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Pyoverdin PaA is a siderophore excreted by Pseudomonas aeruginosa, a common and pathogenic bacterium. It
belongs to a family of fluorescent iron(IIl) biological ligands. Its chemical structure shows three bidentate
coordination sites, two hydroxamic acids and a dihydroxyquinoline-type function bound to a peptidic chain.
Spectrophotometric, potentiometric and cyclic voltammetric measurements allowed the determination of the acid—
base functions of the free siderophore as well as the iron(IIl) and iron(II) coordination properties. Pyoverdin
PaA forms neutral and strong ferric complexes at physiological pH. The thermodynamic stability of its ferric
and ferrous complexes is very similar to that of linear trihydroxamate siderophores, such as ferrioxamine B
(Desferal) and coprogen, in spite of its anchored structure and of a catechol-type binding site. As for trihydroxamate
ligands, the reduction potential was found to be accessible to physiological reductant systems and an iron(III)
release mechanism via a reduction step could be proposed. Kinetic studies carried out by either classical or
stopped-flow spectrophotometry have provided the kinetic parameters related to the formation and the dissociation
of the ferric pyoverdin PaA complexes in acidic conditions. Stepwise mechanisms revealed the flexibility of this
strong ligand. The binding of the terminal hydroxamic acid of pyoverdin PaA is proposed to be the rate limiting
step of the iron(IIl) coordination process. The dissociation mechanism showed an unfolding of the siderophore
leading to protonated ferric intermediate species corresponding to the successive protonation of the binding sites.
Accessible reduction potential to physiological reductants, fast iron(IIT) uptake kinetics and efficient assistance
of the protons to the iron(Ill) release mechanism are favorable features for iron biological transport by pyoverdin

PaA.

Introduction

Siderophores are small molecules (MW ca. 400—2000 Da),
produced in iron deficient conditions by microorganisms, that
bind and facilitate the transport of external iron into the cells
via a high affinity system.!? They generally possess three
bidentate chelating groups which can be either three catechol
groups®# or three hydroxamate groups®® or miscellaneous
groups.”?

The most studied natural compounds are enterobactin,? and
agrobactin* which contain three catechol groups. Another group
of widespread fungal or bacterial siderophores are the linear or
cyclic trihydroxamates such as ferrichromes,® coprogens,’
ferrioxamines® and some fusarinines.'® Other siderophores
produced by various microorganisms possess both hydroxamate
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and hydroxyacid or other less common chelating groups. The
three bidentate groups can be either two hydroxamates and one
hydroxyphenyloxazolin group as in the mycobactins,!! two
catechols and one hydroxyphenyloxazolin group as in parabac-
tin,!? two hydroxamates and one hydroxyacid group as in
aerobactin,'® or two amino acid groups and one hydroxyacid
group as in mugineic acid,'* a phytosiderophore.

Many trihydroxamate!>~!8 or tricatecholate!®~?2 analogues
have been synthesized in order to determine the most important
structural features for strong iron binding and molecular
recognition by membrane receptors. These synthetic ligands
are chelating agents that may be potentially useful in iron
overload which occurs in widespread genetic diseases, like
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Figure 1. Structure of the fully protonated form of pyoverdin PaA.

B-thalassemia?? or hemochromatosis.?* Recently, ferrioxamine
B catechol derivatives,?® macrobicyclic analogues?6~2° and iron-
(III) helicates®®3! have been synthesized.

Among the miscellaneous bacterial siderophores, pyover-
dins32735 form a special class, since they are produced by most
of the fluorescent Pseudomonas and show many structural
similarities.

Under iron-deficient conditions, Pseudomonas aeruginosa
excretes three fluorescent peptidic siderophores, pyoverdins Pa,
PaA and PaB. P. aeruginosa is a common pathogenic bacterium
which causes 10—20% of the infections in hospitals.’® The
virulence of P. aeruginosa is closely related to its iron
metabolism.?” The structure of these pyoverdins has been
elucidated in absence of crystals, using FAB mass spectrometry
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and NMR techniques.?8% These hydrosoluble compounds show
very similar structures consisting of a peptide chain bound by
its N-terminus to a chromophore derived from 2,3-diamino-
6,7-hydroxyquinoline. They only differ by an acyl substituent
bound to the C-3 of the chromophore. They form iron(III)
complexes by means of three bidentate chelating groups
including a catechol, a hydroxamate at the end of the peptide
chain and a second hydroxamate function in the middle of the
peptide chain. Figure 1 shows the structure of pyoverdin PaA.

The coordination properties are important in understanding
biological iron transport by pyoverdin siderophores. In order
to assess the physiological role of pyoverdin PaA, its affinity
for ferric ion and the mechanisms of iron complexation and
release, we present in this article the complete results of the
electrochemical, potentiometric, spectrophotometric and kinetic
studies of pyoverdin PaA and its iron complexes.

Experimental Section

Preparation and Purification of Pyoverdin PaA and Its Ferric
Species. Pyoverdin PaA was isolated and purified from cultures of P.
aeruginosa ATCC 15692 (PAO1) according to a published procedure™®
with some modifications.

Growth Conditions. The strain was grown aerobically at 25 °C in
conical flasks containing 0.5 L of culture medium and subject to
mechanical agitation. The culture medium used had the following
composition per liter: K,HPO,, 6.0 g; KH2PO4, 3.0 g; (NH4);S04, 1.0
g: MgSO#7H,0, 0.2 g; succinic acid, 4.0 g. It was adjusted to p[H*]
7.0 before sterilization. To reduce iron contamination, deionized,
distilled water was used, and glassware was carefully prewashed with
acid and rinsed with distilled water before use.

Isolation and Purification of the Pyoverdins. After 48 h, the
culture medium (4.5 L overall) was centrifuged (20 000 g for 30 min
at 4 °C), acidified to p[H*] 4.0 by careful addition of formic acid,
ultrafiltered through a 0.45 4#m membrane (Minitan, Millipore, Molsheim,
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France), and applied to a column (! = 20 cm; ¢ = 25 mm) of
octadecylsilane (Lichroprep RP 18, 40—63 um, Merck, Darmstadt).
The column was first washed with an aqueous solution of acetic acid
at p[H*] 4.0 (0.5 L), in order to remove the bulk of inorganic salts and
then the crude siderophores were eluted with a 1:1 mixture of
acetonitrile/0.05 M pyridine—acetic acid buffer p[H*] 5.0 (0.5 L). After
evaporation, the mixture of pyoverdins was dissolved in pyridine—
acetic acid buffer and applied to a CM-Sephadex C-25 ion-exchange
column (! = 30 cm, ® = 35 mm) prepared in the same buffer. The
column was first eluted isocratically with 0.05 M pyridine—acetic acid
buffer p[H*] 5.0 (0.6 L), then with a linear gradient of the same buffer
(0.05—2 M; 2 x 1 L). The fractions (5 mL) were monitored by
spectrophotometry at 380 nm, combined and evaporated. Three main
siderophores were isolated at this stage: pyoverdin PaB (150 mg),
pyoverdin PaA (350 mg, the major compound) and pyoverdin Pa (200
mg).

