in (a).

two light absorbing species present, (Fe(HDFB) ™"
and Fe(H, . DFB)(BPDS),,"*™ "), the Schwar-
zenbach relationship (equation (4))(Anderegg
et al. 1963; Raymond et al. 1984; Caudle et al.
1994) may be used to analyze the data, where A; is
the initial absorbance of Fe(HDFB) ™", A, is the
equilibrium absorbance for a given set of condi-

tions in the titration, and Ay is the final absorbance
when all Fe(HDFB)" has been converted to
Fe(H, . {DFB)(BPDS),," ™" !.

o [Fe(H,4 DFB)(BPDS), |" ! 3
[Fe(HDFB)"|[H*]"[BPDS* |




Ai - Aeq

Aeq =K' 1
e« [H*]"[BPDS]™

+ Ar 4)

A series of plots of Aeq vs. (4i—Aeq)/
((H " "[BPDS]™) were made for n=0, 1, 2 and
m=0, 1, 2. Only when n and m were fixed at 1 was
the plot linear, as required by equation (4). Conse-
quently, we conclude that the stoichiometry of the
ternary complex is n=m=1 (Fe(H,DFB)(BPDY)).
From the sample plot of equation (4) (Figure 4b) the
equilibrium constant for reaction (2) is determined
from the slope of the line. An average of three trials
for the [H"] dependent spectrophotometric titra-
tion gave a value of log K=7.7(1) for equilibrium
reaction (2). Similarly, the average of four trials
for the buffered solution at variable [BPDS]
produced log K=7.7(2). These results are consistent
with the formation constant previously reported for
Fe(H,DFB) and (1,10-phenanthroline)®
(KFe(HZDFB)(phen) = 696(7)) (Olmstead et al. 2001)

Kinetics of ternary complex formation

In order to investigate the mechanism of ternary
complex formation (reaction (2)), a series of
kinetic experiments were performed under pseudo-
first-order conditions of excess BPDS over Fe
(HDFB)". The reaction proceeds in one
kinetically distinguishable step. A plot of the
pseudo-first-order rate constant, ks, as a function
of total BPDS concentration for reaction (2) re-
veals a linear relationship (Figure 5a). These data
are consistent with the mechanism shown in
equations (5) through (7). If we assume relaxation
conditions (Bernasconi 1976) with reactions (5)
and (6) as rapidly established equilibria and reac-
tion (7) as the rate determining step, then equation
(8) may be derived for the pseudo-first-order
relaxation rate constants (Kops)-

Fe(HDFB)"+H* +2H,0

(5)
=Fe(H,DFB)(OH,);" K,=10"%
HBPDS'™ = H* + BPDS>™ K, = 10732

(6)

121

0.000 T T T
0.00 0.01 0.02 0.03

[BPDS]iot (M)

0.006

(b)

0.005 -

—~ 0.004 +
\

L 0003

—@—
— @

[72]
'Qo 0.002
=

0.001

0.000 ; . ; ;
00  1,0x10° 2.0x10° 3.0x10° 4.0x10

[H*] (M)

Figure 5. (a) Plot of pseudo-first-order rate constant (ko) for
reaction (2) as a function of total BPDS concentration. Con-
ditions: [Fe(HDFB)"]=0.15 mM, [BPDS]=0.002-0.015 M,
[MES]=0.5M, pH=5.4, T=25 °C, 1 = 465 nm. Equation (9)
was fit to the data giving the solid line shown, yielding a
slope=0.063 (£0.007) and intercept=0.00177 (£ 0.00009). (b)
Plot of pseudo-first-order rate constant (k) as a function of
H"  concentration for reaction (2). Conditions:
[Fe(HDFB*)]=0.15 mM, [BPDS],,;=0.03 M, [MES]=0.5 M,
T=25°C, . =465, pH 5.6-7.0. A line representing the average
of the data points is shown; kyps =0.0031.

-6

Fe(H,DFB)(OH,)*" + BPDS?"
= Fe(H,DFB)(BPDS) + 2H,0 (7)
K3 = k3/k_3

+
kops = k3K [H ][BPDS]tot ks (8)

H(HY] + Ko+ ) + 2

kobs = k3K 1Ko2[BPDS] o + k3 )

