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The coordination of iron(III) to the marine amphiphilic marinobactin and aquachelin siderophores, as well as to
petrobactin, an unusual 3,4-dihydroxybenzoyl siderophore is reported. Potentiometric titrations were performed on the
apo siderophore to determine the ligand pKa values, as well as the complex formed with addition of 1 equiv of Fe(III).
The log KML values for Fe(III)-marinobactin-E and Fe(III)-aquachelin-C are 31.80 and 31.4, respectively, consistent
with the similar coordination environment in each complex, while log KML for Fe(III)-petrobactin is estimated to be
about 43. The pKa of the β-hydroxyaspartyl hydroxyl group was determined to be 10.8 by

1H NMR titration. 13C NMR
and IR spectroscopy were used to investigate Ga(III) coordination to the marinobactins. The coordination-induced
shifts (CIS) in the 13C NMR spectrum of Ga(III)-marinobactin-C compared to apo-marinobactin-C indicates that the
hydroxamate groups are coordinated to Ga(III); however, the lack of CISs for the carbons of theβ-hydroxyamide group
suggests this moiety is not coordinated in the Ga(III) complex. Differences in the IR spectrum of Ga(III)-marinobactin-C
and Fe(III)-marinobactin-C in the 1600-1700 cm-1 region also corroborates Fe(III) is coordinated to the β-hydroxy-
amide moiety, whereas Ga(III) is not coordinated.

Introduction

For the vast majority of microbes, life without iron is not
possible.While iron is an essential element, it is present in the
environment as insolubleminerals such as hematite, goethite,
and pyrite or as polymeric oxide-hydrates, -carbonates, and
-silicates, severely restricting its bioavailability. To acquire
iron, many aerobic bacteria secrete siderophores, which are
ligands that have a high affinity for iron(III). Siderophores
function not only in the extracellular solubilization of iron-
(III) from minerals but also in the receptor-mediated trans-
port of Fe(III)-siderophores into microbial cells.
Although iron ranks as the fourth most abundant element

in the Earth’s crust, iron levels in the ocean are surprisingly
low, ranging from 20 pM to 1 nM over much of the world’s
oceans. These low levels of iron have been shown to limit

primary production by autotrophic microorganisms1-4 and
also heterotrophic bacteria.5 The dissolved Fe(III) in surface
waters is complexed by natural organic ligands,6-8 which
may also play a role in limiting the availability of iron to
microorganisms. Thus, iron is arguably the most important
of all the bioactive metals in the oceans.9

A large percentage of the characterizedmarine siderophores
can be classified as amphiphilic,10-14 suggesting an iron
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uptake strategy tailored to the physical and chemical con-
straints of themarine environment. In addition the presence of
R-hydroxy carboxylate groups in many marine siderophores
renders their Fe(III) complexes photoactive.11,15-18 Sunlight-
driven photoreduction of the Fe(III) in such siderophores
transiently produces Fe(II) which can be utilized by other
organisms, although in the one case studied in detail, the
photooxidized siderophore remains capable of binding iron-
(III) and transporting it into the cell of the producing organ-
ism.18 As part of an overall program of isolation and char-
acterization of siderophores from marine microbes, we
have investigated representatives of three families of sidero-
phores isolated from different species of marine bacteria and
which contain an R-hydroxy carboxylate core, specifically the
marinobactins, the aquachelins, and petrobactin.
The marinobactins and aquachelins are two suites of

amphiphilic peptide siderophores produced by distinct gen-
era ofmarine bacteria,Marinobacter andHalomonads.10,13,19

The marinobactins have a six-amino acid peptide headgroup
with an N-terminal appendage of one of a series of fatty acid
residues, ranging from C-12 to C-18 [Figure 1].10,13 These
siderophores span a range of amphiphilicities as a result of
the fatty acid appendage variations. The apo- and Fe(III)-
complexes can form spherical micelles,20,21 while the Fe(III)-
marinobactins can be induced to form vesicles.10,21,22 The
apo- and Fe(III)-marinobactins also partition to varying
degrees in membrane bilayers.23 The aquachelins are char-
acterized by a seven amino-acid peptide with N-terminal
appendages ranging from C-12 to C-14 fatty acids.10 As a
result of their shorter fatty acid tails and longer peptide

headgroup, the aquachelins are more hydrophilic within the
amphiphilic spectrum than are the marinobactins.
Petrobactin (PB), on the other hand, is a citrate-based

catecholate-type siderophore first isolated from a culture of
the oil-degrading marine bacterium Marinobacter hydro-
carbonoclasticus,17,24,25 andM. aquaeolei.26 This siderophore
is unique in that it utilizes the unusual 3,4-dihydroxybenzoyl
chelating subunit rather than the common 2,3-dihydroxy-
benzoyl moiety,24,25 Further interest in PB comes from the
fact that it is also found to be produced by terrestrial bacteria
and has recently been shown to play an important role in
growth and virulence under iron-deficient conditions of the
bioterrorism agent Bacillus anthracis where, because it does
not bind to siderocalin, it has been designated as a “stealth
siderophore” that can avoid recognition by the mammalian
immune system.27-32

