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Azotobacter vinelandii, a nitrogen-fixing soil bacterium, secretes in iron deficiency azotobactin d, a highly fluorescent
pyoverdin-like chromopeptidic hexadentate siderophore. The chromophore, derived from 2,3-diamino-6,7 dihydrox-
yquinoline, is bound to a peptide chain of 10 amino acids: (L)-Asp-(p)-Ser-(L)-Hse-Gly-(p)-/3-threo-HOAsp-(L)-Ser-
(p)-Cit-(L)-Hse-(L)-Hse lactone-(p)-N°-Acetyl, N>-HOOr. Azotobactin o has three different iron(lll) binding sites
which are one hydroxamate group at the C-terminal end of the peptidic chain (N°-Acetyl, N°-HOOrn), one
o-hydroxycarboxylic function in the middle of the chain (5-threo-hydroxyaspartic acid), and one catechol group on
the chromophore. The coordination properties of its iron(lll) and iron(ll) complexes were measured by
spectrophotometry, potentiometry, and voltammetry after the determination of the acid—base functions of the
uncomplexed free siderophore. Strongly negatively charged ferric species were observed at neutral p[H]'s
corresponding to a predominant absolute configuration A of the ferric complex in solution as deduced from CD
measurements. The presence of an a-hydroxycarboxylic chelating group does not decrease the stability of the
iron(lll) complex when compared to the main trishydroxamate siderophores or to pyoverdins. The value of the
redox potential of ferric azotobactin is highly consistent with a reductive step by physiological reductants for the
iron release. Formation and dissociation kinetics of the azotobactin o ferric complex point out that both ends of this
long siderophore chain get coordinated to Fe(lll) before the middle. The most striking result provided by fluorescence
measurements is the lasting quenching of the fluorophore in the course of the protonation of the ferric azotobactin
o complex. Despite the release of the hydroxyacid and of the catechol, the fluorescence remains indeed quenched,
when iron(lll) is bound only to the hydroxamic acid, suggesting a folded conformation at this stage, around the
metal ion, in contrast to the unfolded species observed for other siderophores such as ferrioxamine or pyoverdin
PaA.

Introduction organisms depend directly or indirectly upon them for their
Azotobactewinelandiiis a nitrogen-fixing bacterium that ~ SUPPly Of nitrogenated compounds used for the synthesis of

transforms atmospheric nitrogen into ammatieOnly a nucleic acids. This biological reduction of atmospheric

relatively small number of microorganisms termed diazotro- Nitrogen into ammonia which is called nitrogen fixation is

ph$ are capable of carrying out this process, and all dué to a multimeric enzyme called nitrogenase which
catalyzes the conversion of molecular nitrogen iNto
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(A-M.A.-G.). living symbiotically in some plants roots (beans, peas,
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(1) Glick, B. R.Can. J. Microbiol.1995 41, 109-117. siella, Azospirillum, Azomonastc., or in blue green algae
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(3) Kim, J.; Rees, D. CBiochemistry1994 33, 389-397. either iron and molybdenum (MoFe-protein), or iron and
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vanadium (\-Fe-protein). This underlines the particularly
crucial role of iron for the survival of the bacterium for which
nitrogen supply can be subject to iron uptake.

Under iron deficient condition®\zotobactervinelandii

(strain D) secretes high amounts of a fluorescent siderophore

called azotobactifia chromopeptidic siderophore belonging

to the class of pyoverdins, the peptidic siderophores of the

fluorescent pseudomonatiPyoverdins are constituted of a
fluorescent chromophore derived from 2,3-diamino-6,7-
dihydroxyquinoline, bound via a carboxylic acid group to
the N terminus of an oligopeptide of@2 amino acids of
various chirality and composition with a lineart* partially
cyclic,®>1° or fully cyclic?® backbone.

All of these siderophores, pyoverdins or pyoverdin-like

siderophores, possess three iron(lll) specific bidentate
groups: the catechol group of the fluorophore, one hydrox-
amate group at the end of the peptidic chain, and either an

additional hydroxamate group or a hydroxycarboxylic acid

group in the middle of the chain. These bidentate groups

firmly bind to iron(lll) giving very stable octahedral com-
plexes by means of six oxygen atoms.

Structure elucidation of azotobactinhas shown that the
three different iron(lll) binding sites are one hydroxamate
group at the C-terminal end of the peptidic chaild¢etyl,
N°-HOOrN), onex-hydroxycarboxylic function in the middle
of the chain g-threo-hydroxyaspartic acid), and one catechol
group on the fluorophore derived from 2,3-diamino-6,7
dihydroxyquinolinet The latter is bound to a peptide chain
of 10 amino acids: W)-Asp-()-Ser-{)-Hse-Gly-6)-5-threo
HOAsp-()-Ser-p)-Cit-(L)-Hse-()-Hse lactonex)-N°-acetyl,
N°-HOOrn (Figure 1)°4 In solution, azotobactin D is in
equilibrium with its lactone form azotobactin Lactonization
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Figure 1. (a) Chemical structure of azotobactin K;—Kg: protonation

constants. (b) Model of azotobac@nFe(lll) complex.

of the terminal homoserine did not show any effect on the
ability of azotobactind to function as a siderophofé??

We report here a physicochemical approach for the
determination of the coordination properties of the iron(lll)
and iron(ll) complexes of azotobactii using various
spectrophotometric methods: absorption, fluorescéhaed
circular dichroism, in order to fully characterize its ferric
complexes present in equilibrium under various acidic
conditions. The cyclic voltammetric data providing informa-
tion about a possible physiological reduction process of ferric
azotobactiny and its efficiency in a release mechanism are
also reported. For a better understanding of the iron uptake
and release proceds,?8 respectively outside and inside the
Azotobactervinelandii cell, the kinetic data related to the
formation and dissociation of ferric azotobactirare also
presented. Both absorption and fluorescence detections were
used in order to gain an insight into the structure of
intermediate ferric species.

From this comprehensive study, it was possible to point
out the thermodynamic, electrochemical, and kinetic contri-
bution of the centrad-hydroxycarboxylic moiety compared
with the hydroxamate group present in pyoverdin PaA, the
peptidic siderophore ofPseudomonas aerugina3a As
o-hydroxycarboxylic acids are the most commonly occurring
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binding sites of phytosiderophor&s’® this study is of
importance for a deeper knowledge of the competition for
iron(lll) between the catechol&f&! or hydroxamate bacte-
rial®>33 and fungal siderophor&s3® and thea-hydroxycar-
boxylate phytosiderophorés;° in terms of stability and
lability of their ferric species.

Experimental Section

Strain and Culture Medium. Azotobacterinelandii strain D
(CCM 289) was grown in aerobic conditions. The culture medium
had the following composition per liter: KPQO,, 1 g; MgSQ-
7H,O, 0.2 g; CaC@ 1 g; NaCl, 0.2 g; mannitol, 10 g. It was
adjusted to pH 7.0 before sterilization using a 6.0 N aqueous
hydrochloric acid solution. The bacteria were grown aerobically at
25 °C in 4 2-L conical flasks each containing 0.5 L of culture
medium and subject to mechanical agitation for76days as
previously describedi.

Preparation of Azotobactin. After centrifugation (1000 g, 30
min 4 °C) and filtration (0.22«m pore size, Minitan filtration unit;
Millipore, Molsheim, France), the bacterial supernatant was acidi-
fied to pH 3.5 with formic acid and pumped through a column of
octadecylsilane (2.0 cm 30 cm). The fluorescent material retained
by the column was rinsed with acidified distilled water (adjusted
to pH 3.5 with acetic acid) and then eluted with 500 mL of 50%
(v/v) acetonitrile in 0.05 M pyridine/acetic acid pH 5.0, concen-
trated, and lyophilized to yield 250 mg of crude azotobactin. A
244 mg (0.17 mM) portion of crude azotobactin thus obtained was
kept 3 days in 10 mL of acidified water (pH adjusted to 3.0) and
treated with 3 equiv of ferric chloride (0.52 mM addesl@2 M
solution of ferric chloride). Afte 1 h atroom temperature, the
mixture was chromatographed on an ODS column (1.5>crh5
cm) which was washed first with acidified distilled water (adjusted
to pH 3.5 with acetic acid in order to remove the excess of iron
chloride), and then with a 1:1 mixture of acetonitril@.05 M
pyridine/acetic acid buffer pH 5.0 which eluted the azotobactin ferric
complexes (190 mg, 77%). The bulk of the complexes was
evaporated to almost dryness and dissolved in 1 mL of 2 M
pyridine/acetic acid buffer pH 5.0. The solution was diluted with
water to 0.025 M and applied on a DEAE-Sephadex A-25 column
(2.0 cmx 20 cm) eluted first isocratically with 100 mL of 0.025
M pyridine/acetic acid buffer (pH 5.0) and then with three

(27) Albrecht-Gary, A. M.; Blanc, S.; Rochel, N.; Ocaktan, A. Z.; Abdallah,
M. A. Inorg. Chem.1994 33, 6391-6402.
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123 49-102.
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327.
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402.
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2118-2128.

(34) Neilands, J. BJ. Am. Chem. S0d.952, 74, 4846-4847.

(35) Moore, R. E.; Emery, TBiochemistryl976 15, 2719-2723.

(36) Keller-Schierlein, W.; Diekmann, Hdelv. Chim. Actal97Q 53
2035-2044.