Since K,=10"%* (Schwarzenbach & Schwar-
zenbach 1963; Monzyk & Crumbliss 1982) and
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K>=107>? (Blair & Diehl 1961), then K»/K; is
negligibly small and 1/K;>> (H']+K,). As a
result, equation (8) can be simplified to equation
(9). Equation (9) is consistent with the linear rela-
tionship shown in Figure 5a, where the slope is
equal to the product of k3K K> and the intercept is
k_3. Using the previously determined values for K
(8.7 M) (Monzyk & Crumbliss 1982; Birus et al.
1987) and K, (107>?) (Blair & Diehl 1961), the
microscopic rate constants k3 and k_;, were cal-
culated to be 1.2(£0.1)x10°M™'s™' and
1.8(£0.09)x107° s~! from the slope and intercept
of the line, respectively. These values agree rea-
sonably well with other reported rate constants for
the complexation of bidentate ligands with di-aqua
di-hydroxamate iron(III) complexes (Birus et al.
1985; Caudle & Crumbliss 1994; Wirgau et al.
2002).

A plot of ks for reaction (2) as a function of
H" concentration (Figure 5b) shows no depen-
dence of kops on H' concentration in the pH
range 5.4-7.0, which is also consistent with the
rate law shown in equation (9) and therefore
supports the mechanism proposed in equations (5)
through (7).

Kinetics of ferrioxamine B reduction by ascorbic
acid and glutathione in the presence of
bathophenanthroline disulfonate

A series of kinetic experiments was performed in
order to investigate the mechanism of the overall
reaction (1) between FeHDFB™, BPDS and R,
where R =glutathione or ascorbate. Plots of
pseudo-first-order rate constants (kgp,s) for reac-
tion (1) with GSH or H,A at constant [H "] show
saturation dependence on [BPDS] and linear
dependence on R (Figures 6a, b, 7a and b). No
dependence on [H "] from pH 5.4 to 7 was observed
for either GSH or H,A (data not shown).

The data in Figures 6 and 7 are consistent with
the mechanism described in equations (10)
through (12), where R is either reducing agent,
GSH or H,A. If ternary complex formation (the
sum of equations (5) through (7)), is considered as
a rapidly established, pre-equilibrium step as
shown in reaction (10) and iron reduction (reac-
tion (11)) is considered as the rate limiting step,
then the pseudo-first-order rate constant, kps, can
be described by equation (13).

0.00 002 004 006 008 0.10

[BPDS];o (M)

0.0 0.1 0.2 0.3 0.4
[GSH] (M)

Figure 6. (a) Plot of pseudo-first-order rate constant (ko) as a
function of total BPDS concentration for reaction (1), where
R =GSH. Conditions: [Fe(HDFB) "]=0.15 mM, [BPDS]=0.00—
0.1 M, [GSH]=0.15M, [MOPS]=0.5M, pH=7.0, T=25 °C,
A =465 nm. The equation ks = a[BPDS]/(b)[BPDS] + 1) was fit
to the data giving the solid line shown, yielding values for
a=0.0021 (£0.0001) and »=20 (£ 10). (b) Plot of pseudo-first-
order rate constant (kops) as a function of GSH concentration
for reaction (1). Conditions: [Fe(HDFB')]=0.15 mM,
[BPDS]=0.027 M, [GSH]=0-0.4 M, [MOPS]=0.5 M, T=25 °C,
A =465, 500 and 533 nm, pH 7.0. Data were fit linearly yield-
ing a slope of 2.2 (£0.2)x10™* M~! s™'and an intercept equal
to 6 (£3)x107%s7!.

Fe(HDFB)" + HBPDS'~

(10)
= Fe(H,DFB)(BPDS) K;

Fe''(H,DFB)(BPDS) + R;eq

(11)
— Fe!'(H,DFB)(BPDS)™ + Rox kg4
Fe!'(H,DFB)(BPDS)™ +2BPDS?” +2H*
—Fe''(BPDS);” +H4DFB™ fast

(12)
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Figure 7. (a) Plot of pseudo-first-order rate constant (kops) as a
function of total BPDS concentration for reaction (1), where
R =H,A. Conditions: [Fe(HDFB™)]=0.15 mM, [BPDS]=0.00—
0.1 M, [H,A]=0.182 M, [MOPS]=0.5 M, pH=7.0, T=25 °C,
A =460 nm. The equation ks =a[BPDS]/(b[BPDS] + 1) was fit
to the data giving the solid line shown, yielding values of
a=0.0078 (£0.001) and h=10 (£ 8) M~". (b) Plot of pseudo-
first-order rate constant (k) as a function of ascorbate concen-
tration. Conditions: [Fe(HDFB™)]=0.15 mM, [BPDS]=0.027 M,
[ascorbate] =0-0.4 M, [MOPS]=0.5 M, T=25°C, 1=465,
500 and 533 nm, pH 7.0. Data were fit linearly yielding a slope
of 9 (£2)x10* M 's7! and an intercept equal to 5
(£4)x107° 57"

i :k4K1[BPDS][ot[ROX]
°* = 1+ Ki[BPDS],,,

(13)