Given the interest in how oceanic microorganisms acquire
iron(III), particularly in environments in which the iron is
dominantly complexed by other organic ligands, we report
herein on the coordination properties of several representa-
tive marine siderophores.

Materials and Methods

Bacteria. M. hydrocarbonoclasticus was maintained and
grown as previously described,25 while Marinobacter strain
DS40M6, andHalomonas aquamarina strain DS40M310,33 were

Figure 1. Structures of the marinobactins, aquachelins, and petrobactin.
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maintained in marine broth 2216 (Difco Laboratories, Detroit,
Mich.) and kept at -80 �C34 for long-term storage. For bench
cultures, themaintenancemedium consisted of natural seawater
obtained from the UCSB central seawater collection system,
aged 1-3 months in the dark at 4 �C before use, 1.5% Bacto-
agar, 5 g/L Bacto-peptone, and 1 g/L yeast extract (Difco
Laboratories). For siderophore production, DS40M6 and
DS40M3 were shaken aerobically at room temperature on a
rotary shaker (New Brunswick) at 200 rpm in a low-iron
synthetic medium containing: 15 g/L NaCl, 0.75 g/L KCl,
0.4 g/L MgSO4 3 7H2O, 1.0 g/L NH4 Cl, 3 g/L K2HPO4,
0.15 g/L CaCl2 3 2H2O, and 5 g/L sodium succinate. The pH
was adjusted to the desired value with phosphoric acid. The iron
concentration in the media was measured to be 0.1-0.2 ppm by
atomic absorption spectroscopy.

Siderophore Isolation. The aquachelins, marinobactins, and
petrobactins were isolated and purified as previously described.10,25

Potentiometric, NMR, and Spectrophotometric Titrations.

Standard carbonate-free solutions of KOH were prepared
from Baker “Dilut-It” ampules using boiled, purified water
(i.e., 18 MΩ resistance; Nanopure) and were stored under
Ascarite-scrubbed argon. Base solutions were standardizedwith
KHP to the phenolthalein end point. The absence of carbonate
(<2%) was confirmed by Gran’s plots.35 Iron solutions were
prepared from Fe(NO3)3 3 9H2O in 0.1 M HNO3, and the exact
iron concentration was determined by EDTA titration with
Variamine Blue as an indicator.18 Excess acid in the iron
solution was determined by passing an aliquot through a well
washed sample of the acid form ofAG 50W-X8 cation exchange
resin (Bio-Rad) and titrating the liberated acid. The excess acid
was the difference between the total acid and three times the
known iron concentration.

Spectrophotometric and potentiometric titrations were per-
formed in jacketed three necked titration vessels connected
to a constant temperature water bath and held at 25.0(1)�C.
Hydrogen ion concentration was measured using a Radiometer
PHM240 pH meter with a pHC4406 combination electrode
which was standardized with a three buffer sequence and
corrected (as needed) to read the negative log of the hydro-
gen ion concentration directly using dilute HNO3 solutions.

18

Titrant was added to the cell, which was kept under a blanket
of Ascarite scrubbed argon gas, with a Gilmont microburet.
Ligand protonation constants were determined from the non-
linear refinement of the potentiometric titration data using
the programs BEST or PKAS developed by Martell and
Motekaitis.36 Spectrophotometric titration data were analyzed
either graphically using the Schwarzenbach equation or via non-
linear least-squares refinement using the program SPECFIT.