(37) Sugiura, Y.; Tanaka, H.; Mino, Y.; Ishida, T.; Ota, N.; Inoue, M;
Nomoto, K.; Yoshioka, H.; Takemoto, T. Am. Chem. Sod 981
103 6979-6982.

(38) Smith, M. J.; Neilands, J. Bl. Plant. Nutr.1984 7, 449-458.

(39) Fushiya, S.; Sato, Y.; Nozoe, S.; Nomoto, K.; Takemoto, T.; Takagi,
S. |. Tetrahedron Lett198Q 21, 3071-3072.

successive linear gradients of pyridine/acetic acid pH 5.0 buffers
(0.025 M t0 0.05 M, 2x 125 mL; 0.05 M to 0.1 M, 2< 125 mL;

0.1 Mto 0.5 M, 2x 125 mL, and finally, 0.5 M to 2 M, 2« 125
mL) yielding azotobactim ferric complex (112 mg) and azotobactin
D ferric complex (80 mg). Azotobactid Fe(lll) complex was
purified by preparative reverse-phase HPLC (column 2.24xcm
25 cm, ODS nucleosil/y monitored spectrophotometrically at 412
nm, and eluted with 0.025 pyridine/acetic acid pH 5.0 containing
4% (v/v) acetonitrile at a flow rate of 8 mix min~* at 30°C.
Pure azotobacti® Fe(lll) complex (67 mg) was obtained after
lyophilization.

Decomplexation of the Azotobactind Fe(lll) Complex. A
suspension of pure azotobactnFe(lll) complex (30 mg in 40
mL 0.2 M solution of EDTA disodium salt) was stirred for 1 h,
diluted twice with water at pH 4.0, and chromatographed on a
reverse-phase column ODS (2 crn15 cm) made up in 0.1 M
EDTA pH 4.0. The column was first washed with 50 mL of a 0.1
M solution of EDTA, and then with 300 mL of water at pH 4.0.
Azotobactin was eluted as its free ligand with a 1:1 mixture (v/v)
of acetonitrile in 0.05 M pyridine/acetic acid pH 5.0, lyophilized,
and applied to and eluted from a DEAE-Sephadex A-25 column
with a linear gradient of pyridine/acetic acid pH 5.0 (0.05 M to
0.5 M, 2 x 0.3 L). Pure azotobactid free ligand (22 mg) was
lyophilized and stored desiccated in the dark-&0 °C.

Potentiometry and Spectrophotometry. The solutions were
prepared with deionized water, and the ionic strength was fixed,
using 0.1 M sodium perchlorate (Merck, p.a.). Azotobadctior
its ferric complex was dissolved and introduced into a jacketed
cell (20 mL) maintained at 25.@c 0.1 °C using a Haake FJ
thermostat. The initial concentrations were calculated using the
molar absorptivitiesdetermined at p[H} 5.00 for free azotobactin
o) (633(): 235x 18M1 cm‘l, €356 = 19.6 x 1M1 cm‘l) and
for azotobactiny iron(l1l) complex 412 = 23.0x 10* M~ cm™,
€540 = 10.0 x 18 M1 Cmﬁl, €550 = 2.0 X 18 M1 Cmfl). The
solutions were deoxygenated and flushed continuously with argon
during the titrations, in order to prevent oxidatt#éof the catechol
group of azotobactin). The free hydrogen concentrations were
measured with an Ag/AgCl combined glass electrode (Tacussel,
High Alkalinity, filled with saturated NaCl and AgCl traces) and a
Tacussel Isis 20 000 millivoltmeter. Standardization of the milli-
voltmeter and verification of the linearity of the electrode (300
p[H] < 9.00) were performed using commercial Merck buffered
solutions (p[H] = 4.00, 7.00, and 9.00) according to classical
methods'®#1 The titrations of the free siderophore (0~ M, 2.60
< p[H] < 10.00) and of its iron(lll) species 0.5 x 107* M,
1.00 < p[H] < 5.50) were carried out by addition of known volumes
of either sodium hydroxide (0.1 M, Merck, Titrisol) or hydrochloric
acid (0.1 M, Merck, Titrisol) with a piston-fitted microburet
(Manostat). When equilibrium conditions were reached, absorption
spectra were measured on small samples (0.5 mL) at different p[H]
values. The spectrophotometric measurements were recorded using
a Kontron Uvikon 860 spectrophotometer between 250 and 650
nm using a 0.2 cm quartz optical cell (Hellma). An example of the
spectral changes of free azotobagti(v.5 x 10-° M) and its ferric
complex (1.6x 1074 M) as a function of hydrogen ion concentra-
tions is given in Figure 2.

The potentiometric data obtained during the potentiometric
titrations were fitted with the commercial Miniqu&dsoftware
which calculates protonation constants using an iterative least-

(40) Hider, R. C.Struct. Bondingl984 58, 25—88.

(41) Martell, A. E.; Motekaitis, R. J. IDetermination and Use of Stability
ConstantsVCH: Weinheim, 1988; Chapter 1, pp-19.

(42) Sabatini, A.; Vacca, A.; Gans, Palantal974 21, 53-77.
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(a) 0.4 — 1 spectrophotometric measurements. Proton concentrations were
measured using a Tacussel Isis 20000 millivoltmeter using a Ag/
AgCl combined glass electrode (Tacussel, High Alkalinity, filled
with saturated NacCl solution), and standardization was performed
with Merck buffers (p[H]= 4.00 and 7.00). The p[H] was fixed
with a tris(hydroxymethyl-methylamine) (0.04 M, Merck, p.a.)/
maleic acid (0.04 M, Merck) buffer as it has no electroactivity in
the potential range studied and does not form any iron complex.
p[H] values varied between 5.00 and 8.75 by the addition of small
volumes (piston-fitted microburet Manostat) of sodium hydroxide
(1 M, Merck, Titrisol). Buffered solutions were maintained at a
constant temperature 25.0(%¢ and flushed with water-saturated
argon.

250 350 450 550 Circular Dichroism. CD spectra were measured on an Isa Johin
Wavelength (nm) Yvon CD6 spectropolarimeter ugina 1 cmquartz optical cell
(Hellma). All solutions were prepared with deionized water and

(b) 0.6 1 maintained at 25.0(1L. The p[H] of the stock solutions of free
azotobactind samples (4.36< 1075 M) was fixed at 1.50 using
perchloric acid (Merck, Suprapur), and the p[H] value of the
azotobactin iron(lll) complex aqueous solutions was found to be
5.80. Protons, ligand, and iron(lll) azotobactin concentrations were
determined as for potentiometric, spectrophotometric, or electro-
chemical measurements.

Kinetic Measurements. Formation and dissociation of azoto-
bactin 6 iron(lll) complex required the use of rapid mixing
techniques, and the kinetics were recorded on a Durrum-Gibson or
a sequential Applied Photophysics stopped flow DX17MV spec-
trofluorimeter. Data were then treated on line using the Biokine
progrant> which fits up to three exponential functions to the

Absorption

Absorption

250 350 450 550 650 experimental curves with the Simplex algorittfrafter initialization
Wavelength (nm) with the Pade-Laplace method! All solutions were prepared with

Figure 2. Spectrophotometric titration of azotobaciénand its ferric deionized water at fixed ionic strength (2.0 M, NaGlMerck,
complex as a function of p[H]. Solvent: watdr= 0.1; T = 25.0(1)°C; p.a.) and maintained at 254t 0.1 °C.
| =0.2 cm; (a) [azotobactit]i = 7.5 x 10°°M, [HClJo =1 x 10°° M. Formation kinetics were studied in the 1-32.21 p[H] range in
Spectra £9: p[H] = 3.51; 4.00; 4.59; 5.00; 5.42; 6.01; 6.50; 6.98; 7.51. th f fi 1 (<610-5 M < [Fe(liN] <
(b) [azotobactimd] o = 1.6 x 1074 M, [iron(Ill)] o= 1.6 x 10-4 M, [HCI]o e presence of an excess of iron(lll) ( [Fe(lN]
='0.1 M. Spectra $10: p[H] = 4.90; 4.54; 4.07; 3.22; 3.03; 2.72; 2.51; 4.79x 10~*M). The stock iron(lll) solutions (Feg|6H,0, Merck,
2.19; 1.98; 1.68. p.a.), prepared in acidic conditions, were previously back-titrated

hod of refi he simul with thorium nitrate solution (1& M, Merck, p.a.) in the presence
squares GaussNewton method of refinement. The simultaneous ¢ o ceqs EDTA (18 M, Merck, Titriplex Ill) with xylenol orange

potentiometric and spectrophotometric data recorded at various p[H] (Merck) as indicator. Free azotobactinsolutions (8x 10-6 M)
values for azotobactid in the presence or absence of iron(lll) were :

fitted with the Letagrop-Spefo progrdff* which adjusts the
absorptivities and the stability constants of the species formed at
equilibrium. It uses the NewtenRaphson algorithm to solve mass

balance equations and a “pit-mapping” method to minimize the R o o i
errors and determine the best values for the parameters. Acid dissociation kinetics were monitored by spectrophotometry