Each pyoverdin was dissolved in water (5 mL), treated with 5 equiv
of a 2 M ferric chloride solution, filtered first over an octadecylsilane
column (eluted as above) in order to remove excess iron salts and then
on a CM-Sephadex C-25 ion-exchange column eluted isocratically with
pyridine—acetic acid buffer. This chromatography was monitored
spectrophotometrically at 403 nm. Each of the pyoverdin Pa, PaA and
PaB iron(Ill) complexes, obtained after CM-Sephadex column chro-
matography, was found to be a single major compound after reverse
phase HPLC. Although analytical HPLC and electrophoresis showed
the compounds to be fairly pure, the fractions containing pyoverdin
PaA ferric complex were combined, lyophylized and applied to a
preparative HPLC (10 um particle size C-18 nucleosil from Macherey-
Nagel as the bonded phase, ! = 25 cm, ® = 25 mm). This step
appeared to be crucial for further structural and physicochemical
determination on pyoverdins, and may be of importance in biochemical
or biological assays involving these siderophores, since cyclic volta-
mmograms performed on various samples at this stage showed the
presence of an irreversible redox step due to impurities which were
discarded during this preparative HPLC treatment.

Preparation of Iron-Free Pyoverdin PaA. In order to overcome
the rather tedious aspects of the former procedure using 8-hydroxy-
quinoline to remove iron(III) from pyoverdin,” another procedure was
devised using EDTA as a competitor iron(IIT) chelate: 150 mg of HPLC
purified pyoverdin PaA ferric complex were dissolved in 3 mL water
at p[H*] 4.0 and 10 mL of a 0.2 M EDTA solution added. The solution
was stirred for one hour, diluted twice with water at p[H*] 4.0 and
purified by chromatography over an ODS reverse phase column (I =
15 cm; ® = 20 mm). The column was first washed with 50 mL of a
0.1 M EDTA solution, then with 400 mL water at p[H*] 4.0. Pyoverdin
PaA was recovered as a free ligand after elution with a linear gradient
of water p[H*] 4.0—20% methanol in water p[H*] 4.0.

Iron-free pyoverdin PaA was lyophilized, resuspended in 0.05 M
pyridine—acetic acid, applied to a CM-Sephadex C25 ion exchange
column and eluted with a gradient of 0.05—1 M pyridine—acetic acid
p[H*] 5.0 to remove any traces of metallated pyoverdin and EDTA
from the purified pyoverdin.

Criteria of Purity. The criteria used to check the purity of
pyoverdins and their complexes are film electrophoresis, HPLC and
cyclic voltammetry. The last method was found to be very sensitive
and very useful for preparative work.

Electrophoretic analyses were performed on cellulose acetate sheets
at 300 V, over a period of 30 min; in 0.1 M pyridine—acetic acid buffer,
p[H*] 5.0. The pyoverdins and their iron complexes migrate to the
cathode. The migration distances were respectively 3 mm, 6 mm and
15 mm for pyoverdin PaB, pyoverdin PaA and pyoverdin Pa ferric
complexes, and 8 mm, 15 mm and 24 mm for the corresponding free
ligands. On excitation at 365 nm, the free ligands presented a yellowish
fluorescence whereas the iron complexes were non-fluorescent.

HPLC analyses of the free ligands required the pretreatment of the
columns by EDTA solutions to remove any trace of metallic cations
which are a main source of interference for these types of compounds.*!
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The eluent system which contains EDTA and octylsulfonic acid allows
a very efficient and reproducible separation of pyoverdins by ion pair
liquid chromatography in the presence of octylsulfonic acid.*?

Iron-free pyoverdin PaA was analyzed by analytical HPLC using a
column (0.5 cm x 26 cm) containing ODS (5 um particle size:
Supelco). Samples were eluted with a buffer containing citric acid
(0.2 M), 1.0 mM EDTA, 1 mM l-octane sulfonic acid, Na;HPO, (0.2
M), and 10% (v/v) acetonitrile at p[H*] 3.0. Elution of iron-free
pyoverdin was monitored with a spectrophotometer at a wavelength
of 380 nm. The retention times were 3.7 min, 10.0 min, and 8.7 min,
respectively, for pyoverdin PaB, pyoverdin PaA and pyoverdin Pa.

Potentiometric and Spectrophotometric Experiments. The solu-
tions were prepared with deionized water and the ionic strength was
fixed, using 0.1 M sodium perchlorate (MERCK, p.a.). Purified and
characterized solid samples of the free pyoverdin PaA and its ferric
species were dissolved and introduced into a jacketed cell (25 mL)
maintained at 25.0 = 0.1 °C by the flow of a HAAKE FJ thermostat.
The concentrations were calculated using the extinction coefficients*?
€403 = 19000 M™! em™!, €s60 = 6500 M~ cm™! and esq0 = 3500 M~!
cm™! for the ferric complex and €35y = 16 000 M~! cm™! and €350 =
16 500 M~! cm™! for the free pyoverdin PaA at p[H*] = 5.0. The
solutions were deoxygenated and continuously flushed with Argon
during the titrations, in order to prevent oxidation’ of the catechol
moiety of pyoverdin PaA. Simultaneous p[H*] and UV-—visible
spectrophotometric measurements (250—600 nm) were carried out. The
free hydrogen concentrations were measured with an Ag/AgCl com-
bined glass electrode (TACUSSEL, High Alkalinity, saturated sodium
chloride) and a TACUSSEL ISIS 20 000 millivoltmeter. Standardiza-
tion of the millivoltmeter and verification of the linearity (3 < p[H*]
< 9) of the electrode were performed using commercial buffers
(MERCK, Titrisol) according to classical methods.* The titration of
the free siderophore (1074 M, 1.7 < p[H*] < 13.0) and of its iron(HI)
species (1074 M, 1.2 < p[H*] < 9.0) was 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 MANOSTAT
microburet. For the acid—base titration of the pyoverdin ferric species,
special care was taken to ensure that complete equilibration was
attained, that the potentiometric and spectrophotometric measurements
were stable over a period of several hours. When equilibrium
conditions were reached, absorption spectra were run on small samples
(0.5 mL). The spectrophotometric measurements were recorded using
a KONTRON UVIKON 860 spectrophotometer and HELLMA quartz
optical cells (0.2 cm). An example of the spectral evolution of free
pyoverdin PaA and of its ferric species as a function of hydrogen ion
concentrations is given in Figure 2.

Potentiometric data obtained during the titration of free pyoverdin
PaA were processed with the MINIQUAD program* using an iterative
least-squares Marquardt refinement. The simultaneous potentiometric
and spectrophotometric data recorded at various p[H'] values for
pyoverdin PaA in the presence or absence of iron(III) were fitted with
the LETAGROP-SPEFO program.*6 This program uses a Raphson-
Newton algorithm and a pit-mapping method and calculates the
thermodynamic constants of the absorbing species and their correspond-
ing electronic spectra.