Proton NMR titrations were conducted at 500 MHz using
12-35 mg of siderophore in 700 μL of D2O on a Varian Inova
spectrometer. The data were processed with a baseline correction
and exponential multiplication prior to Fourier transformation,
and all chemical shifts were reported relative to an internal
standard of DSS (0.00 ppm, at 25 �C). The pH was adjusted using
NaOD (2.0 M) as a titrant, and meter readings in D2O were
corrected by adding 0.44 to obtain values of pD.37 Protonation
constants were determined by fitting the chemical shift values
versus pH by nonlinear least-squares refinement. To facilitate
comparison to the potentiometric results, the NMR data was
corrected to 0.1 M ionic strength using the Davies equation.38

EDTA Competition Experiments. The low pH obtained upon
mixing Fe(III) with a solution of any of the siderophores

indicates that a considerable degree of chelate formation occurs
prior to the addition of any base. Since no significant fraction of
free metal is present, it is not possible to obtain the overall
formation constant from titration data directly. Therefore an
EDTA competition method was used to obtain the desired
formation constants. Solutions for the EDTA competition
measurements were prepared by adding a known quantity of
iron stock to a 50 mMHEPES (pH 7.4) or MES (pH 6.0) buffer
containing 0.1 M KNO3, a constant amount of ligand and
varying quantities of EDTA in excess and allowing them to
come to equilibrium. The attainment of equilibrium was moni-
tored by optical spectroscopy and appeared to be relatively
rapid but samples were left for 1 week as a precaution. The
concentration of iron siderophore complex was measured by
optical spectroscopy using the known extinction coefficients of
the Fe-siderophores and EDTA. Data were analyzed both
manually and via the program SPECFIT.

Results

Marinobactins. Ligand Protonation Equilibria. Ligand
protonation constants were determined from the nonlinear
refinement of the potentiometric titration data (Figure 2
for Marinobactin E) to give pKa values of 3.85(4), 8.89(2),
and 9.52(4). These pKas correspond to the terminal carboxy-
lic acid and the two hydroxamic acid groups respectively
(Table 1). An additional deprotonation for the β-hydro-
xyaspartyl proton was also indicated but as it averaged
12.0(6), it is not well-defined by the potentiometric titration
data.
Because the pKa of the hydroxyl group of the β-hydro-

xyaspartyl moiety is important to the determination of
the overall formation constant, an NMR titration was
chosen as an alternate approach. Deprotonation of each
hydroxamate group of marinobactin B was easily mon-
itored by NMR using either the acetyl methyl or the δ
proton resonances which are closest to the titrating
groups and produced the largest chemical shift differ-
ences. Somewhat surprisingly, however, the R and β
protons of the β-hydroxyaspartyl moiety were not the
most sensitive to the titration of this group; rather, the
DABA protons on the opposite side of the nine-mem-
bered ring were most strongly affected. Nevertheless
similar values for the pKa of the β-hydroxyaspartyl amide
group were determined by monitoring any of the protons
contained in the nine-membered ring. The determined
pKa values for the hydroxamic acidswere 9.67 and 8.76, in
reasonable agreement with the potentiometric results for

Figure 2. Potentiometric Titration of Marinobactin E (0.515 mM in
0.1 M KNO3) with KOH before and after addition of 1 equiv of Fe(III).
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the related marinobactin E, 9.52 and 8.89. The pKa

obtained for the β-hydroxyaspartyl hydroxyl group was
10.8 (Figure 3) which is comparable to the pKa of the
hydroxyl proton in citric acid, pKa ∼11.6, or in the citric
acid groups of the siderophore rhizoferrin, pKa ∼10.7.39

Metal-Ligand Equilibria. The potentiometric titration
curve for an equimolar solution of marinobactin E and
Fe(III) is shown in Figure 2. Below pH 7 four protons are
released upon iron(III) coordination, indicating that in
addition to the three readily titratable protons on the
ligand (i.e., two hydroxamic acids and the terminal
carboxylic acid), an additional proton, almost certainly
from the β-hydroxyaspartyl group, is also released. In
addition, below about pH 3.7, where one proton has been
added to the fully deprotonated Fe(III)-marinobactin-E
complex, precipitation of a neutral iron(III)-siderophore
complex occurs. More detailed analysis (i.e., nonlinear
least-squares refinement) of the data was frustrated by
two features of this system. The first is that the systemwas
very slow to equilibrate and yield stable pH values. This
phenomenon was exacerbated by the higher concentra-
tions needed for reasonable accuracy. This problem
appears to be related to the surfactant-like qualities of
these siderophores and their tendency to aggregate and

formmicelles and other assemblies.10,20 The second is that
the high salt concentration needed to control the ionic
strength increased the pH at which a neutral iron-side-
rophore complex began to precipitate. Therefore some of
the pH instability could also be related to partial pre-
cipitation. In any event, the lack of any free metal at
equilibrium under conditions accessible without precipi-
tation precluded refinement of the overall formation
constant.
Some of the pertinent metal-ligand equilibria could be

obtained spectrophotometrically but only by working at
zero ionic strength and allowing significant time for
equilibration between pH changes. Starting at high pH,
where the Fe(III)-marinobactin-E complex is completely
soluble, and lowering the pH from 10.8 to 8.0 brought
about small changes in the optical spectrum over which
an isosbestic point is maintained . This data could be
treated via a Schwarzenbach analysis where generally