Electrochemistry. Cyclic voltammetry measurements were &t 412 nm maximum absorption of ferric azotobadtitFigure 2)
performed using a GSTP3 (Tacussel) triangular signal generator, aUSiNg 1 cm path length cuvettes, and also by fluorescence
PRG5 (Tacussel) potentiostat and, a D15 (Tektronix) memory spectroscopy at 3.80 nm EXCI'[a'[IOI’.I wavelength, maximum absorption
oscilloscope as recording instrument. These experiments wereOf free azotobactin (Figure 2) using 0.2 cm path length cuvettes.
carried out in a three electrode cell using a hanging mercury drop The kinetics traces between 350 and 520 nm were recorded every
working electrode (Metrohm), a platinum wire auxiliary, and a 10 nm for [H] = 0.052 M using absorption detection. ForH=
saturated calomel reference electrode (Tacussel). Cyclic voltam-0-042 M, the excitation wavelength was varied between 300 and
mograms were recorded betweeR00 and—1200 mV/SCE atscan 410 nm. For fluorimetric detection, KV 418 filter (Schott, wave-
rates ranging from 50 mV to 10 V-& All the solutions were  length cut at 418 nm) was used, and the ferric solutions (&°
prepared in boiled deionized water with sodium perchlorate as M) were filtered on Millipore filter (@= 0.22um, GS). For the
supporting electrolyte (0.1 M, Prolabo, Rectapur). Azotobadtin ~ Spectrophotometric detection, azotobactiniron(lll) complex
ferric solutions (104 M) were prepared by weight, and exact concentration was 2.9 1075 M. In each case, the initial p[H] was
concentrations were determined after measuring their absorption5.80(0.05), and titrated perchloric acid solutions (70%, Merck, p.a.)
spectrum at p[H]= 5.00 as performed for potentiometric and

were prepared with deionized degassed water and maintained under
argon to avoid the oxidation of the catechol group. The reaction
was monitored spectrophotometrically at 412 nm, the maximum
absorption of the ferric complex (Figure 2).

(45) Bio-logic Company, Echirolles, France, 1991.
(43) Sillen, L. G.; Warngvist, BArk. Kemi1968 31, 377-390. (46) Nelder, J. A.; Mead, RComput. J.1965 7, 308-313.
(44) Arnek, R.; Sillen, L. G.; Wahlberg, G\rk. Kemi1968 31, 353-363. (47) Yeramian, E.; Claverie, Nature 1987, 326, 169-174.
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Table 1. Deprotonation Constants of Azotobactirand Stability
Constants of Its Ferric Complexes

e x10* (M Tem™)

equilibrium thermodynamic constant)(

LH4 = L5 + H* pKj > 11¢
LH3~ = LH4 + H* pK2 = 10.8(1¥

pKz = 10.8(1)
LHa? = LH,* + H pKs = 8.4(2p
LHs” = LHzZ + H* pK4 = 6.4(0.2%

pKs = 6.3(1)
LHs=LH, +HT pKs = 4.2(1p
LHet = LHs + Ht pK6:3d

LH4 + Fe(lll) == LFe(ll)2- + H*
LH4 + Fe(lll) + = LHFe(lll)~
LH4 4 Fe(lll) + H* = LHaFe(lll)
LH4 + Fe(lll) + 2H* = LHaFe(lll)*

|Og ﬁu:e= 239(2)

l0g SLHre = 28.1(1)
log ﬁLHzFe: 31.1(1)
log ﬁLHgFe= 33.1(1)

aSolvent: water] = 0.1; T = 25.0(1)°C; potentiometry and spectro-
photometry P Potentiometric measurementReference 53¢ References
51 and 52.

from 3.1 x 103 M to 1.0 M were used for the acid dissociation of
azotobactind ferric complexes.

Results

Azotobactin é Acido-Basic SpeciesAzotobactind has
five protonation sites involved in the binding of iron(lll):
the two hydroxyl groups of the catechol group of the
chromophore, the hydroxyl group of the C-terminal hydrox-
amate group, and finally both the carboxyl and the hydroxyl
functions of the central-hydroxy carboxylic acid. The sixth

protonation site belongs to the aspartic acid located on the

peptidic chain (Figure 1). The positive charge of the fully
protonated form of azotobactin denoted LH", occurs from
the chromophore. The deprotonation constants of azotobacti
0 and the stability constants of its ferric complex are
presented in Table 1.

By comparison with the closely related chromophore of
pyoverdin Pa&’ (pK = 10.8(3) and K = 5.7(2)), we easily
assignedK, and K, to the two protonation sites of the
dihydroxyquinoline moiety of azotobactid (pK, =
10.8(1), X4 = 6.4(2)). i3 = 8.4(2) is a classical value for
hydroxamic acidg2294850 The K5 = 4.2(1) value which
was found to be identical to the first deprotonation constant
of ferric azotobacti® (log Sixre — l0g SiLre = 4.2(3)) could
easily be assigned to aspartic acid, which is not involved in
the coordination of the ferric cation. In order to prevent the
oxidation of the catechol-type moiety of azotobaciinve
used a p[H] range between 2.6 and 10.0 which did not allow
the determination of thely and K¢ values. Therefore, we
used the valueks = 3 reported by Jenkifisand confirmed
by Pearce and Creantérfor the deprotonation of the
carboxylic function of the central-hydroxycarboxylic acid
(Figure 1). It was not possible to determirk€;in agreement
with the literatur& which reports very high protonation
constants ¥11) for the hydroxyl group of the-hydroxy-
carboxylic function.

(48) Exner, O.; Simon, WCollect Czech. Chem. Commuti965 30,
4078-4093.

(49) Brink, C. P.; Crumbliss, A. LJ. Org. Chem1982 47, 1171-1176.

(50) Brink, C. P.; Fish, L. L.; Crumbliss, A. LJ. Org. Chem1985 50,
2277-2281.

(51) Jenkins, T. WJ. Biol. Chem.1961, 234, 1121-1125.

(52) Pearce, K. N.; Creamer, L. Kust. J. Chem1975 28, 2409-2415.

(53) Migal, P. K.; Sychev, A. Yazh. Neorg. Khim1958 3, 314-324.

250

350 450

Wavelength (nm)

550

Figure 3. Calculated electronic spectra of the different protonated
azotobactind species and its ferric complex®§ en,* = €1ns = €LH,

(n) ELH2 ~ €ELHS, (®) €Lpe = €LHFe — €LH,Fer ©) €LHgFe™ Solvent: water;

| = 0.05;T = 25.0(1)°C.

Azotobactiné forms three different absorbing species
corresponding to the di-, the mono-, and the deprotonated
form of the chromophore. Taking into account theyalues
presented in Table 1, it was deduced thatit+and LH?~
should have the same electronic spectra corresponding to
the monoprotonated form of the chromophore, and that L H
LHs, and LH* should show the same absorption spectrum
corresponding to the diprotonated form of the chromophore.
Processing the simultaneously determined potentiometric and
spectrophotometric data with the Letagrop-Spefo pro-

rgram;*4the g, and [K, values were obtained in excellent

agreement with the potentiometric measurements. The cor-
responding electronic spectra are presented in Figure 3.
However in our experimental conditions, it was not possible
to calculate the electronic spectra of Land LH" which
correspond to the deprotonation of the chromophore of
azotobactin.

Azotobactin é Ferric Complexes.The different species
of the azotobacti ferric complex were characterized by
absorption spectrophotometry while varying the p[H]. Two
LMCT bands at 446490 nm and 546550 nm were
observed related, respectively, to the dihydroxyquinoline and
the hydroxamate binding sites (Figure 3). From the poten-
tiometric data, it was concluded that the two hexacoordinated
complexes, namely LPe and LHFe, involving the binding
of the a-hydroxycarboxylic acid bidentate group, and dif-
ferring only from the state of protonation of the aspartic acid
moiety external to the coordination sites, should show an
identical electronic spectrum (Figure 3). No significant
changes in the absorption properties were observed upon
protonation of the carboxylic site of tlehydroxycarboxylic
function (LHFe). More significant changes appear when
the latter was diprotonated (L.Fe).

Redox Potentials.Reversible electrochemical systems in
the range of p[H] values between 6.75 and 7.75 at 0.1V s
potential scan rate were observed. The reduction potentials
measured under these conditions were found to bg [H
independent, and the calculated average value was equal to
—390( 5) mV (NHE). As an example, a cyclic voltammao-
gram is given in Figure S1 (Supporting Information).
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Table 2. UV—Vis and CD Properties of Different Siderophores in Water

Palancheet al.