Electrochemistry. Cyclic voltammetric measurements were made
on a TACUSSEL GSTP instrument and a TACUSSEL PRGS poten-
tiostat. Voltammograms were obtained either with a TEKTRONIX
oscilloscope or a SEFRAM X-Y recorder. A dropping mercury
electrode was used as the working electrode, a Pt wire as a counter
electrode and a saturated sodium chloride calomel electrode (SCE) as
areference electrode in a jacketed cell (5 mL, METROHM) maintained
at 25.0 = 0.1 °C (HAAKE FIJ thermostat). The supporting electrolyte
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Figure 2. Evolution of the absorption spectra of pyoverdin PaA and
its ferric species at different concentrations of protons. Solvent: water.
T=250+0.1°C;I=0.1;1=02cm. (a) [PaAlo = 7.7 x 107° M;
[NaOH] = 0.1 M. Key: spectrum 1, p[H*] = 9.8; spectrum 2, p[H"]
= 9.2; spectrum 3, p[H*] = 8.9; spectrum 4, p[H*] = 8.4; spectrum 5,
p[H*] = 7.7; spectrum 6, p{H*] = 7.2; spectrum 7, p[H*] = 6.8;
spectrum 8, p[H*] = 6.4; spectrum 9, p[H*] = 5.8; spectrum 10, p[H*]
= 5.7; spectrum 11, p[H*] = 4.2; spectrum 12, p[H*] = 3.5, spectrum
13, p[H*] = 2.7; spectrum 14, p[H*] = 1.7. (b) [PaAFe(IlD)], = 1.30
x 1074 M; [HCI] = 1 M. Key: spectrum 1, p[H*] = 5.1; spectrum 2,
p[H*] = 4.0; spectrum 3, p[H*] = 3.1; spectrum 4, p[H*] = 2.6;
spectrum 5, p[H*] = 2.1; spectrum 6, p[H*] = 1.4; spectrum 7, p[H*]
=12

was 0.1 M NaClO, (MERCK, p.a.) and the buffer was a 1072 M sodium
carbonate (MERCK, p.a.) and sodium bicarbonate (MERCK, p.a.)
mixture. Different proportions of these products*’ gave a p[H*] between
9 and 11. The hydrogen ion concentration was measured with a Ag/
AgCl combined glass electrode (TACUSSEL High Alkalinity, saturated
sodium chloride) and a MINISIS 5,000 TACUSSEL millivoltmeter.
Electrochemical studies were carried out at a range of potentials varying
from —600 to —1000 mV/NHE and scan speeds varying from 5 V s™!
to 2.5 mV s~!. An experimental recording is given as an example in
Figure 3.

Kinetic Measurements. The formation and dissociation reactions
of iron(III) pyoverdin PaA involved both slow and rapid steps. For
the rapid steps, a DURRUM GIBSON D-110 stopped-flow spectro-
photometer connected to a TEKTRONIX Q-11 fast storage oscilloscope
was used. The signal was digitized and stored by a DATALAB DL
905 transient recorder. The corresponding kinetic data were treated
on line either with an APPLE II microcomputer and classical software*®
or with a TANDON computer and the commercial BIOKINE program.*
The slow steps were measured with a KONTRON UVIKON 860
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Figure 3. Cyclic voltammogram of the iron(Ill) pyoverdin PaA
complex. Scan speed: 100 mV s~!; p[H*] = 9.65. Solvent: water. T
=250%£01°C, I=0.1.

spectrophotomer and the kinetic data processed using the BIOKINE
software® with an IBM PS2 microcomputer. Rate constant determina-
tion and absorbance analysis were performed with the help of the
commercial ENZFITTER* program based on a Marquardt algorithm.
The solutions were prepared with deionized water. The temperature
was maintened at 25.0 = 0.1 °C and the ionic strength fixed at 2.0
using sodium perchlorate (MERCK, p.a.). The thermodynamic and
spectrophotometric data allowed the best experimental conditions for
kinetic determinations to be choosen.

Formation kinetics were studied using a stopped-flow technique at
403 nm. Pseudo-first-order conditions with respect to iron(III) were
used, pyoverdin PaA concentration being equal to 5 x 107 M and
iron(III) concentration (FeCl3,6H,0, Merck, p.a.) varying between 5
x 1073 and 4 x 107 M. To avoid the formation and precipitation of
a large number of hydroxylated iron(III) forms®! the experiments were
performed in a p[H*] range between 1.8 and 2.3. Using this narrow
p[H*] range, the ferric pyoverdin PaA species was obtained with yields
superior to 80%. The reaction order with respect to protons was also
reduced under these conditions. The activation parameters of the
complexation reaction were determined from experiments run at 15.0
+0.5°C;21.7+0.2°C;250+0.1°C; 30.0 £ 0.2°C and 35.0 £ 0.5
°C.

The acidic dissociation kinetics of ferric pyoverdin PaA species were
studied in the presence of excess protons (0 < p[H*] < 1.5) and a
complete decomplexation (>90%) was obtained. The initial p[H*] of
the ferric pyoverdin PaA complex solutions was adjusted to 4.0.

Results

Thermodynamics and Spectrophotometry. The structure
of the free siderophore pyoverdin PaA (Figure 1) shows two
protonation sites on the lateral chains (arginine and succinic
acid) and four involving the iron(II) coordination sites (cat-
echol-type and two hydroxamic acid functions). Taking into
account the positive charge of the catechol-type chromophore
moiety, the deprotonated free form of pyoverdin PaA was
denoted L*~. Six pK values (Table 1) were determined by
acid—base potentiometric titrations of the free siderophore and
of its ferric species. The pK; and pK; values at about 8.1 could
not be determined separately by the MINIQUAD program*’ and
agree very well with classical values observed for hydroxamic
acids.327% Spectrophotometric titrations of the free siderophore
(Figure 2a) have shown the existence of three absorbing species
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(52) Exner, O.; Simon, W. Collect. Czech. Chem. Commun. 1965, 30,
4078—4094.

(53) Brink, C. P.; Crumbliss, A. L. J. Org. Chem. 1982, 47, 1171-1176.

(54) Brink, C. P.; Fish L. L.; Crumbliss, A. L. J. Org Chem. 1985, 50,
2277-2281.

(55) Monzyk, B.; Crumbliss, A. L. J. Org. Chem. 1980, 45, 4670—4675,

(56) Ventura, O. N.; Rama, J. B.; Turi, L.; Dannenberg, J. J. J. Am. Chem.
Soc. 1993, 115, 5754—5761.
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Table 1. Protonation Constants of the Free Pyoverdin PaA Ligand
and Stability Constants of the Ferric Complexes?

thermodynamic
equilibria constants £ ¢ pM=to
LH* =L* +H* pK1=122+0.3
LH;>" = LH*" + H* pK: =108 £0.3
-= 2- +
tgz = LLl:Il;I‘Z it 7.6 < pKs, pKs < 8.6
LHs* = LH, + H* pKs=5.7+02 27+1
LH¢* = LHs* + H* pKs=4.8+0.3

L+ + Fe’* == LFe- log Ku:e(m) =308+03
L+ + Fe™* + H* =LHFe  log Buureqm = 43.0 £ 0.3
L% + Fe** + 2H* = LH;Fe*  log Bruream = 47.8 £ 0.2

9pM = —log [Fe**] when [Fe’*] = 107¢ M, [L] = 10~° M and
p[H*] = 7.4. Solvent: water. T=25+0.1°C;I=0.1.