Aobsd ¼ ½1=KMHLðAML - εobsdÞ=Hn� þ AMHL ð1Þ

withAobsd themeasured absorbance,AML the absorbance
arising from the unprotonated complex, AMHL that aris-
ing from the protonated complex, KMHL the protonation
constant, Hn the concentration of hydrogen ions, and n
the number of protons involved. Here we treat the system
as a protonation of the hydrolyzed iron siderophore
complex proposed to be present at high pH and desig-
nated FeLOH2- in eq 2 which yields a log K value of
9.6(3).

FeLOH2- þHþ ¼ FeL- þ H2O ð2Þ

Over the range from pH 6 to 3.7 further spectral changes
occur with λmax shifting from 400 to 420 nm with a new
isosbestic point indicating only two absorbing species in
solution (Figure 4).

FeL- þ Hþ ¼ FeHL ð3Þ

This data was again treated via Schwarzenbach analysis
(Figure 4 inset), and a linear plot is obtained only for n=1
which yields a log KMHL = 4.63(5) for the equilibrium
shown in eq 3. This addition of a single proton to the
anionic FeL- complex provides a plausible explanation
for the precipitation of a complex below a pH of 3.7 since

Table 1. Comparison of the 13C Resonances of apo-Marinobactin C and Ga(III)-Marinobactin Ca

CO (ppm) CR (ppm) Cβ (ppm) Cγ (ppm) Cδ (ppm) Other (ppm)

OAc-OH-L-Orn Apo-MC 173.5 51.7 22.9 29.0 46.7 170.4, 20.4

Ga(III)-MC 173.0 51.6 23.5 28.7 50.5 160.7, 16.4

L-Ser Apo-MC 169.8 54.9 61.9
Ga(III)-MC 169.6 56.6 61.0

OAc-OH-D-Orn Apo-MC 171.5 52.3 22.9 29.0 46.7 170.4, 20.4

Ga(III)-MC 171.4 51.9 23.0 28.7 50.0 160.7, 16.4

D-Ser Apo-MC 169.5 55.3 61.9
Ga(III)-MC 169.6 54.8 61.9

L-DABA Apo-MC 168.9 50.8 21.5 36.5
Ga(III)-MC 168.8 50.7 21.5 36,4

D-threo-β-OH-Asp Apo-MC 162.0 53.1 70.5 162.0
Ga(III)-MC 161.9 53.0 70.5 161.3

aThe 13C chemical shifts in bold showaCISof at least 3 ppm in theGa(III) complex compared to apo-marinobactinC. The13C chemical shifts in italics
are carbons which shift 0.5 to 1 ppm in the Ga(III) complex compared to apo-marinobactin C.

Figure 3. Determination of the pKa of the β-hydroxyaspartic acid
moiety of Marinobactin B via NMR titration.
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the neutral FeHL species, containing as it does, a long
hydrophobic tail, is expected to be only sparingly soluble.

EDTACompetition.Using a 2-10 fold excess of EDTA
over siderophore at pH 6.0 it is possible to set up a
measurable competition for Fe(III) between the two
ligands. The measured equilibrium constant, Km, of
1.01(12) represents the reaction shown in eq 4.

FeEDTA þ Siderophore
¼ FeSiderophore þ EDTA ð4Þ

where siderophore and EDTA represent the ligands in all
their protonated forms. The conditional or pH dependent
formation constant for the iron siderophore is then given
by eq 5.

K*FeSid ¼ KmK*FeEDTA ð5Þ
where K*FeEDTA = KFeEDTA 3 Redta, the pKa values and
overall pH independent formation constant for EDTA
being already known.36 While this is a valid stability
constant under the conditions specified, it is difficult to
compare to the standard pH independent formation
constants which are written in terms of the fully depro-
tonated ligands. To obtain the pH independent formation
constant it is necessary to correct the free siderophore
concentration to that of the fully deprotonated form
using the appropriate R function. This calculation in turn
requires knowledge of all of the protonation constants for
the respective ligand. Thus using the four required pKa

constants presented above, the overall formation con-
stant, log KML, for Fe(III)-marinobactin-E is determined
to be 31.80(5) (Table 3).