CD bands
UV —vis Aext(nm) (Ae (M~cm1))
siderophore Amax (NM) (€max(M~1 cm™1)) A A
azotobactind 412 (1) (23 000 (200)) 330(4)(5.1(1))
shoulder at 440 (14 000 (200)) 380(10)1.6(2))
shoulder at 540 (2600 (200)) 416(5) B.1(2))
480(8) (2.5(1))
shoulder at 550 (0.6(0))
desferriferrichrom& 425 (2895) 360+¢3.7)
465 (2.4)
desferriferrichrome 2 440 (3360) 330¢3.9)
q
465 (3.2)
desferriferricrocif® 434 (2460) 2903.78)
360 (~1.62)
450 (2.47)
coprogeR® 434 (2820) 375 (2.1)
474 (—1.26)
alcaligirf? shoulder at 3002.5)
370 (-4.4)
450 (+4.3)
enterobactifY 495 (5600) 420 (4.0)
535 (~4.0)
TRAM®2 502 (4650) 432 (4.2)
550 (—2.3)
L-enterobactin mod&} 495 (5200) 535 (3.0)
p-enterobactin analdg 495 (5600) 535+3.0)
L-parabactift 520 (3100) 550 (2.2)
L-parabactin A* 522 (3320) 550 (1.2)
p-parabactin A* 522 (3320) 550¢1.2)
pseudobactih 400 (15 000) 400 (2.0)
436 (—0.8)
502 (0.3)
pyoverdin G4R4 400 (19 500) 400 (1.7)
shoulder at 460 (6000) 466-0.8)
shoulder at 540 (3000) 546-0.3)
Circular Dichroism. The CD spectrum of azotobactin 3.0 -
was previously reported, showing three negative Cotton
effects, respectively, at 327 nm\¢ = —1.6 M~ cm™Y), 377
nm (Ae = — 0.8 Mt cm™), and 460 nm A¢ = — 0.02 =~ o0 s
M-t cm™Y) and one very slightly positive Cotton effect at g ' LH"
420 nm Ae = +0.15 Mt cm™1).% Since it is very different T
from the spectrum of pseudobactin B 10 in the tWs =
region? the absolute configuration of the carbon atom C-11 g -3.01 LHFe >
adjacent to the chromophore had to be established by
degradation methods and found to be (S) like its homologue
in pseudobactin B 10. 6.0 : : :
The CD spectrum of the azotobactinferric complex ' ! '
300 400 500 600

presents two negative Cotton effects in the -t¥s region,
respectively, at 327 nni\e = —5.1 M~ cm™Y) and 417 nm
(Ae = —3.2 Mt cm™!) and two positive Cotton effects in
the visible, the first at 480 nmAe = +2.5 M~ cm™') and
the second with a lower intensity at 565 nie(= + 0.6 and of enterobactinFe(lll) complex’ which shows an
M~ cm2) (Figure 4). From the comparison of UWis and intense negative Cotton effect at 535 nm (Table 2). Very
CD spectra (Tab|e 2), it was possib|e to assign these bands§|ight differences between the Wavelength maxima or minima
respectively, to hydroxamatd=e(lll) and catecholateFe- determined either by CD or by UWis were observed, very
(1) charge-transfer bands as assigned for the correspondingcertainly due to experimental errors in their determination,
absorption spectra. This is in agreement with the reported as observed in other siderophore CD studies as well (Table
CD spectra of trishydroxamate complexes (ferrichréfne, 2). The minimum measured at 416 nm on the CD spectra of
ferrichrome A?5 ferricrocin’s6 CoprogeﬁG) which show ferric azotobactind Complex could be assigned to the
positive Cotton effects between 450 and 474 nm (Table 2) chromophore absorption localized at 412 nm (but it is also
possible that many bands exist below 450 nm).

No characteristic charge-transfer band corresponding to
catecholate Fe(lll) was apparent for ferric pseudobaciin,

Wavelength (nm)

Figure 4. Circular dichroism of free azotobactinand its ferric complex.
Solvent: waterT = 25.0(1)°C.

(54) van der Helm, D.; Baker, J. R.; Eng-Wilmot, D. L.; Hossain, M. B.;
Loghry, R. A.J. Am. Chem. S0d.98Q 102 4224-4231.

(55) Abu-Dari, K.; Raymond, K. NJ. Am. Chem. Sod.977, 99, 2003
2005.

(56) Wong, G. B.; Kappel, M. J.; Raymond, K. N.; Matzanke, B.;
Winkelmann, GJ. Am. Chem. Sod.983 105, 810-815.

(57) Rodgers, H. J.; Synger, C.; Kimber, B.; Bayley, P. Blochim.
Biophys. Actal977, 497, 548-557.
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and only a shoulder of weak intensity was observed for
azotobactind. The charge-transfer band due to hydroxyacid
Fe(lll) is localized in the UV region and has a low intensity.
This is the reason the corresponding CD band could not be
detected as in the case of aerobagtiand why the CD
spectrum of azotobactif ferric complex is very similar to
those of ferric trishydroxamate complexes.

Azotobactin 6 Ferric Complex Formation Kinetics.
During the formation of azotobactif in acidic medium, a
single-exponential signal in 20 s without any loss of signal
amplitude during the mixing time (3 ms) was observed. The
variations of the pseudo-first-order rate constant with iron
and proton concentrations are presented in Figure 5 and fit
with the mathematical eqs—3:

Kops = K[F(I1)] o + K [Fe(llN] o 1)
ke=(aHT+a)/(HT+a)(HT+a) (2
ko= (by[H'T+ b )/(H' T+ b)([HT+b)  (3)

Under the conditions used, azotobaddirexists in two
forms: LHs and LH*, the iron(lll) species in solution being
essentially F& and FeOH'. However, the dependence of
the rate constant on [Fe(lIR}; indicates that the reactivity
of the dimer Fg(OH),** has to be taken into account, and
the following mechanism can thus be deduced: The rate law

Fe' + LHB*E» LHFe™ + HT 4
Fe" + LH, hl LHFe™* (5)
Fe(OHY" + LH," 5 Fe+H,0 (6)
Fe(OHY™ + LHS—“» LHFe™" + OH™ (7

Fe,(OH),"" + LHg" Lt LHFE™ + Fe(OHJ" + H,O (8)

ks -
Fe,(OH),"" + LHg — LHFe'" + Fe(OHY" + OH

9)

LHg" Sereig =25 H.+H" (10)
Fe(H,0)" o =22 Fe(HO)(OH?" + HY  (11)
2Fe(HO), " —== Corene Fe,(H,0),(OH),*" + 2H" (12)

relative to LH and LH;" is

d([LHg] + [LH o) _
dt
ko[Fe(OHY ][LH &1 + k,[Fe(OHY J[LH 4] +

Ks[Fe,(OH)3 T[LH ¢] + ke[Fe,(OH); TLH ¢]

d([LHg] + [LH])
dt

= ky[Fe J[LH ¢] + k[Fe™ TILH ] +

= kopd[LHg] + [LH])

p[H] = 2.21

p[H] = 2.09

x10(s™

pIH] = 1.99

k
obs

pIH] = 1.91
p[H] = 1.79

p[H] = 1.61
p[H] = 1.31

[Fe(ll)],_x 10%(Mm)

Figure 5. Formation of the azotobactid ferric complex: variation of
the pseudo-first-order rate constant versus total iron(lll) and proton
concentrations. Solvent: watdr= 2; T = 25.0(2)°C; | = 2 cm; Ciot =
[azotobactind] = 8 x 1076 M.

Considering that the total concentration of free azotobactin
0 is [L]wt = ([LHs] + [LH™]), using the expression d
gives [LHs] = [H™][L] w/([H'] + Ke) and [LHs"] = Ke[L] tof
([H*] + Ké). Since the concentrations [F®H),*"] and [Fe-
(OH)?*] are very small under our conditions and can be
neglected, the total concentration of iron(lll) becomes
[Fe(ll] o = [F€"] x (H'] +K)[HT  (13)
The concentration of all the different iron(lll) species as
a function of the total iron(lll) concentration can be thus
calculated

[FE T =[Fe()] o x HUHT+Ky)  (14)
[Fe(OHY'] = [Fe(Il], x Ky/(H'T +Ky)  (15)
[Fey(OH),*'] = [Fe(llN] o x Kp/(H'] +Ky)*  (16)

Using all these equations, the new expression of the rate

law becomes
- { (H] + K (H'] + Ko
- {( eKolH '] + kKoK

[H'T+ K)X[HT + Ky

We were unable to determike andks. Howeverk, (2.1-
(0.3) x 10* M1 s} andks (6.1(0.3)x 10° M1 s™1) could
be obtained. For the expressiknx Kg + ksKy = 8.8(0.6)
s 1, Kg is approximately equal ty (1072 M).5° Furthermore,
Fe(OHY¥" is much more reactive than Fe(ks > k). It can
therefore be written thaksKy > kKe. This allows the
determination ok; = 5.9(0.4)x 1®* M1 s,

ke [H ]2 + (koK + ksK)HTT + KKKy

} [Fel]

}[Fe(m)fot[L] 17)

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

(59) Milburn, R. M.; Vosburgh, W. CJ. Am. Chem. Sod955 77, 1352—
1355.
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Figure 6. Dissociation kinetics of azotobactihferric species. Solvent: 0.00 . .
water;| = 2; T = 25.0(2)°C. (a) [azotobactimd Fe(lll)o = 2.0 x 10-5 ' '
M, [H*] = 0.057 M,l = 2 cm; 1 = 412 nm. (b) [azotobactits Fe(lll)]1ot 0.0 0.5 1.0
=85x 1078 M, [H] = 0.059 M,| = 2 mm, Zexc = 380 nm. H],, M)

. L S L Figure 7. Variation of the pseudo-first-order constants for the acidic
0, -
Dissociation Kinetics.30% of the total absorption inten-  jiccociation of ferric azotobacti with proton concentration by (a)

sity has been lost during the mixing of the reactants. This absorption and (b) fluorescence measurements. Solvent: wiater;
indicates that one or several rapid steps took place before2-0 M; T =25.0(2) °C. The errors are estimated t@ Zor the kinetic
the beginning of the recording<6 ms). Two other steps constants.

were determined in our conditions using fluorescence and o to its final absorption, ani to the protonation constant
absorption spectrophotometry: one on a 50 ms and the othelpf the equilibrium

a 500 s time scale (Figure 6).