that are p[H*] dependent and correspond to the protonation of
the catecholate-type chromophore. Due to oxidation of the
samples at high p[H*], determination of the absorption spectrum
of the deprotonated catechol-type moiety with sufficient ac-
curacy was not possible. The deprotonation constant (pK =
5.4 % 0.1) fitted with the LETAGROP program* was compared
to the pK; value (5.7 & 0.2) presented in Table 1 and determined
by potentiometry. These pK values were easily attributed to
the equilibrium between the diprotonated form of the catecho-
late-type chromophore and its monoprotonated species. The
corresponding calculated electronic spectra are presented in
Figure 4. With the help of data available in the literature,
arginine’” (pK = 12.48) and succinic acid® (pK = 4.8)
deprotonation constants obtained for pyoverdin PaA under our
experimental conditions could be identified respectively as pK;
= 122 £ 0.3 and pKs = 4.8 £ 0.3. The pKs value was
confirmed by an acid—base titration of the ferric species for
which the peripheral succinic acid is not involved in coordination
(Table 1). The pK, value = 10.8 £ 0.3, attributed to the
deprotonation of the catechol-type function, was in good
agreement, as for the pKs value, with data available for
hydroxyquinoline protonation properties, 60

The spectrophotometric titration of the ferric pyoverdin PaA
species in water over a large p[H*] range (3.0—9.0) shows a
single electronic spectrum with two charge transfer bands at
460 nm and 540 nm (Figure 2b). The spectrophotometric and
potentiometric data obtained over a p[H*] range between 4.0
and 1.6, where spectrophotometric variations could be observed
(Figure 2b), were processed with the LETAGROP program*
and the global thermodynamic constant Sim,re relative to a
diprotonated ferric complex was determined (Table 1). Using
results obtained by potentiometric titration of both the free
siderophore pyoverdin PaA and its ferric complex for the
exterior protonation sites (arginine and succinic acid), the
stability constants of the monoprotonated pyoverdin complex
LHFe and the deprotonated LFe™ were calculated. These values
along with the protonation constants of the free ligand, are listed
in Table 1.

The distribution curves obtained with the HALTAFALL
program®! for known and equal concentrations of pyoverdin PaA
and iron(IIl) at various p[H*] values, taking into account the
thermodynamic constants presented in Table 1 and the hydroly-
sis constants®! related to Fe(OH)?*, Fe(OH),™ and Fe,(OH)*™,

(57) Albert, A. Biochem. J. 1952, 50, 690—697.

(58) Yasuda, M.; Yamasaki, K.; Ohtaki, H. Bull. Chem. Soc. Jpn. 1960,
33, 1067—1070.

(59) Schulman, S.; Fernando, Q. Tetrahedron 1968, 24, 1777—1783.

(60) Mason, S. F.; Philp, J.; Smith, B. E. J. Chem. Soc. A 1968, 3051—
3056.

(61) Ingri, N.; Kakolowics, W.; Sillen, L. G; Wamqvist, B. Talanta 1969,
14, 1261—1286.
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Figure 4. Calculated electronic spectra of the different protonated
pyoverdin PaA species and of its ferric complexes. Key: spectrum 1,
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Figure 5. Formation curves of ferric pyoverdin PaA complexes under
various acidic conditions. [PaA] = [Fe(TIl)] = 5 x 10~¢ M. Solvent:
water. T = 25.0 °C; I =0.1.

show the formation of the neutral complex LHFe under
physiological conditions (Figure 5). At p[H*] values below 1.5,
the dissociation of the ferric species is complete.

Electrochemistry. Half reduction potentials were determined
for ferric pyoverdin PaA species in a narrow p[H*] range
between 9.0 and 10.7. Under these conditions, reversible
electrochemical behavior was observed for potential scan speeds
below 100 mV s™! and the reduction potential values were
independent of p[H*]. An average value of the reduction
potential has been calculated:

E, = E° ype = —0.51 £ 0.01 V/NHE (1)

Using this result, the reduction potential of iron(IIl) E°g. (0.77
V/NHE), and the stability constant of the ferric pyoverdin PaA
species LHFe (Table 1), the stability constant of the correspond-
ing pyoverdin PaA ferrous complex was calculated according
to the following expression:

(E°re — E° pre)

In By ppeqn = — T 0059 +InBiypen (@

The calculated thermodynamic constants for the pyoverdin PaA

ferrous species are log Kipemy = 9 £ 1, log Srurean =21 £ 1
and log /3]_1.[2]:3(11) =26+ 1.

Formation Kinetics. At 403 nm a single exponential

spectrophotometric increase vs time was recorded which cor-
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Figure 6. Variation of the experimental rate constant ko of iron(III)
pyoverdin PaA complex formation as a function of [Fe(Ill)];,; and of
[H*]. Key: (®) [H*] = 0.005 M; (a) [H*] = 0.006 M; (®) [H*] =
0.008 M; (00) (H*] = 0.01 M; (W) (H*] = 0.012 M; (O) [H*] = 0.015
M. [PaA]l =5 x 1075 M. Solvent: water. T=25.0+ 0.1 °C;I=20.

responds to the total spectrophotometric signal expected from
our studies carried out at equilibrium and also from the dead
time of the stopped-flow device (3 ms). The corresponding
pseudo-first order constants keps (s71) determined at 25.0 + 0.1
°C at various p[H*] values and concentrations of iron(IIl) in
excess are presented in Figure 6.

The variations of ke at given p[HT] with the analytical
concentrations of iron(IIT), [Fe(IID)],, fitted®® the following
relationship:

kops = k,[FedID],,, + kb[Fe(III)]mt2 3)

with kgps (s71), ka M1 571 and k, (M~2s71). Using a statistical
method,’® variations of the rate constants k, and k, with the
analytical concentrations of protons [H*] at given concentrations
of iron(Ill) in excess were found to confirm the following
mathematical equations with the constants A (s7!), B (s™1), A’
M~1s™1), A” M) and B" (M):

A+ AHN

P C)
A” + [HM

. B )

(B + [H]
The corresponding rate law can be written:

A+ AHT
v = ———(Fe(lID],, +
A” 4 [H1]

%[Fean)]mf}[LH#*] ©®)
(B +[H'D

This result suggests the formation mechanism of a single
pyoverdin PaA ferric complex, LH;Fe™, from a single protonated
form of free pyoverdin PaA, LHe?", via the hydroxylated species
of iron(IIl). The protolytic and dimerization equilibria between
the iron(III) species can be considered as fast steps®? compared
to those involving coordination, and then the corresponding
thermodynamic constants®? will be used in the kinetic equations.
At equilibrium, under our experimental conditions (1.8 <

Albrecht-Gary et al.

p[H']< 2.3), the concentrations of the Fe(OH),* and Fe,(OH),**
species could be neglected and the total iron(III) concentration
written as:

[Fe(IID)],,, = [Fe**] + [Fe(OH)*"]

K+ [H'
= (—5—])[1%3*]
[H']

Fe** < Fe(OH)?* + H* )

For the sake of simplicity, all the water molecules solvating
the various iron(III) species have been omitted in our notations.
Our kinetic data fit well with a mechanism that takes into
account the reactivity of Fe3*, Fe(OH)* and Fe,(OH),**:

K’y
LHg2* + Fe3* — LHyFe* + 4H*

e

H+
+ PR

LHg2* + Fe(OH)2* — LHzFe* + 3H* + H.0
+

Fe(QH)2*

K “ fast

y
LHg2* + Fep(OH)p* ——= LHsFe* + Fed* + 2H* + 2H,0 ®)

This mechanism leads to the following rate law:
v = {k',[Fe’*] + k’,[Fe(OH)**] + k5[Fe,(OH),* ]} [LH"]
®

K,K+ K [H']
v =|—————TIFe(lD],, +
K+ [H"

/7

KK
m[Fe(HI)]mf}[LHJ*] (10)

Comparing eqs 6 and 10, the rate constants at 25 °C are
calculated as ¥’y < 80 M~ !s™L, ¥, = (7.7 £ 0.4) 10®? M~1 5!
and k'3 = (5.0 + 0.6) 10* M1 s,

The same kinetic measurements were carried out at different
temperatures (15—35 °C) and the experimental data obtained
at various p[H*] values and iron(IIT) concentrations for &, ([4])
are presented in Figure 7. The values of the rate constants k',
k', and ¥’5 corresponding respectively to the reactivity of Fe3*,
Fe(OH)** and Fe,(OH),** with pyoverdin PaA are collected in
Table 2.