Metal Ligand Coordination. Spectrophotometric titra-
tion at 420 nm of apo-marinobactin E at near neutral pH
(7.4; HEPES buffer) with Fe(III) showed a clean break at
1:1 iron(III)/siderophore stoichiometry. The extinction
coefficient of 2000M-1 cm-1 is consistent with dihydrox-
amate coordination while the blue-shifted absorption
maximum suggests additional anionic coordination
(presumably through the β-hydroxyaspartate). In addi-
tion the ESI-MS showed a major peak cluster at m/z
of 1041 amu, consistent with a 1:1 Fe(III)-marinobactin
E complex. Although the data presented thus far are

consistent with a structure where Fe(III) is coordinated
to the two hydroxamate groups and both the hydroxyl
and carbonyl groups of the β-hydroxyaspartyl amide
group, detailed evaluation requires a single crystal
X-ray diffraction study. In the absence of suitable single
crystals we have utilized NMR spectroscopy as an alter-
native tool. Although NMR spectroscopy of the para-
magnetic Fe(III) complex itself is precluded, data can be
obtained for the Ga(III) analogue. Gallium(III) is widely
used as a structural probe for Fe(III) since it has approxi-
mately the same size and charge but is diamagnetic. ESI-
MS confirms that Ga(III) also binds to themarinobactins
with the same 1:1 stoichiometry as Fe(III) (i.e., m/z of
1025 and 1028 in a 3:2 ratio reflecting the relative abun-
dance of 69Ga and 71Ga coordinated to marinobactin C).
The NMR spectra of the Ga(III) complexes of the

marinobactins indicate a number of changes with respect
to the free ligand. Most revealing are the 3.3-9.7 ppm
coordination induced shifts (CIS) in the resonances for
the carbons around the N-hydroxy-N-acetyl groups of
the hydroxamates upon Ga(III) coordination (Table 1).
The magnitudes of these shifts are similar to those seen
with other siderophores39 and indicate that the hydro-
xamate groups are coordinated to Ga(III). Of particular
note is the lack of significant CIS for the carbons of
the β-hydroxyaspartyl amide (i.e., a difference of only
0.7 ppm for Cγ and 0.0 ppm for Cβ). Thus unlike with
Fe(III), the hydroxy carboxyamide moiety does not ap-
pear to be coordinated to Ga(III) under the experimental
conditions. A similar situation has been reported for the
Ga(III) complex of the citrate-containing siderophore
rhizoferrin.39

Raising the pH of Ga(III)-marinobactin-C from 7 to 9
caused no change in the resonance for Cβ; however, at
pH 11 it shifted to 72.3 ppm and at pH 12 it shifted to
73.0 ppm. These shifts probably correspond to the de-
protonation of the hydroxyl group bound to Cβ in the
free ligand and confirm that it is not deprotonated in the
Ga(III) complex at physiological pH. In addition, no
evidence for coordination of Ga(III) to the β-hydroxy-
aspartate group could be derived from NOE data (data
not shown).40

Final support for the difference in coordination be-
tweenGa(III) andFe(III) comes from IR spectroscopy on
marinobactin C, and its Ga(III) and Fe(III) complexes.
The IR peak at 1609 cm-1 in both Ga(III)-marinobactin-C
and apo marinobactin C is downshifted to 1581 cm-1 in
the Fe(III) complex (Supporting Information, Figure S1).
This peak is assigned as the CdO stretch within the
β-hydroxyaspartate moiety. The difference spectrum
between Ga(III)-marinobactin-C and Fe(III)-marino-
bactin-C (Figure 5) shows that the Ga(III) and Fe(III)
complexes differ in the 1600-1700 cm-1 region, and
indicates that the β-hydroxyaspartate moiety is bound
to Fe(III) but not to Ga(III). Thus, contrary to what has
been widely assumed, Ga(III) is not always an ideal
structural model for iron coordination to siderophores.

Aquachelins. The potentiometric titration curve for
aquachelin C shows a break at 3 equiv base/mol ligand

Figure 4. UV-vis spectra ofFe(III)-marinobactinE as a functionofpH
(μ = 0 M, T = 25 �C). Inset: Schwarzenbach plot for the lower pH
transition (pH 6 to 3.7).