The data in Figures 6a, b, 7a and b were fit using
equation (13) as a model. Using the experimentally
determined values for k3 and k_5; and the previously
reported values for the constants K; and K,, K;
(K1 =K, K,K3) was determined to be 20+ 10 ML
Using this value for K7, k4 for reduction by GSH was
determined to be 6.5(+0.6)x10™* M~! s™! from
Figure 6a and 6.0 (£0.5)x107*M™'s™! from
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Figure 6b. Similarly for reduction by ascorbate, k4
was determined to be 2.4(£0.3)x107> M~ s7!
from Figure 7a and 1.8 (£0.6)x 107> M~! s7! from
Figure 7b. These values are consistent with other
studies where ascorbate is reported to be slightly
more efficient as a reducing agent than glutathione
(Stoyanovsky et al. 1998; Song et al. 2002).

Discussion

The mechanism of iron release from siderophore
carriers has been a subject of considerable conjec-
ture. The high binding capacities (8 > 103°) and very
negative reduction potentials (£, < —450 mV) that
are characteristic of iron(III}-siderophore complexes
would seemingly preclude reduction to an iron(II)
species as a viable process for iron release. However,
a release process which is preceded by reduction is a
chemically attractive hypothesis due to the kinetic
lability and decreased thermodynamic stability
achieved upon reduction of the iron(III)-sidero-
phore complex to iron(Il). Furthermore, the removal
of iron from ferri-siderophores by microbial reduc-
tases has been demonstrated (Brown & Ratledge
1975; Arceneaux & Byers 1980; Hallée & Meyer 1992;
Schroder et al. 2003) which supports reduction as a
viable mechanism for iron release.

Our overall results, which are summarized in
Scheme 1, have established that although ferriox-
amine B is kinetically inert, thermodynamically
stable, and difficult to reduce, the formation of a
ternary complex enables the reduction and release
of bound iron in the in vivo pH range by the physi-
ological reducing agents GSH and H,A. Evidently,
the ternary complex Fe(H,DFB)(BPDS) is kineti-
cally and thermodynamically more susceptible to
reduction and release of iron(Il) than is
Fe(HDFB™), which we attribute to the incorpo-
ration of two soft pyridyl nitrogen atoms from
BPDS and the removal of two borderline hard
oxygen atoms from the hydroxamate moiety in the
inner coordination sphere of Fe(HDFB™). This
replacement could cause a positive shift in the
reduction potential at the iron center due to the
destabilization of Fe(HDFB)™, since iron(III)
prefers hard ligand donors and iron(II) prefers soft
ligand donors. In addition, BPDS complexation
likely provides a thermodynamic driving force for
iron reduction by providing a stable iron(II)
product after reduction.
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Scheme 1. Proposed mechanism for the reaction of Fe(HDFB ") and HBPDS'™ in the presence of R (GSH or H»A) as shown in reaction
(1) in the text. Step I: Formation of the ternary complex in a rapidly established pre-equilibrium step (Reaction A: Rapid proton driven
ring opening of ferrioxamine B. Reaction B: HBPDS'~/BPDS>~ deprotonation/protonation equilibrium. Reaction C: Insertion of
BPDS?" into the aquated Fe(H,DFB)(OH,),>* complex to form the ternary complex, Fe(H,DFB)(BPDS) where k3 =1.2x10° M~! 57!
and k_3=1.77x107%s7')) Step II: Rate determining reduction of the ternary complex by R (GSH where ks=6.3x10"* M~' s7', or
H,A where k,=2.1x107 M~! s’l). Step I1I: Rapid ligand exchange, resulting in iron-free HyDFB " and Fe(BPDS)34’.

Although BPDS is not a physiologically rele- sidechains that could form ternary complexes with
vant ligand, it serves as a model for naturally siderophores. It is interesting and significant in the
occurring small molecules or protein receptor context of the observations reported here that the



crystal structure of a receptor bound iron—sidero-
phore ternary complex was recently reported
(Cobessi et al. 2005). In addition, if desferriox-
amine B is considered as a prototypical sidero-
phore, the fact that both GSH and H,A can reduce
this ternary complex on a biologically relevant
timescale is of great importance as both of these
substances are naturally abundant reducing
agents. Thus, we propose ternary complex for-
mation followed by iron(III)/iron(IT) reduction as
a viable path for siderophore bound iron release
in vivo.
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