Only the kinetic data collected for the reactivity of the Fe-
(OH)?* species were accurate enough under our experimental
conditions to allow the determination of the activation param-
eters AH* = 11.3 & 0.6 kcal M~'and AS* = —3 £ 3 cal M™!
K~! by an Eyring plot.

Dissociation Kinetics. At p[H*] 1.5 the complete dissocia-
tion kinetics of the diprotonated ferric pyoverdin PaA complex
were studied in water. The reactant LH,Fe* was prepared at
p[H*] 4.0. According to the distribution curves previously
presented (Figure 5), the global reaction can be written as:

LH,Fe(Ill)" + 4H™ == Fe(Ill) + LH,"* (11)

(62) Birus, M.; Kujundzic, N.; Pribanic, M. Prog. Reaction Kinet. 1993,
18, 171-271.

(63) Milbum, R. M.; Vosburgh, W. C. J. Am. Chem. Soc. 1955, 77, 1352—
1355.
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Figure 7. Ferric pyoverdin PaA formation: Variation of apparent rate
constant k, with [H*] and temperatures. Key: () T=15.0°C;(®) T
=217°C; (O) T=250°C; (@ T = 30.1°C; (O) T = 35.0 °C.
Solvent: water. I = 2.0.

Table 2. Variation of the Second-Order Iron(IIl) Pyoverdin PaA
Complex Formation Rate Constants Related to Fe?t, Fe(OH)**, and
Fe,(OH),** with Temperature®

kinetic parameters

K1x20) (K2£20)x1073  (K3+20)x 1074
T(°C) M-ls™hH Mts™h M-1tsh
150+£0.5 <40 40+06
21.7£0.2 <60 62104
250+£0.1 <80 77104 5.0+£06
30.1+£02 <100 11.0£ 0.6
350+ 05 <400 15+1

2Solvent: water. I = 2.0.

The free iron(IIl) species liberated by the reaction are in fast
equilibrium,®? the major final species being Fe3* and FeOH?*
in our strongly acidic conditions.

Three exponential spectrophotometric signals have been
recorded vs time at 403 nm under pseudo-first order conditions
with respect to the protons (Figure 8). Using the stopped-flow
method, a large loss of amplitude (50% of the spectrophoto-
metric amplitude at equilibrium) has been observed during the
dead time (3 ms) of our device and two exponential decays
have been measured, in the respective time ranges of mil-
liseconds and minutes. A final slower exponential decay was
detected by classical absorption spectrophotometry. For in-
creased simplicity, the different steps were successively denoted
1, 2, 3, and 4, as indicated in Figure 8.

The values of the pseudo-first order rate constants kqbs.2, Kobs,3,
and kops 4 related to steps 2—4 respectively were determined and
collected in Table 3.

The variations of Kobs 2 and kops3 Were found to be linear with
the analytical [H*] concentrations in the entire p[H*] range
investigated and the ordinates at the origin could be determined
with good accuracy. Variations of kqps4 With [H*] were linear
at high p[H*] values. At lower p[H*] values, in agreement with
results obtained for ferrioxamine B by Birus et al.,%* we were
obliged to take into account a more sophisticated mathematical
approach which provided kinetic results consistent with those
previously obtained for the formation mechanism. These
experimental data suggest the formation of three intermediate
protonated ferric pyoverdin PaA complexes I;, I, and I; leading
to the release of the metal. The ordinates at the origin could
be attributed to the back reaction of the equilibria Xj, and Kj,.

(64) Birus, M.; Bradic, Z.; Krznaric, G.; Kujundzic, N.; Pribanic, M.;
Wilkins, P. C.; Wilkins, R. G. Inorg. Chem. 1987, 26, 1000—1005.

Inorganic Chemistry, Vol. 33, No. 26, 1994 6397

0.50
‘
E Step 1
v
0.25 ~
0.20 A
o : :
E 015 Step 2 : Step 3 Step 4
£ | |
b
< 0.10 1
0.05
Onm T - T n T T T 1 ; T T T
0.00 0.01 0.02 2 4 6 8 400 800 1200
) (min)

Time
Figure 8. Dissociation kinetics of the ferric pyoverdin PaA species.
[PaAFe(IID]o = 3.1 x 107 M; [H*] = 0.15 M. Solvent: water. T =
250£01°C;1=20;!=1cm; A =403 nm.

Table 3. Variation of the Pseudo-First-Order Constants for the
Acidic Dissociation of Ferric Pyoverdin PaA with Proton
Concentration?

(kobs2 = 20) x

(kobs,3 =+ 20) X (kobs,4 =+ 20) X

[H*] (M) 1072(s7h 102 (s™h) 104 (s™hH
0.025 0.53£0.01
0.035 0.78 £0.03
0.045 1.07 £ 0.03 045 £ 0.01
0.051 1.28 £ 0.03 0.78 £ 0.02 0.50 £ 0.01
0.065 1.36 £ 0.05 0.61 £0.01
0.077 1.80 + 0.06 0.60 £+ 0.02 0.30 £ 0.02
0.101 2.20 £0.06 0.87 £0.02
0.103 2.19 £ 0.07 0.80 £+ 0.02
0.125 2.65 £ 0.07 1.17 £ 0.03
0.128 1.00 £ 0.02 0.39 £ 0.07
0.152 34%01 1.04 £ 0.05
0.154 1.20 £ 0.03 0.50 £ 0.01
0.192 137 £ 0.03
0.203 1.46 + 0.04 0.60 £ 0.02
0.256 0.81 +£0.02
0.304 2.50 £ 0.06
0375 3.34£0.05 1.5+02
0.384 272 +£0.05
0.504 49+0.1
0.605 6.1+0.1 1.9+£03
0.703 62102 24+02
0.705 6.61+0.2 233004
0.769 7.31 £0.05 28+02
0.806 83+02
0.907 9.1+02
1.014 100£0.2

4 [Pyoverdin PaAFe(Ill)] = 3.1 x 10~ M. Solvent: water. T =
250+ 0.1°C; I=2.0.

For the final step, a proton independent dissociation pathway
via Fe(OH)** was envisioned.®~%" By analogy with steps 2 and
3, an initial bimolecular attack of the protons was proposed for
step 1. This hypothesis will be checked, however, by analysis
of the spectrophotometric amplitudes. The corresponding
mechanism is proposed in Scheme 1. Taking into consideration
the second elementary step written in Scheme 1 and the

(65) Birus, M.; Bradic, Z.; Kujundzic, N.; Pribanic, M.; Wilkins, P. C,;
Wilkins, R. G. Inorg. Chem. 1985, 24, 3980—3983.