(40) Zhang, G. P. Marinobactins and petrobactins: Two new sets of
siderophores from marine bacteria. Ph.D. Dissertation, University of California,
Santa Barbara, Santa Barbara, CA, 1999.
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which represents the titration of the two free terminal
carboxylates and the presence of 1 equiv of TFA thought
to be retained from the HPLC purification. The presence
of the stoichiometric amount of TFA was confirmed by
19F NMR. Titration of the hydroxamic acid groups
occurs above pH 8. Ligand protonation constants were
again determined from the nonlinear refinement of the
data, and the evaluated constants were 3.32(4), 3.79 (10),
8.73(7), and 9.52(20) which represent the β-hydroxy-
aspartic acid, the C-terminal carboxylic acid, and the
two hydroxamic acid groups, respectively. An additional
deprotonation for the β-hydroxyaspartate hydroxyl
group was not observed over the pH range studied.
Although the β-hydroxyaspartate hydroxyl is thought

to be involved in iron coordination by these ligands and
its pKa is therefore important to the determination of the
overall formation constant, it could not be determined
from the potentiometric data. NMR titration was again
chosen as an alternate approach; however, unlike the
situation in the structurally similar marinobactin series,
it failed to reveal the pKa of this group as the protons for
the β-hydroxyaspartate group itself were either buried
under the D2O resonance or were in a very crowded area
of the spectrum precluding their use as titration markers.
The potentiometric titration curve for an equimolar

solution of aquachelin C and Fe(III) was not very in-
formative for the same reasons as described for the related
marinobactins, and thus, we used the standard EDTA
competition method to obtain the overall Fe(III)-aqua-
chelin-C formation constant. Using a 2-10 fold excess of
EDTAover siderophore at pH6.0, it is possible to set up a
measurable competition for Fe(III) between aquachelin
and EDTA. The measured equilibrium constant, Km, of
1.47(5) represents the reaction shown in eq 4. The condi-
tional or pH dependent formation constant for the iron
siderophore is then given by eq 5 where log K*FeSid =
20.30. Again while this is a valid stability constant under
the conditions specified, it is difficult to compare to the
standard pH-independent formation constants which are
written in terms of the fully deprotonated ligands. Since
only four of the five required constants have been mea-
sured for aquachelin C, we have estimated the pKa for
the β-hydroxyaspartate hydroxyl group as being near
10.8 based on the value obtained for the hydroxyl proton
in the closely relatedmarinobactin E.Given this estimate,
the overall formation constant of logKML for aquachelin
C is calculated to be 31.4.
Spectrophotometric titrations under certain condi-

tions also allow for quantitation of one of the pertinent

metal-ligand protonation equilibria but again only by
working at zero ionic strength and allowing for significant
time for equilibration between pH changes. Over the
range from pH 7 to 3 very small spectral changes occur
with an isosbestic point indicating only two absorbing
species in solution. This could be treated as a single
protonation equilibrium between FeL and FeHL using
a standard Schwarzenbach analysis (eq 1). A linear plot is
obtained only for n = 1 and gives log KMHL of 5.50(10).

Petrobactin. There are eight potentially dissociable
protons on petrobactin (PB), two phenolic protons from
each of the two catechol groups, two secondary amines,
and two from the central citrate moiety. Six of these are
expected to be displaced upon Fe(III) coordination to
satisfy the octahedral six coordination preference for
Fe(III). However, the observed potentiometric titration
of petrobactin itself shows the dissociation of only three
protons, with successive pKa values of 9.77, 7.95, and
3.13. The pKa value of 3.13 can be easily assigned to the
central carboxylic acid group. It is more difficult to assign
the higher pKa values to specific functional groups, since
the intrinsic pKa values of secondary amines, the catechol
groups, and the citrate hydroxyl overlap. However, it is
not necessary to assign the macroscopic pKa values to
specific functional groups to measure the Fe(III)-PB
stability constants.
Given the expected strong binding of Fe(III) to PB,

direct measurement of the overall M-L binding constant
was precluded, so again we utilized an indirect competi-
tion method to determine the ferric affinity constant.
Using a 2-10 fold excess of EDTA over petrobactin at
pH 7.4, it is possible to set up ameasurable competition of
Fe(III) between the two ligands. The measured equili-
brium constant, Km, of 6.8(3) for PB represents the
reaction shown in eq 4. The conditional or pH-dependent
formation constant for Fe(III)-PB is then given by the
corresponding version of eq 5 with a value for log
K*FePB= 22.1(2) at pH 7.4. While it is difficult to
compare the overall formation constant of iron chelators
to one another because of differences in ligand pKa’s and/
or stoichiometry, the “pM” value has been proposed as a

Figure 5. IR difference spectrum between Ga(III)-marinobactin-C and
Fe(III)-marinobactin-C.