The variation of the two corresponding pseudo-first-order , ATA,
constantskz ops and ks ops With [H*] is given in Table S1 A, = KH']"
(Supporting Information). Both vary linearly with the
concentrations of protons and correspond to the following A linear plot of A’ versusAlL, = Ay — AL/K [HT]" + Af is

+ A (20)

expressions: obtained fom = 2. From the slope and the intercept of the
regression line (Figure 7), it was possible to calcukate
K ops= a[H '] (18) K's x K's (see below egs 24 and 25) equal to 1130(80% M
andef = 1000(200) M cm™2, corresponding ta\.
Ks.obs=b[H'] + ¢ (19) The data treatment of multiwavelength kinetic traces

(Figure 9a) gives the spectra of the different intermediates

Thea (Figure 7a) and average valueshodndc (Figure 7b)  present during this acid dissociation reaction (Figure 9b).
were determineda = 4.63(0.04)x 1* M~*s™%, b = 3.8- The electronic spectra previously determined strongly
(0.7) x 10°*M~* s, andc = 13.0(0.4)x 10%s™ suggest that the first protonated intermediate complex is
The number of protons involved in the second step was | H;Fet. Then, we can assume that during the mixing time
determined by linearization @&, the absorption observed

at the end of this reaction (see Figure 8), as a function of (60) fgggrfggi ‘%S:%L’laglgttenier, F.; SchwarzenbachiHélv. Chim. Acta
+ ; Al ' ) .
[H ]' using the Schwarzenbach equatﬁéﬁ, where AO (61) Schwarzenbach, G.; SchwarzenbachiEly. Chim. Actal963 154,

corresponds to the absorption at the beginning of this step, 1390-1400.
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Figure 8. Variation of the absorption measured at 412 nm after the first
observed dissociation step of ferric azotobaéticomplexes as a function

of [H*] usingn = 2 in the Schwarzenbach equatiéSolvent: water] =
2; T=25.0 (2)°C; | = 2 cm; [azotobactind Fe(lll)],ot = 2.0 x 1075 M.
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Figure 9. (a) Spectrum variation recorded during the second dissociation

step of ferric azotobactih complexes as a function of time. (b) Calculated

absorption spectra of the intermediates observed during the acid dissociation

of ferric azotobactid complexes. Solvent: water;= 2; T = 25.0(2)°C;
| = 1 cm; [azotobactid Fe(lll)]r = 2.2 x 107° M; [H'] = 0.052 M.

the following equilibria take place:

LFe” + H' =LHFe K;=16x10'M" (21)

LHFe + H"=LH,Fe K,=1.0x 10°M™" (22)

LH,Fe+ H" = LH,Fe" K,=1.0x 10°M™ ' (23)

In the second step which is first order with TH two
protons are involved in this reaction, indicating a rapid
protonation step after the rate-limiting step.

25
— 20
£
©
= 15
=
X, 10
S
(5]
<8 5
0 ' | ' | ' |
0.0 0.4 0.8 1.2
[H*] (M)

Figure 10. Variation of the absorption at the end of the second and the
third dissociation steps of ferric azotobaadimomplexes({, A, ®, Ax) as

a function of [H']. Solvent: water] = 2; T = 25.0(2)°C; | = 2 cm; Ciot

= [azotobactind Fe(lll)]iot = 2 x 1075 M; A = 412 nm.

From the following equations giving the rate expression
K. obs= K4 [HT], it could be deduced thdt, = a = 4.63(4)
x 10 M~ s1 (Table 3).

k!

Ky ,
LHFe" + H* — LH,FE" K, = - (24)
K's,rapid k'5
LH,Fe" + H" = LHFe K= “K. (25)
5

At the end of the reactions, the products obtained arg"LH
and F&" in rapid equilibrium with FeOF. It can therefore

be assumed that, during the third step, the intermediate
LHsFe*t can dissociate according to two parallel paths:

K
LHFE" + H == LH} + Fé" Ky=_> (26)
K_¢ kl,g
H N K,
K l
LHFe* Kz: LH; + FeOH" K, =p" @7)

From this model, the following rate expression, where
[LH¢™]e and [Fe(ll)} are the concentrations of the species
at equilibrium, can be obtained:

K'4K'5[H +] 2
(L+KKHT)

(lc_6+l<[::” x ([LH{. + [Fe(ln]) (28)

In our conditionsK'4K's[H]? > 1, and the fitting of our data
by a non-least-squares regression shows that we cannot
calculatek'_s and k'_g. The equation becomes linear with
proton concentrations as we observiegy,s= K¢[H*] + k7
with Kg=b=3.8(7)x 10*M~tstandk;=c= 13.0(4)
x 1072 s (Table 3).

Considering now the absorptioA$ andAs at the end of
the second and the third steps, respectively (Figure 10), and
using the previous proposed kinetic mechanisms, the expres-
sion of an apparent molar coefficient at 412 nm can be

30bs (k’ [H ] + k'7)
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Table 3. Kinetic, Thermodynamic, and Spectrophotometric Parameters Determined for the Acidic Dissociation of the Iron(lll) Azotbbactin
Complexed

spectrophotometric data

elementary step rate constant thermodynamic constant (M~tcm™1) at412 nm
First Step

LFe? + HT = LHFe~ K’y = 16000(5000) Mt €Lre= 23 000

LHFe  + H" == LHJFe K', =1100(200) M1 €LHre= 230 000

LHoFe+ HT = LH3Fe" K’z = 100(20) Mt €LH,re'= 23 000

Second Step
K k’4(abs): 4.63(4))( :I_O’5 M- Sﬁl ELHFET= 15 000
4

LHgFe" + H === LH Fé&* K agiuoy = 4.00(5)x 10° M~1s1 K's x K's = 2.0(3)x 103 M~2

k_4<5s?
K
LH,Fe" +H" k«=>55 LH Fe*" Ks> Kg eLmgret = 1500(400)
Third Step
Ke(absy= 3.8(7)x 103M 1571 K'e=1.48(7)x 1073 eLngt = 730(30)
+ + K + +

LHFe*" + H - LHg + Feb Kooy = 3.0(4) x 103M~1s1

K= 2.6(6) M1lst ereqy ~ 0
HT N Ky
K'7(abs)= 13.0(4)x 1073s7* K'7=22(1)x 10°M
ST TR H
LH5F *E‘ LH6 + FeO k'7(f|u0) = 103(2)>< 103s1

K_7=5.8(5)x 1*M~ts?
aSolvent: water] = 2.0; T = 25.0(2)°C.

calculated. For the second step, the,EEF™ concentration  7-hydroxyquinolin€?3 (pK = 8.32). The same difference
can be neglected, and the molar coefficients determined byis observed between th&alue of a phenét (pK = 9.98)

our spectrophotometric studie§ee = €LHre = €LHFe = and the first deprotonation constant of a catetth@k =
2.30x 10* M tcemtandepres = 1.50x 100 M~ cm™, 12.48). The deprotonation constant of the other hydroxyl, at
can be used. For the third step, it can be assumedthas position C-6 of the chromophore moiety of azotobagctin

~ 0 Mt cmt and that [Fe(lll)} is independent of [H] (pK4 = 6.3), is 0.7 orders of magnitude lower than the p
and equal to 2x 1075 M. Thus the following expressions value of the 6-hydroxyquinolirfé®3 (pK = 7.02), in agree-

can be obtained: ment with the difference observed between the second
) . protonation constants of the catechol gréfujpK = 9.45)
(A (Cior X ) " ={€lpe- T epppe K'a[H] + and the K value of the phenét (pK = 9.98). Since the
e e|<'1K'z[H+]2+ et K’lK’zK’3[H+]3 + protonation constant of the corresponding hydroxyl in the

chromophore of pyoverdin P&A(pK = 5.6) is 0.7 orders
€L KK K K K[H T L+ K [HT] + KK H T + of magnitude lower, this difference has been assigned to the
o 13 L it e e Ty 1By —1 influence of a side chain bound to the chromophore in the
KKKIHT + KKK KK H T (29) case of pyoverdin PaA (Table 1).

" 1 R The K3 value of the hydroxamate group of azotobactin
(A€o x 1) 7= {€rppe T vprerKalHTT + 0 (pKz = 8.4 (2) (Table 1) is very close to the third
eLH5F53+K'3K’4K’5[H+]3+eLK’H6+3K’4K’5K'6[H+]4/ deprotonation constant of trihydroxamic acids or to the

R S 43 second deprotonation constant of dihydroxamic acids si-

[Fe(] {1+ Kig[HT] 4 KKK [H ]+ derophores and is very similar to those determined for the

K' oK' KK [HT/[Fe(ll)] & (30) hydroxamate groups of pyoverdin PaA in the same conditions
_ _ (Table 4)27
From the adjustment of our data (Figure 10), the values The Ks value of 4.2(1) (Table 1) was assigned to the
eLngret = 1500(400) M* emit, K’y x K's = 2000(300) M, agspartic acid moiety of azotobacti in agreement with
eLngt = 730(30) Mt cm™?, andK's = 1.48(7)x 10 °were  |iterature values 3.9% and 3.787 Unfortunately, it was

obtained. Using the values d¢f's andKy = 1.5 x 107 impossible at our conditions to determine tHéswalue of
determined by Milburn and VosburghK', was calculated.  the carboxylic acid group of hydroxyaspartic acid (evaluated
FromK's, K'7, K's, andk'; determined previousl)'—s=2.6- o 3,0 according to the literatuféf2and to measure the<g

(6) M~ st andk-; = 5800(500) M s™* could be easily

(62) Schulman, S.; Fernando, Qetrahedron1968 24, 1777-1783.
deduced (Table 3). (63) Mason, S. F.; Philp, J.; Smith, B. E. Chem. Soc. A968 3051~
. . 3056.
Discussion (64) Tyson, C. A.; Martell, A. EJ. Am. Chem. Socl968 90, 3379~