(66) Monzyk, B.; Crumbliss, A. L. J. Am. Chem. Soc. 1979, 101, 6203—
6213.
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experimental data presented in Table 3, the values of the rate
constants k; and k—, were determined (Table 4) according to
the relationship:

kapss = k_y + ko[H'] (12)

By analyzing the spectrophotometric amplitude measured at the
end of the two first steps A..» vs p[H*] and taking into account
the equilibria Kj, and Kj, (Scheme 1), the expression of A..»
(Figure 9) vs the concentrations of protons can be processed
using a nonlinear least squares method:

2
Ay CLHFer + GIIKll[H+] + GIZKIlKIZ[H+]

13
[LH,Fe ], 1+ K [H']+ K, K, [H'] 1
The absorption coefficients of intermediates I; and I, at 403
nm and the stability constants Kj, and Kj, were calculated and
are presented in Table 4.

According to the kinetic data presented in Table 3, the rate
constants k3 and k-3 were obtained by eq 14 and their values
are presented in Table 4. The expression of the spectrophoto-

Kops3 = k_3 + ky[H'] (14)

metric absorbance A..3 measured at 403 nm (Figure 9) and at
the end of the third elementary step (Scheme 1) could be
processed vs the concentrations of protons:

As
[LH,Fe*],,

+42 +13
€Lnper T €Ki [H'] € K K [H'T + ¢ K; K, K; [H']

(15)
1+ K, [H'] + K K, [H + K K K [HT

The values of the absorption coefficient €, at 403 nm of the
intermediate complex I3 and of the stability constant K1, were
obtained (Table 4) by a nonlinear least squares method*® and
the values previously determined by the relationship in (13). If
the mechanism proposed in Scheme 1 is considered, the
variations of the rate constants kqs4 vs [H™] for the fourth and
slowest step will confirm the following equation:

(ks + k,[H DK, [H"]
1+ K [H']

kobs,4 =

k_sK 2+
(k_4 + ————+)([Fe(III)]e + [LH 1) (16)
K+ [H]

[LHg2*1. and [Fe(III)], are the total equilibrium concentrations
of ligand and metal under our experimental conditions.

Using a nonlinear least squares method,’® data previously
presented in this paper, the K value available in the literature®
and the Kj, determined for the preceeding step, the rate constants
ks and k_; (Table 4) related to the proton assisted final
dissociation step and ks and ks (Table 4) related to the proton
independent step were determined.

The variations of the final spectrophotometric absorbance for
the fourth step vs proton concentrations (Figure 9) allowed us,
using a nonlinear least squares program,”® to determine the
stability constant Kr. (Scheme 1) and the extinction coefficient
of the free ligand according to the following relationship:

(67) Monzyk, B.; Crumbliss, A. L. J. Am. Chem. Soc. 1982, 104, 4921—
4929.

Albrecht-Gary et al.

e

00,4

C

= {emzw + ¢ K [H'] + e Ky K [HT) +

tot

+4
3 [H'] /
e K K K [H'T + eLHGHKIlKIZKIsKFeﬁ::]-e-

{ 1+ K [H]+ K K [H'* + K K K [HP +

HT
KFe [Fe]e

[LH¢?] and [Fe(TII)], are the total equilibrium concentrations
of ligand and metal under our experimental conditions.

The values of K, Ki,, and K, related to the preceding steps
were used as well as the value of the thermodynamic stability
constant of the ferric pyoverdin PaA complex (Table 4) which
was necessary for calculations of the equilibrium iron(IIl)
concentrations. Calculated values of both the extinction coef-
ficient at 403 nm of the free pyoverdin PaA, LHe¢?", and the
thermodynamic constant Kp, = ka/k—4 were in good agreement
with the previously determinated spectrophotometric and kinetic
data.

K K K } 17

Discussion

Equilibrium Studies. The pK; value related to the first
protonation constant of the hydroxyquinoline type moiety of
pyoverdin PaA (Table 1) is respectively two or three orders of
magnitude larger than the pK, values of 7-hydroxyquinoline or
6-hydroxyquinoline® % (Table 5). Comparison between the
phenol pK, value® and the catechol pK,; value®0 shows an
identical stabilization effect due to hydrogen bonds between the
two adjacent hydroxyl groups of catechol (Table 5). The
decrease of about two orders of magnitude of the first proto-
nation constant of pyoverdin PaA hydroxyquinoline-type func-
tion compared to the corresponding protonation constant of
catechol is similar to the decrease observed for 7-hydroxyquino-
line and 6-hydroxyquinoline’®° compared to phenol® (Table
5). The electronegativity of the oxygen atom of hydroxyquino-
line is lower than that of phenol, this effect being due to greater
electron delocalization.

The second protonation constant of the fluorescent chro-
mophore of pyoverdin PaA is about three orders of magnitude
lower than the corresponding second protonation of catechol®:70
(Table 5). The second protonation constant of catechol is sirnilar
to the protonation constant of phenol, the second protonation
constant of the hydroxyquinoline-type group of pyoverdin PaA
being more than one order of magnitude lower than the
protonation constant of 6-hydroxyquinoline’>% (Table 5). This
effect could be attributed to the proximity of the second proton
in position 6 and the positive charge borne by the chromophore
of pyoverdin PaA (Figure 1) and would explain the large ApX
= pKs — pK, = 5.1 observed.

The two protonation constants related to the two hydroxamate
groups of pyoverdin PaA could not be accurately distinguished
under our experimental conditions (Table 1). Nevertheless,
taking into account the statistical effect between the two
thermodynamic constants, our results are in good agreement
with the data obtained by Brink et al.**%* for hydroxamic acids
bearing an alkyl substituent on the nitrogen atom. These authors

(68) Bordwell, F. G.; Cooper, G. D. J. Am. Chem. Soc. 1952, 74, 1058—
1060.

(69) Tyson, C. A.; Martell, A. E. J. Am. Chem. Soc. 1968, 90, 3379—
3386.

(70) Avdeef, A. A.; Sofen, S. R.; Bregante, T. L.; Raymond, K. N. J. Am.
Chem. Soc. 1978, 100, 5362—5369.
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have shown that a N-methyl substituent decreases the pX value
of the hydroxamic acid (Table 6), the role of substituents on
the carbonyl function being less significant. In pyoverdin PaA,
the two hydroxamic acids are identically linked to the peptidic
chain by a propyl chain on the nitrogen atom and similar
decreases in pK; and pKs were observed (Table 1). For
comparison, pK, values available for trihydroxamate sidero-
phores are listed in Table 6. The pK3 and pK} values determined
for the hydroxamate groups of pyoverdin PaA are in good
agreement with the order of magnitude of the protonation
constant of the third hydroxamate of trihydroxamate com-
pounds.”=7 This comparison reflects substituent and statistical
effects on the pK3 and pKy values of pyoverdin PaA.

The pK; and pKs values (Table 1), respectively attributed to
the exterior protonation sites of pyoverdin PaA, are in agreement
with the pK values available in the literature for arginine>’ and
succinic acid.5®

Using the stability constant (log fimre+ = 47.8 + 0.2)
determined in acidic conditons for the pyoverdin PaA complex
with protonated arginine and succinate exterior sites the stability
constant of the neutral monoprotonated complex LHFe (log
BLure = 43.0 £ 0.3) was calculated. This LHFe stability
constant corresponds to the protonation of succinic acid and is
the only ferric species formed at physiological pH (Figure 5).