Figure 6. Spectrophotometric titration of Fe-petrobactin from pH 11.3
to 6.7 (Calculated spectra and species distribution diagram based on the
global SPECFITmodel derived from this data canbe found inSupporting
Information, Figures S2 and S3).
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means for more direct comparison. The pM values ex-
press the amount of “free iron” present at equilibrium
under particular sets of experimental conditions, typically
at a total ligand concentration of 10-5 M, a total iron
concentration of 10-6 M, and a pH of 7.4. The pM value
calculated from our conditional stability constant for PB
is 23.1. The calculation of pM from the conditional
constant is in good agreement with that determined by
Raymond et al. (23.0) using a more direct method.41 To
obtain the standard pH-independent formation constant,
which is written in terms of the fully deprotonated ligand
states, it is again necessary to correct the free siderophore
concentration to that of the fully deprotonated form
using the appropriate R function. Since we can only
measure pKa values for the loss of three protons from
fully protonated H8PB

2þ, it is necessary to estimate five
unknownprotonation constants (i.e., for two catecholate,
two secondary nitrogen, and the citrate hydroxyl groups).
This makes the overall stability constant calculated here
subject to considerable error. Nevertheless using esti-
mated values of 12.0 for the two highest catecholate
proton dissociations, 11.0 for the citrate hydroxyl and
10.0 for each of the two secondary nitrogens, we arrive at
an overall stability constant, log KML, for Fe(III)-PB of
about 43(4).
Spectrophotometric titrations could be used for quan-

titation of several of the pH dependent metal-ligand
protonation equilibria observed. Starting at pH 11.3
where the iron siderophore complex is completely soluble
and lowering the pH to 6.7 brought about changes in the
optical spectrum with a shift in λmax from around 485 to
520 nm. Over part of that range an isosbestic point is
maintained (Figure 6). This regime can be treated as a
single proton equilibrium between FeHL2- and FeH2L

-

giving a value for log KMH2L of 7.65(10). Attempting to
lower the pH below 6.2 results in the formation of a
purple-blue precipitate and loss of any isosbestic points,

thus precluding Schwarzenbach analysis of any further
protonation equilibria. However, the entire data set can
be fit to a three proton model using the program SPEC-
FIT. The SPECFITmodel gives protonation constants of
10.1(1), 7.81(11), and 6.89(18) for log K1-3.

Discussion

The ligand protonation constants determined for the
marine siderophores in this study (Table 2) correlate well
with those of other siderophores containing a citrate-like
hydroxyl acid core such as those of the related dihydrox-
amate aerobactin and rhizoferrin siderophores.
The overall ferric-siderophore formation constants of

1031.8 for marinobactin E and 1031.4 for aquachelin C are
very similar to each other and in the range observed for
tris-hydroxamate siderophores such as the ferrioxamines
and ferrichromes.40 Although Fe(III)-marinobactin E and
aquachelin C contain only two hydroxamate groups, the
β-hydroxyaspartate is a functionally similar bidentate ligand,
with a pKa of near 10.8. Data from optical spectroscopy,
NMR, IR, and the fact that four protons are liberated upon
Fe(III) coordination to marinobactin E (and by analogy
aquachelin C), strongly suggests that β-hydroxyaspartate
coordinates to Fe(III) as a bidentate ligand in the fully
deprotonated FeL complex. The only realistic alternative is
that the “extra” proton released in the formation of the
species designated FeL comes from the deprotonation of a
coordinated water molecule to produce a monohydroxo
complex. A widely used correlation between the magnitude
of the overall formation constant and the magnitude of any
hydrolysis constant suggests that the first protonation con-
stants of 4.63 or 5.5 aremuch too low to be assigned to simple
hydrolysis.42 On the other hand the constant we have
assigned as the hydrolysis of Fe(III)-marinobactin E, which
occurs only above pH 9, has a value exactly as expected
given the high overall stability constant. In addition, all the
known siderophores in which a citrate hydroxyl group
has been implicated as an iron ligand, such as aerobactin
(4.6), and rhizoferrin (5.5) among others, show first
protonation constants in the same range as Fe(III)-marino-
bactin E and Fe(III)-aquachelin C suggesting similar coordi-
nation.

Table 2. Ligand Protonation Constants

siderophore R-COOH of citrate or β-hydroxy Asp COOH N-OH N-OH R-OH of β-hydroxy Asp * *

aquachelin C 3.32(4) 3.79(10) 8.73(7) 9.52(20)
marinobactin E 3.85(4) 8.89(2) 9.52(4) 10.84
marinobactin D 3.75(2) 8.47(15) 9.40(5)
petrobactin 3.13 7.95 9.77

*Macroscopic protonation sites not defined.