I . . 3386.
Equilibrium Studies. The deprotonation constant of the (g5) Bordwell, F. G.; Cooper, G. Dl. Am. Chem. S0d952 74, 1058

hydroxyl at position C-7 of the chromophore has the same (66) }?QtGO- L H Wi G A Jelinek Recl. Tra. Chim. P

. H H _ Itsma, J. m.; legers, G. A.} Jellinek, Recl. lra. Im. Pays-
value as for its homolqgue in pyoverdm P&ApK, = 10.8), Bas 1965 84, 15771585,
2.5 orders of magnitude higher than th& walue of (67) Albert, A.Biochem. J1952 50, 690-697.
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Table 4. pK Values of Various Hydroxamic Compourids Table 6. Protonation Constants of VariowsHydroxyacid Ligands and
. - - Their Iron(lll) Complexe3d
coordination site siderophore Kp pK2 pK3
3-hydroxamate ferrichronié 9.83 9.00 8.11 protonation constant
ferrioxamine B! 9.70 9.03 8.39 ligand free ligand ferric complex
coprogef’ 9.16 8.86 7.63 azotobactind log K¢ = 3.0 logKip,re= 3.0
TRENDROX® 1030 933 858 9he== logKirre —2.0
— - aerobactiff logKi1=4.31 logK re- = 4.58
coordination site siderophore Kp pK2 logK,=3.48 logK nre = 3.62
2-hydroxamate rhodotorulic adRl ~ 9.44 8.49 logKs =3.11 I'(;’gﬁtgiiz_?’éo&
; o Fe = 2.
blsuqa_brglrlﬁ 9.49 8.76 rhizoferrin’” log Ky = 4.21(4) logK nre = 5.5(4)
alcaligi 9.42 8.61 log K, = 3.05(6) logKH,re = 4.3(3)
2-hydroxamate aerobactth 9.44 8.63 log Ks = 2.86(7) l0gK 1.re = 1.8(3)
1-hydroxyacid lactobionic acidt logK = 3.53 logKin ,re- = 3.89
. T — ° |Og Kigert = 2.03
aSolvent: water;T = 25.0(1)°C. citric acid'? logKy=5.7 logKLre = 2.6
. . Iog Ky = 4.36 |OQK|_H|:§r =1.2
Table 5. Reduction Potentals and Iron(lll) and Iron(ll) Thermodynamic log K= 2.81
Constants of Azotobactid and Various Natural Siderophores at p[H]
7.400 a2 Solvent: water] = 0.1; T = 25.0°C.
E° log 6.1 1 .
coordination site siderophore  (MV/NHE) fireqny pFe(lll) to 10¢ M . What are then the structures of ferric
3-catecholate enterobacti® 70 —750 49 35.5 aZOtOba_‘C“rFS complexes? ) )
3-hydroxamate ferrichronig - —448 32.0 25.2 Considering the protonation constants of the following
ferrioxamine —468 30.5 26.6 ; e
coprogef’ —447 302 275 different species:
2-hydroxamate rhodotorulic acil —415 21.9
alcaligirf? —374 23.0 2~ t = ~ =
bisucaberif 225 LFe® +H LHFe logK';,=4.2 (31)
2-hydroxamate pyoverdin P&A —510 30.8 27.0
1-catecholate type — + [
2-hydroxamate aerobacti —336 225 23.3 LHFe +H" =LH,Fe logK',=3.0 (32)
1-hydroxyacid
1-catecholate alterobactirfB —448 378 278 . 4 ,
2-hydroxyacid LHZFe+ H"= LH3Fe |Og K 3= 2.0 (33)
1-hydroxamate azotobactin —390 28.1
1-hydroxyacid . . .
1_Cztech2,’| type In agreement with thekpvalue of free aspartic acid ip

= 3.7° or 3.949, K'; can easily be assigned to the
protonation of the aspartic acid moiety located on the peptidic
chain of azotobacti, which is not involved in iron(lll)
value of the hydroxyl group of the hydroxyaspartic aci(p  coordination. The assignmentkf, andK's is more difficult,
> 11). Therefore, we used the’ L notation for the fully these values corresponding to those of ferric protonated
deprotonated azotobactin The values of all these constants complexes of ax-hydroxycarboxylic acief’*72(Table 6).
are required to calculate the stability constant of the ferric ~ Actually, if K'; is assigned to the protonation of the
complexes. We found four iron(lll) complexes for azoto- carboxylic group, it means that this function is not involved
bactind (Table 1) and compared them with other iron(lll) in the iron(lll) coordination, because this value (3.0) is
siderophore complexes using the pFe(lll) value calculated similar to the value of a free carboxylic ag¥d® 7> (Table
at p[H] = 7.40 for azotobacti@d (Table 5). 6). However, since for azotobactithas for aerobactin, the
An a-hydroxyacid coordination site is a less powerful central carboxylate group is an iron(lll) binding site, we
chelating group than a hydroxamic acid which is itself a less suggest thaK', and K'; are the protonation constants of,
powerful chelating agent than a catechol function. The respectively, the hydroxyl and the carboxyl grous€.NMR
difference between azotobactinand aerobactf§ occurs and™™ NMR measurements and crystal structures of citric
from the replacement of a hydroxamate group in aerobactinacid transition metal complexes show the protonated hy-
by a catechol coordination site in azotobaatihis explains droxyl function coordinated to the metal. This is corroborated
why azotobactind forms stronger iron(lll) complexes than by kinetic studies performed by Menta3in the formation
aerobactin. Although ferric azotobactincomplexes show  of the ferric complexes adi-hydroxycarboxylic acids show-
stability constants closer to those of trishydroxamate si- ing that the last step corresponds to the labilization of the
derophores (ferrichronigor ferrioxamine B9 than to those ~ hydroxyl function. Thus, using the reverse mechanism, this
of triscatecholate compounds (enterob&8fif), these values ~ group is the first to be protonated confirming our hypothesis.
are in agreement with the stability constants found at p[H]

2pM = —log[Fe]; [Fe]= 1075 M; [L] = 1075 M; p[H] = 7.40.° p[H]
8.

(71) Field, T. B.; McCourt, J. L.; McBryde, W. A. E2an. J. Chem1974

= 7 for various pseudobactifs'®and which vary from 1% 52 3119-3124.

(72) Escandar, G. M.; Olivieri, A. C.; Gonzales-Sierra, M.; Sala, LJ.F.

(68) Wawrousek, E. F.; McArdle, J. \J. Inorg. Biochem1982 17, 169— Chem. Sog¢.Dalton Trans1994 1189-1192.

183. (73) Mentasti, Elnorg. Chem 1979 18, 1512-1515.

(69) Harris, W. R.; Carrano, C. J.; Cooper, S. R.; Sofen, S. R.; Avdeef, A. (74) Crumbliss, A. L. InHandbook of Microbial Iron Chelates/Ninkel-
E.; McArdle, J. V.; Raymond, K. NJ. Am. Chem. Sod.979 101, mann, G., Ed; CRC Press: Boca Raton, FL, 1991; pp-232.
6097—-6104. (75) Sen Gupta, K. K.; Chatterjee, A. K. Inorg. Nucl. Chem1976 38,

(70) Loomis, L. D.; Raymond, K. Nlnorg. Chem.1991, 30, 906-911. 875-876.
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The protonation of azotobacti® induces a shift of the
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Table 7. Reactivity of Fe(OH)" and Fg(OH),*" with Azotobactind

absorption maxima toward shorter Wavelengths together with and Various Hydroxamate, Catecholate, and Hydroxyacid Compounds

a decrease of absorption, in agreement with the spectropho-

tometric results obtained for 6-, 7-hydroxyquinofit&and
for various pseudobactih$and pyoverding:#+1827Although

; H
the electronic spectra of the monoprotonated chromophoremofwm,droxamiC achdee

of azotobactind (Amax = 408 NM,emax = 2.62 x 10* M1
cm™ 1) and of pyoverdin Pa& (Anax = 402 nM,emax = 2.82
x 10 M~ cm™) are similar, the diprotonated form shows
different absorption maxima and molar extinction coef-

ficients. The presence of a side chain bound at position C-3 ¢-hydroxycarboxylic acici.10+-103

of the chromophore of pyoverdin PaA seems to play an
important role during the protonation on the absorptigm.