In order to compare the iron(IIT) complexation properties of
pyoverdin PaA with other natural siderophores, the correspond-
ing pM values, which measure the equilibrium concentration
of iron(III) at physiological p[H*] (7.4) and under given ligand
and metal concentrations, are listed in Table 7. In spite of the
presence of the catechol-type moiety in pyoverdin PaA, the pM
value obtained for this siderophore is similar to those of linear
trihydroxamates (coprogen,’! ferrioxamine B’2). Enterobactin™
with three catecholate coordination sites shows a pM value
which is about eight orders of magnitude larger than that of
pyoverdin PaA (Table 7). This result reflects the decrease in
pK values observed for the dihydroxyquinoline-type group of
pyoverdin PaA compared to catechol®’0 (Table 5). An
enhancement of about three orders of magnitude of the pM value
is induced by the replacement of hydroxycarboxylic acid in
aerobactin!3 by a catecholate-type function in pyoverdin PaA,

(71) Wong, G. B.; Kappel, M. J.; Raymond, K. N.; Matzanke, B.;
Winkelmann, G. J. Am. Chem. Soc. 1983, 105, 810—815.

(72) Schwarzenbach, G.; Schwarzenbach, K. Helv. Chim. Acta 1963, 154,
1391—1400.

(73) Anderegg, G.; L'Eplattenier, F.; Schwarzenbach, G. Helv. Chim. Acta
1963, 46, 1409—1422.

(74) Lee, C. W.; Ecker, D. J.; Raymond, K. N. J. Am. Chem. Soc. 1985,
107, 6920—6923.
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the other coordination sites being for these two siderophores
two hydroxamates.

Protonation of the catechol-type chromophore of free py-
overdin PaA induces a blue shift of the absorption spectra and
a decrease in extinction coefficients (Figure 4). These observa-
tions are in agreement with data available for 6- and 7-hy-
droxyquinoline.’*% The electronic spectrum calculated for the
pyoverdin PaA ferric species shows two ligand to ferric ion
charge transfer bands respectively centered at 460 nm (€450 =
6500 M~! cm™!) for the two hydroxamate coordination sites
and at 540 nm (esq0 = 3500 M~! cm™!) for the catecholate-
type site. Shifts to longer wavelengths and enhancement of the
absorption properties were observed when compared to the
trihydroxamate complex ferrioxamine B (A, = 425 nm, eg5
= 2600 M~! cm™!) and the tricatecholate complex, ferrientero-
bactin?™ (Amax = 495 nm, €495 = 5600 M~! cm™1).

The reduction potential of the ferric pyoverdin PaA complex
was measured by cyclic voltammetry. The potential is more
than 200 mV less negative than that of the enterobactin
tricatecholate siderophore, enterobactin’ and slightly more
negative than that of the trihydroxamate siderophores (ferriox-
amine B,” coprogen’!) as shown in Table 8. Within experi-
mental error, the stability constant of the ferrous pyoverdin PaA
complex is very similar to that calculated for ferrioxamine B7
or coprogen’! (Table 8).

Compared to enterobactin, a destabilization of the ferrous
complexes of more than ten orders of magnitude is observed
for ferrioxamine B and pyoverdin PaA. A decrease of five
orders of magnitude has been measured by Harris et al.!* for
aerobactin when the catecholate-type coordination site of
pyoverdin PaA is replaced by a hydroxycarboxylic acid. In
conclusion, the fluorescent pyoverdin PaA chromophore showed
very similar ligation properties of iron(III) and iron(II) as
hydroxamate coordination sites. This similarity leads us to
propose the same biological release of iron(IIl) for pyoverdin
PaA and trihydroxamate siderophores via a possible reduction
step of the ferric complexes by common physiological reduc-
tants.

Kinetic Studies. The formation reaction of the iron(IIl)
pyoverdin PaA complex in acidic conditions (1.8 p[H*] 2.3)
showed a single initial rate limiting step. The proposed
mechanism involves three iron(IIT) species in fast equilibrium,®?
Fe3*, Fe(OH)?* and Fe,(OH);**. No reactivity of the dihy-
droxylated species Fe(OH)," was observed (Table 2). Only the
fully protonated form of the free siderophore, LHg?", which is
the only ligand species present at equilibrium (Figure 5) takes
part in this mechanism. Other protonated forms of free
pyoverdin PaA have been taken into account, such as LHs™,
but did not provide results consistent with data available in the
literature (Table 9). No protonic ambiguity®? has been observed
in this mechanism.

Due to the lack of reactivity between pyoverdin PaA and the
major thermodynamic ferric species, Fe3*, present under our
experimental conditions, (Figure 8) data more accurate than the
superior limit of the bimolecular rate constant &’; could not be
provided (Table 9). The order of magnitude of this result is in
good agreement with of the corresponding rate constants k'
determined with hydroxamic acids®67677 at 25 °C (Table 9).

More precise results have been obtained for the formation
pathway of the ferric pyoverdin PaA complex via the mono-

(75) Wawrousek, E. F.; McArdle, J. V. J. Inorg. Biochem. 1982, 17, 169—
183.

(76) Brink, C. P.; Crumbliss, A. L. Inorg. Chem. 1984, 23, 4708—4718.

(77) Funahashi, S.; Ishihara, K.; Tanaka, M. Inorg. Chem. 1983, 22, 2070—
2073.



6400 Inorganic Chemistry, Vol. 33, No. 26, 1994

Albrecht-Gary et al.

Table 4. Kinetic, Thermodynamic, and Spectrophotometric Parameters Determined for the Acidic Dissociation of the Iron(IlI) Pyoverdin PaA

Complexes®

spectrophotometric data,

elementary steps rate consts thermodynamic consts e M em™) at A =403 nm
epl K < 1000 M 0000 £ 2000
€ =
step 2 k= 1800 £ 200 M1 57! K, =100 £ 20 M™! _
k=20 105! kfk_ = 90 % 60 M1 €, = 2100 =200
step 3 ks=(75+0.5) x 1072M 157! K,=8+4M"! _
ko= (4£2) x 10751 kfk_s = 20 + 10 M-! ér, = 1400 £+ 200
step 4 ka=(32£0.6) x 1074 M5! Kee = (1.4 £0.6) x 1074 eLng+ = 800 £ 100
kea=6+2M 15! klk—s = (5 £ 3) x 10~ €reqm = 0
ks> 6 x 107357}
ks~ 10° Mgt

“Solvent: water. T=250=x0.1°C;I=20.

8_

Ay x 103/ (Cp x ) (Mtem)

0.0 0.4 0.8
=] (M)

Figure 9. Variation of the absorbance at the end of each step of the
dissociation of the ferric pyoverdin PaA complex. Key: (®) A.2; (O)
Ax3; (@) Ang. Solvent: water. T=25.0+0.1°C;I=20;/=1cm;
A =403 nm.