Table 3. Overall Ferric-Siderophore Formation Constants and Metal-Ligand
Protonation Constants for Some Selected Siderophores

siderophore
log
KML

log
KMHL

log
KMH2L

log
KMH3L

log
KMH-1L

aquachelin Ca 31.3 5.5(1) nd
marinobactin Ea 31.80(5) 4.63(5) nd 9.6(3)
petrobactina 43(4) 10.1(1) 7.81(11) 6.89(18)
aerobactin42 27.6(1) 4.58(8) 3.62(7)
rhizoferrin39 25.3 5.5(2) 4.3(1)
ferrioxamine B43,44 30.6
enterobactin45,46 49 4.89(6) 3.15
alterobactin A47,48 51(2)

aThis work.

(41) Abergel, R. J.; Zawadzka, A.M.; Raymond, K.N. J. Am. Chem. Soc.
2008, 130, 2124–þ.

(42) Harris, W. R.; Carrano, C. J.; Raymond, K. N. J. Am. Chem. Soc.
1979, 101, 2722–2727.

(43) Cooper, S. R.; McArdle, J. V.; Raymond, K. N. Proc. Natl. Acad.
Sci. U.S.A. 1978, 75, 3551–3554.

(44) Schwarzenbach, G.; Schwarzenbach, K. Helv. Chim. Acta 1963, 46,
1390–1400.

(45) Loomis, L. D.; Raymond, K. N. Inorg. Chem. 1991, 30, 906–911.
(46) Harris, W. R.; Carrano, C. J.; Raymond, K. N. J. Am. Chem. Soc.

1979, 101, 2213–2214.
(47) Reid, R. T.; Live, D. H.; Faulkner, D. J.; Butler, A.Nature 1993, 366,

455–8.
(48) Lewis, B. L.; Holt, P. D.; Taylor, S.W.;Wilhelm, S.W.; Trick, C. G.;

Butler, A.; Luther, G. W. Mar. Chem. 1995, 50, 179–188.
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The protonation equilibria for Fe(III)-PB are more diffi-
cult to assign. The initial protonation, with a pKa of 10.1 and
which results in only very small spectral changes, is reason-
ably assigned as the protonation of one of the uncoordi-
nated secondary amines. The second protonation (pKa 7.81)
results in major spectral changes precluding assigning it to
protonation of the remaining secondary amine. In many
tris-catecholate systems the first three metal ligand proton-
ation constants typically correspond to the successive pro-
tonation of each of the three most basic (meta) catecholate
oxygens to form a neutral FeH3L complex.46 This results in a
conversion from a tris-catecholate type coordination to a
“tris-salicylate” mode (Figure 7).49 However, such “tris-
salicylate” coordination would seem to be less likely for
petrobactin since it contains the 3,4- rather than the 2,3-
dihydroxybenzoyl unit resulting in a 7-membered chelate
ring rather than the more favored 5-membered ring found
with the latter. An alternate possibility is that the addition
of a second proton to the FeHPB complex causes a re-
arrangement to a species where the coordination mode
shifts from bis-catecholate to a mixed amino-phenol type
coordination (Figure 7). However the exact nature of this or
the third protonation (pKa 6.89) remain speculative and
requires further investigation. What is clear, however, is that
the stepwise addition of three protons to the completely
deprotonated Fe(III)PB3- anion results in a purple colored
neutral species that precipitates from solution, phenomeno-
logically similar to what is seen for many triscatecholato
siderophores or their analogues.49

Although the marinobactins and aquachelins contain
Fe(III) chelating groups similar to their terrestrial analogues,
clearly they also have unique structural features. The pre-
sence of fatty acid tails of variable chain length (both
saturated and unsaturated) in these marine systems sees its
only analogy with terrestrial siderophores in themycobactins
and carboxymycobactins expressed by mycobacteria.50,51

Many pathogenic mycobacteria produce both lipophilic
membrane-bound siderophores known as mycobactins,
which are completely water-insoluble, and a similar set of
more hydrophilic siderophores excreted into the environment
called carboxymycobactins. The only difference between the
carboxymycobactins and the mycobactins is a shortening of
the lipophilic tail attached to the lone hydroxamate group
froma range of C-16 toC-19 to a range of C-1 toC-7, and the
termination of that shorter fatty acidwith amore polar group
such as an ester or carboxylate. In this regard the marino-
bactins and aquachelins more closely resemble the mycobac-
tins. It has been demonstrated that the water-soluble
carboxymycobactins can deliver iron from the media to the
membrane-bound mycobactins that in turn internalizes the
iron for use. With the recent discovery of the membrane-
boundmarinobactin F,13 experiments can nowbe carried out
to investigate Fe(III) transfer between the marinobactins or
with other families of amphiphilic siderophores.
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Figure 7. Proposed changes in coordination of iron to petrobactin upon
protonation. Only partial iron coordination to one of the 3,4-catecholate
groups is shown for clarity.
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