= 364 NM €max= 1.70x 10* M~* cm™* for pyoverdin Pa&’
and Amax = 378 NM €max = 2.43 x 100 Mt cm™) for
azotobactird). The electronic spectra of the hexacoordinated
ferric complexes (LF&, LHFe") of ferric azotobactind
(Figure 3) show a maximum at 412 npfx= 2.30 x 10*
M~1 cm™1) and two shoulders, one at 440 nen+{ 1.40 x

10* M~ cm?) corresponding to the charge-transfer band of
hydroxamate to Fe(lll) and the other at 540 nim( 2.6 x

10° M~ cm™) corresponding to the charge-transfer band of
the catechol to iron(I11¥27* Similar absorptions were ob-
served for the ferric complexes of pseudobactin 58 %f\ax
=398 nm,e = 1.95x 10* M~ cm™, shoulder at 450 nm,

€ =5.0x 10* M~ cm™?), pseudobactf(Amax = 400 nm,e

= 2.10 x 10* M~* cm™%, shoulders at 460 nng, = 6.0 x

108 M~tcmtand 540 nme = 3.0 x 18 Mt cm™), and
pyoverdin GAR* (Amax= 400 nm,e = 1.95x 10* Mtcm™,
shoulders at 460 nne,= 6.0 x 10° M~ cm* and 540 nm,

€ =3.0x 10° Mt cm™?), three siderophores with the same
iron(lll) coordination sites as azotobactn The formation

of the species LgFe" induces an important change in the
UV —vis spectral properties: the maximum shifts to 390 nm
(¢ ~2.15x 10* M~ cm™1), and the hydroxamate Fe(lll)
and catechol Fe(lll) charge-transfer baffdshift, respec-
tively, to 490 nm é = 5.5x 10* M~tcm?) and to 550 nm

(e = 3.5 x 10* Mt cm™}), suggesting that iron(lll) is
tetracoordinated to the ligand after dissociation of the
o-hydroxycarboxylic group. No absorbtivity differences due
to the carboxylic function could be observed” (360 nm

< AImax<375nmand 1. 1 M1tcm?!<e<3.0x 1C
M~1cm™) since the absorptions relative to this function are
hidden by the chromophore absorptidp{ = 390 nm,c =
2.15x 10* M~t cm™).

The redox potential of ferric azotobactincomplexes at
— 390 mV/NHE is much less negative than the value
reported for triscatecholates comple®Re8(E° ~ —750 mV/
NHE) (Table 5).

Ferrioxamine B, a trishydroxamate sideropl®i&° ~
—468 mV/NHE), or aerobactiff,a mixed siderophore with
two hydroxamates and orehydroxyacid binding siteE°
~ — 336 mV/NHE), shows a similar behavior. Thus, the
redox potential of ferric azotobactih complexes is acces-

(76) Timberlake, C. FJ. Chem. Soc1964 5078-5085.

(77) Carrano, C. J.; Drechsel, H.; Kaiser, D.; Jung, G.; Matzanke, B.;
Winkelmann, G.; Rochel, N.; Albrecht-Gary, A. Mhorg. Chem1996
35, 6429-6436.
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ki (Fe(OHY') x ki (Fe(OH)»*) x

ligand 103MMtsh) 103(Mis

azotobactind LHe" 5.9 (4)
21 (3) 610 (30)
[0.46-1.2]

acetohydroxamic acfd 5.7 (9) 8.2(1.3)

desferriferrioxamine B 3.6(2)

pyoverdin PaA&’ 7.7 50

catechot® 3.1(2)

substituted catecholafé8 [1.7-2.9]

iron10t 3.1 11
[2.3-26]

sible to physiological reductants which can easily reduce the
azotobactin-Fe(lll) complex into the easily dissociable
azotobactin-Fe(Il) complex, suggesting strongly that an iron-
(I) release mechanism could be involved for iron deposition
into the cell.

Circular Dichroism. X-ray diffraction is the unique
method to determine unambiguously the absolute configu-
ration of a given compound. In the absence of crystals, as is
the case for azotobactih the chirality of a given complex
around the central ion can be deduced by comparison of its
CD spectrum with the spectrum of an analogue whose
configuration is well established and taken as a reference.
van der Helm et al* have shown that ferrichrome presents
the same CD spectrum in solution and in crystalline form
(A cis). An empirical law for the determination of the
absolute configuration of Cr(lll) complexes was devised
using the sign of the Cotton effect for the absorption band
in the visible. The comparison between the siderophore-Cr-
(1) and -Fe(lll) complexes shows that this empirical law
can be used for ferric compounds: If the Cotton effect in
the charge-transfer band of the CD spectrum of catecholate-
Fe(lll) or hydroxamate-Fe(lll) complexes is positive, then
these complexes present a predominantonfiguration in
solution. On the contrary, a negative Cotton effect indicates
a A configuration. Using this empirical law, it can be deduced
that azotobactim ferric complexes have a predominaht
absolute configuration in solution.

Formation Kinetics. From our results, it can be concluded
that the formation of the ferric complexes of azotobactin
0 occurs according to two parallel paths giving rise to the
LHsFe*t species followed by rapid coordination of the other
bidentate sites. Three iron(lll) species are involved in this
reaction, Fé&", Fe(OHY¥", and Fg(OH)**, and two forms
of azotobactind, LHs and LH", can react. The results
concerning the formation of iron(lll) complex with different
ligands are presented in Table 7.

The rate constant of the formation of azotobaditiferric
complex with Fe(OH)" is in agreement with literature
values, and the corresponding reaction is consistent with the
l4 dissociative mechanism proposed for these ferric spé&cies
in agreement with classical EigefVilkins’® metal complex
formation, with a fast formation step of an outer-sphere
complex Kos) followed by a metal desolvation rate-limiting
step kex) following the Fuoss equation:

kFe(O Hp+ = KOJ(EX (34)
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The value ofK,s can be evaluated using the water the dissociation of the second proton of the chromophore of
exchange method determined by NMR measurerfiit pyoverdin Pa& the first one being faster. Therefore, the
x 10 sY) giving rise for the two reacting forms of protonation of the quinoleine group of azotobaatimust

azotobactind to the following expressions: occur in the opposite order compared to pyoverdin PaA for
which the protonation of the second hydroxyl group is the
K.{LHs", Fe(OH}") =5.9% 10¥1.2x 10°=0.05 M * rate-limiting step. The LEF€* complexes correspond to the
protonation of thea-hydroxycarboxylic and the catechol
KofLHs, FE(OHf") =21 x 1071.2x 10°=0.17M* group; however, a high fluorescence inhibition is still

observed. This may be due either to electron transfer from
TheKos value calculated for the L§t species of azotobactin  |igand to metal or to spinorbital coupling with enhancement
6 (0.05 M™) is very similar to the value calculated for  of intersystem transitions which help to reach the ground
ferrioxamine B (0.03 M*).#* The LHs form of azotobactin  state via the triplet state. Spimrbital coupling inhibition
0 is more reactive certainly due to a more stable outer-sphereneeds an overlap of the iron d-orbitals with the ligand
complex. m-orbitals, and electron-transfer inhibition depends on the
Dissociation Kinetics.From Table 3 it is clear that ab-  distance from the two orbitals. This latter should be less than
sorption and fluorescence measurements give the same resultso A to have efficient inhibitior§® In both cases, iron should
(Table 3) according to the following mechanism for the dis- be close to the chromophore, and therefore, one hydroxyl
sociation of azotobactia- ferric complexes in acidic media:  group is in the first or in the second iron(lll) coordination
sphere. This shows that the ligand keeps a closed conforma-

e 0 Lire T LigFe T LitFet T LH e i LigFe tion due certainly to hydrogen bonds which may stabilize
K K K K, Ky the complex as observed for ferrichrome analogtdhis
N mechanism differs from those reported for pyoverdin PaA
WHsFe™ T LHG o+ Fe't and ferrioxamine B#83where the ligands unfold from the

PR Ky T4oH* iron(lll) coordination cage.

LH  + FelOH)™ The third step actually concerns the dissociation of the
Starting with the LF& species, the first kinetic intermediate monohydroxamic group, the last iron(lll) coordination site.
observed and characterized by its electronic spectrum is theThis is in agreement with the variation of the electronic
LHsFe" complex. However, the rate of formation of this Spectra which corresponds to the disappearance of the charge-
complex is too high to be measured in our conditions, and transfer band centered at about 510 nm which is characteristic

an unusual mechanism with the dissociation of the central ©f monohydroxamic ferric complex&s® (Figure 9b). An

coordination site is observed, contrary to ferrioxamirig®  intense fluorescence emission is observed, showing that
and pyoverdin Pa& for which an unfolding of the ligand  iron(lll) leaves the coordination cage and is no longer
around the ferric cation was observed. close to the Chromophore. Our kinetic data are in agreement

The second step, with two protons involved leading to the With literature data on iron(lll) monohydroxamate com-
formation of LH,F€**, is rate-limiting and is followed by  Plexe$?#3#7.89%ia two parallel paths leading to the libera-
the rapid formation of the LKFe* species. The variations ~ tion of the Fe(HO)s*" species (proton dependent path) and
measured between the electronic spectra gfAd4and LH-

Fe** (Figure 9) show that these protonations are located on (86) Eftink, M. R.Topics in Fluorescence Spectroscopyinciples, J. R.,
( 9 ) p . Lakowicz, J. R., Eds.; Plenum Press: New York, 1991; Vol. 2, p 53.
the chromophore. Such behavior, i.e. one step and twog7) monzyk, B.; Crumbliss, A. LJ. Am. Chem. Sod979 101, 6203

protons involved, was already observed in the formation of 6213.

; ; (88) Brink, C. P.; Crumbliss, A. LInorg. Chem.1984 23, 4708-4718.
TRIMCAMS (an enterobactin analogue) ferric complex and (89) Caudie, M. T.. Cogswell, L. P.: Crumbliss. A. Inorg. Chem 1994

assigned to the simultaneous protonation of the two hydroxyl 33 4759-4773.

groups of the dihydroxybenzamide moiéfyin the case of ~ (90) Caudle, M. T.; Crumbliss, A. Linorg. Chem1994 33, 4077-4085.
(91) Hou, Z.; Raymond, K. N.; O'Sullivan, B.; Esker, T. \Worg. Chem.

azotobactiny, the same mechanism with successive proto- 1998 37, 6630-6637.
nation of the catechol moiety was observed, supported by (92) Tor, Y.; Libman, J.; Shanzer, A; Felder, C. E.; Lifson)SAm. Chem.
the fact that it is not possible to assign the rate condtant S0c.1992 114 6661-6671.

o . .. . (93) Akiyama, M.; Ikeda, TChem. Lett1995 849-850.
~ 4 x 10* M~* s7* to the hydroxamate dissociation which (94) Bergeron, R.; Weimar, W. Rl Bacteriol. 199Q 172, 2650-2657.
is much slower than the catechol&té?838The comparison  (95) gl(?é }C.z(\)(é;eRodgers, S. J.; Raymond, K. Morg. Chem.1989 28,
with pyoverdin PaA shows that this value corresponds to (96) Carrano, C . Cooper, S. R.; Raymond, K.JNAm. Chem. Soc.

1979 101, 599-604.

(78) Grant, M.; Jordan, R. Bnorg. Chem.1981, 20, 55-60. (97) Lewis, B. L.; Holt, P. D.; Taylor, S. W.; Wilhem, S. W.; Trick, C.
(79) Eigen, M.; Wilkins, R. GAdv. Chem. Serl965 49, 55-67. G.; Butler, A.; Luther, G. W., lll.Mar. Chem.1995 179-188.
(80) Swaddle, T. W.; Merbach, A. Enorg. Chem1981, 20, 4212-4216. (98) Birus, M.; Kujundzic, N.; Pribanic, Minorg. Chim. Actal98Q 55,
(81) Batinic-Haberle, I.; Birus, M.; Pribanic, Mnorg. Chem.1991, 30, 65—69.

4882-4887. (99) Mentasti, E.; Pelizzetti, B. Chem. Soc., Dalton Tran973 2605~
(82) Monzyk, B.; Crumbliss, A. LJ. Am. Chem. S0d.982 104, 4921~ 2608.

4929. (100) Mentasti, E.; Pelizzetti, E.; Saini, @. Inorg. Nucl. Chem1976
(83) Birus, A.; Bradic, Z.; Krznaric, G.; Kujundzic, N.; Pribanic, M.; 38, 785-788.

Wilkins, P. C.; Wilkins, R. G.Inorg. Chem.1987, 26, 1000-1005. (101) Xu, J.; Jordan, R. Bnorg. Chem.1988 27, 1502-1507.
(84) Harris, W. R.; Raymond, K. N.; Weitl, F. 0. Am. Chem. Sod.981, (102) Gilmour, A. D.; McAuley, A.J. Chem. Soc. A969 2345-2348.

103 2667-2675. (103) Miftahova, A.; Dozsa, L.; Beck, M. TActa Chim. Budapest977,
(85) Zhang, Z.; Jordan, R. Bnorg. Chem.1996 35, 1571-1576. 92, 379-386.
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(a) 0 due to a small role played by the ligand in a so-called “late”
transition state where the metdigand bonds are not
completely broken. Since the data in Figure 11a show the
same correlation for various bidentate hydroxamic acids and
ferrioxamine B, the final dissociation of the hydroxamate
group appears to be independent of the chemical structure
of the ligand (see refs 89 and 90 and references therein).
Figure 11b confirms these conclusions for the proton-
mediated step and suggests in agreement with literature data
(see refs 89 and 90 and references therein) that the final
dissociation of the monohydroxamate group of azotobactin
0 is similar to those of iron(lll) monohydroxamate com-
plexes, with a rapid cleavage of the-F®(N) bond followed
_ by the rate-limiting cleavage of the F©(C) bond. Close
(b) values of the dissociation rates of the hydroxamate site of
azotobactind and N-methylacetohydroxamate (often used
10 — as a model for siderophores) were observed as well (Figure
22 11). The possibility of an intramolecularHransfer from
x the carboxylic acid (lod&k's = 3.0) to the hydroxamate group
- was also considered. This proton independent path gives rise
to LHs and Fé". Fitting this mechanism to our data gives a
reverse reaction rate constant of 8000\ * which is 3
-10 T | T | T | orders of magnitude higher than those obtained for the
formation of iron(lll) complexes with Fe cation, ruling out

InK'g

-10 S In K 0 s this possibility. The rate constakt_; calculated from the
6 dissociation kinetics measuremenis ¢ = 5800(500) M*
Figure 11. (a) Variation of Ink's as a function of Irk'; for the bidentate s1) is similar to that obtained during the kinetics of
ferric complex dissociation. Monohydroxamate complexes: bo¥e- ; ; + i
(HO)M(RCIOIN(OJHF", box with » = Fe(HOMRCONO)R),  ormation of azotobactia LHs" species and Fe(OF) (ks
diamond = bidentate-dihydroxamate complexes, gray filled circle = 5900(400) M* s confirming our mechanism.
bidentate-trishydroxamate complexes, black filled cirelezotobactind The reverse rate constahts could not be determined by

monohydroxamate. (b) Ik variation as a function of IK's for dissociation our kinetic analysis. However, it should be in agreement with
reaction of mono-, di- and tris-hydroxamate iron(lll) complexes. Acetohy- ’ '

droxamate anion (box): 1, Fe(AH&) 2, Fe(AHAW®: 3, Fe(AHAF™. literature values (36 M~ s71)798781fgr the coordination
N-Methylacetohydroxamate anion (box with): 4, Fe(NMHA); 5, Fe- site of hydroxy acids.

(NMHA),"; 6, Fe(NMHAY". Bidentate form of ferrioxamine B (gray filled inati il ;
circle): 7, FeHDFB3*. Monohydroxamate form of azotobactin (black From our kinetic data.’ the Stablllty Con.StahOf t.h.e f.emc
filed circle): 8, LHsF&+. Solvent: water] = 2.0; T = 25 °C. complexes corresponding to the following equilibrium can

also be determined:

the Fe(HO)sOH?** (proton independent path). The rate e
constank's and the stability constamt's of the dissociation LH* + & = L& + 64+ K = [LFeIH ] (35)
of the monohydroxamate site of azotobactiare of the same 6 [LH 6+][|:e3+]
order of magnitude as those NHfmethyl substituted mono-
hydroxamic acid$§7:88%°The rate constark; corresponding SinceK = (K'1K';K'3K'4K'sK's) 71, usingK'1K',K'3 values
to the proton independent path is between 2 and 10 ordersdetermined from potentiometric and spectrophotometric data,
of magnitude higher than those of tri- or dihydroxamate andK';,K's andK's from kinetics measurements, the value
complexes dissociation sites but remains in the same rangeof K = 1.9 x 1071 M~5 can easily be calculated. This value
as those of N-methyl or N-phenyl substituted monohydrox- is very similar to the valu& = 1.3 x 107° M~ determined
amate complexe¥;88.%0 from thermodynamic studies. Figure 12 summarizes our

Figure 11a shows the linear relationship between proton- mechanism.
mediated dissociation and the equation mechanism whose )
transition states differ only by the presence of a proton. The onclusion
deviation from unity in Figure 11a (slope 1.5) could be With three different binding sites, a catecholate group (on
the chromophore), a hydroxamate function (at the end of
the peptidic chain), and a hydroxyacid (in the middle of the

(104) Abbreviations used in this paper include the following. The chro-
mophore is referred as Chr. For the peptide chain, the following

shorthand is used: Aspi)faspartic acid; HOAsp,0)-3—threo- peptidic chain) the bacterial siderophore, azotobaktiorms
hydroxyaspartic acid; Gly, glycinep)-Ser, p)-serine; ()-Ser, ()- octahedral ferric complexes in a predominAntonfiguration
serine; ()-Hse, ()-homoserine; |)-Hse lactone, )-homoserine . uti Th Fe(lll | lculated for ferri

lactone; 6)-Cit, (p)-citrulline HOOrn, 6)-N%-Ac, No-HOOrM, b)- in solution. The pFe(lll) values, calculated for ferric azoto-

N°-acetyl, N-hydroxyornithine. CD refers to circular dichroism.  bactind, are very similar to the corresponding data reported

AHA is the abbreviation for acetohydroxamate anion, NMHA is for - . .
N-methylacetohydroxamate anion, and DFB is for desferriferriox- for trishydroxamate siderophores. The redox potential of the

amine B. azotobactin) iron complexes is consistent with a reductive
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step by physiological reductants for the iron release in its the course of the protonation of the azotobadfirferric
reduced form Fe(ll). complex. Despite the release of the hydroxyacid and of the
The coordination process of Fe(G#)by azotobactin catechol, the fluorescence remains indeed quenched, when
shows an EigeaWilkins mechanism, with a single rate- iron(lll) is bound only to the hydroxamic acid, suggesting a
limiting step related to the coordination of the terminal folded conformation at this stage.
hydroxamate function. The dissociation of the azotobactin
o iron(lll) complex occurs in acidic media with a very H
efficient step by step mechanism. The proton-mediatedb
dissociation process showed a fast release oftthgdroxy-
carboxylic group followed by a slower dissociation of the
catechol-like unit, the final step being related to the hydrox- Physique et Chimie du Vivant 1997 and ATP Microbiologie
amate end. 1998).
Formation and dissociation kinetics of the azotobadtin
ferric complex point out that both ends of this long Supporting Information Available: Additional figure and
siderophore chain get coordinated to Fe(lll) before the table. This material is available free of charge via the Internet at
middle. The most striking result provided by fluorescence NttP-//pubs.acs.org.
measurements is the lasting quenching of the fluorophore in1C034862N
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