Table 5. Comparison of the Protonation for the Constants
2,3-Diamino-6,7-hydroxyquinoline Moiety of Pyoverdin PaA with
Those of Model Compounds®

protonation sites pK.
phenol®® pK. =9.98
catechol® pK.1 =128
pKaz2 = 9.45
catechol”® pKa., = 13.00
pK.2 = 9.23
6-hydroxyquinoline’® pK.=7.02
7-hydroxyquinoline’®:5 pK. = 8.32
HO NG, ZNH pKa1 = 10.8
pKa_z =57
HO NH
pyoverdin PaA

2 Solvent: water. T =250+ 0.1°C;7/=0.1.

hydroxylated iron(IIl) species, Fe(OH)**. Within experimental
error, the second order rate constant ¥, = 7.7 x 103 M~1 s~1
at 25 °C is identical to the corresponding kinetic value deter-
mined for acetohydroxamic acid”” (Table 9). Considering either
various hydroxamates and catecholates or a natural trihydrox-
amate siderophore, no significant variation of the rate constant
k> was observed with the nature and the structure of the different
ligands (Table 9). These data suggest a classical dissociative
Eigen—Wilkins mechanism’ with a fast formation step of

Table 6. pK Values of Various Hydroxamic Compounds®

pX.
Hydroxamic Acids®>
M Ri=CHy;R;=H 9.02
O// \OH R, =CH;; R; =CH; 8.65
Dihydroxamate Compounds
rhedotorulic acid® 9.44 8.49
Trihydroxamate Compounds
ferrichrome™ 9.83 9.00 8.11
ferrichrysin”? 10.01 9.02 8.17
ferrioxamine B 970 9.03 8.39
ferrioxamine E”? 9.89 942 8.5
coprogen’! 916 8.86 7.63

2 Solvent: water. 7= 250+ 0.1°C;7/=0.1.

Table 7. pM Values? for Pyoverdin PaA and Various Natural
Siderophores”

pM
Tricatecholate Siderophores
enterobactin™ 355
Trihydroxamate Siderophores
ferrichrome™ 252
ferrioxamine B”? 26.6
ferrioxamine E”? 277
coprogen’! 275
Dihydroxamate Siderophores
rhodotorulic acid®? 21.76
Mixed Siderophores
two hydroxamates and one hydroxyacid
aerobactin'? 233
two hydroxamates and one catecholate-type
pyoverdin PaA 27

;EM = —log [Fe’**] when [Fel*] = 10~ M, [L] = 10~5 M, and
pH™] =74,

an outer-sphere complex (K,) followed by a rate limiting step
which involves the desolvation of the metal (key):

Kreom) = Kog Kex (18)
Since it was difficult to consider pyoverdin PaA as a spherical
cation and to evaluate the closest approach distance between
LHg2t and Fe(OH)?*, the K, value™ determined for desferri-

ferrioxamine B was used instead of calculating it by the Eigen—
Fuoss relationship.80 Similarities in the peptidic nature, chemi-

(78) Eigen, M.; Wilkins, R. G. Mechanism of Inorganic Reactions. Adv.
Chem. Ser. 1965, 55—67.

(79) Batinic-Haberle, I.; Birus, M.; Pribanic, M. Inorg. Chem. 1991, 30,
4882—4887.

(80) Fuoss, R. M. J. Am. Chem. Soc. 1958, 80, 5059—5061.
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Table 8. Iron(Ill) and Iron(Il) Thermodynamic Constants and
Reduction Potentials of Pyoverdin PaA Complexes and Various
Natural Siderophores

reduction
potentials  log log

coordination sites siderophores (MV/NHE) Kiremm Kirem
three hydroxamates ferrichrome A7 —448 320 113
ferrioxamine B> —468 30.5 9.5
coprogen’! —447 302 9.6
three catecholates enterobactin™ -750 52 222
two hydroxamates and aerobactin'? —336 225 3.8
one hydroxyacid
two hydroxamates and pyoverdin PaA —510 30.8 9.0

one catecholate-type

Table 9. Reactivity of Fe** (k')), Fe(OH)** (k'), and Fe,(OH),*+
(k"3) with Pyoverdin PaA and Various Hydroxamate and Catecholate
Compounds

’

k1 ks 3
compounds M5l M1l M-1s™h
pyoverdin PaA <80 7.7 x 103 5.0 x 10¢
acetohydroxamic acid”’ 57 x 10° 8.1 x 10
substituted hydroxamic  1.2—4.4  (0.67—4.3) x 103
acids6676

catechol®® 3.1 x 103
substituted catecholate?” (1.7-3.3) x 10> (4.5—220) x 10°
desferriferrioxamine BS2 3.6 x 10°

cal structure and size between pyoverdin PaA and des-
ferriferrioxamime B support this choice, although the positive
charge of the two siderophores is different, pyoverdin PaA
bearing two positive charges on its LHg?* species and desfer-
rioxamine B a single charge on its fully protonated form. Using
krecony determined for pyoverdin PaA and K, determined for
desferriferrioxamine B” (Kps=3 x 1072 M), ke = 2 x 105
s ! related to the water exchange process of Fe(OH)?* was
calculated. This result is in excellent agreement with the rate
constant value (kex = 1.4 x 105 s~!) obtained for Fe(OH)?*
from NMR measurements.?!

Activation parameters calculated for the reaction of the Fe-
(OH)** species with pyoverdin PaA (AH* = 11.3 kcal M™};
AS* = =3 cal M~ K~!) are very similar to the corresponding
parameters determined by Birus et al.® for desferriferrioxamine
B (AH* = 11.7 kcal M~!; AS* = —8 cal M~! K1) and in
excellent agreement with the data available®? for the water
exchange process of Fe(OH)?* (AH* = 10.1 kcal M~ 1; AS* =
1.3 cal M~! K~1). Cavasino and Di Dio®? have examined the
activation parameters related to Fe(OH)?* and various ligands
(hydroxamic acids,6.767784 catechols,?S hydrocarboxylic acids®
) and found a narrow range of AH* (4.7 < AH* < 10.0 kcal
M~1) and consistently negative AS* values (—26 cal M~} K!
< AS* < =5cal ML K)),

Our kinetic results compared to literature data are in favor
of a dissociative Eigen—Wilkins’® mechanism for the reaction
of Fe(OH)** with pyoverdin PaA. The similarity between the
rate constant determined for Fe(OH)?* with pyoverdin PaA and
that obtained for hydroxamic acid® suggests that the formation
rate limiting step of the ferric pyoverdin PaA complexes could
be attributed to the coordination at hydroxamate site.

The dimer species Fea(OH),*t was found to be one order of
magnitude more reactive than Fe(OH)2* (Table 9). The
bimolecular rate constant k'3 measured for pyoverdin PaA is

(81) Swaddle, T. W.; Merbach, A. E. Inorg. Chem. 1981, 20, 4212—4216.

(82) Grant, M.; Jordan, R. B. Inorg. Chem. 1981, 20, 55—60.

(83) Cavasino, F. P.; Di Dio, E. J. Chem. Soc. A 1970, 1151—1154.

(84) Fish, L. L.; Crumbliss, A. L. Inorg. Chem. 1985, 24, 2198—2204.

(85) Mentasti, E.; Pelizzetti, E. J. Chem. Soc., Dalton Trans. 1973, 2605—
2608.

(86) Mentasti, E. Inorg. Chem. 1979, 18, 1512—1515.
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about five times higher than that determined for acetohydrox-
amic acid’”” (Table 9). The little data reported in the literature
for the reactivity of Fey(OH),** with various ligands (cat-
echols,?” squaric acid,® tiron,38# dihydroxybiphenyl deriva-
tives™ ) show that the ligand influences the kinetic results, the
rate constants values varying in a large range between 5 x 10?
M-ls land 5 x 105 M~ s~! (Table 9).

The dissociation mechanism of the ferric pyoverdin PaA
complexes (LFe, LHFe* and LH,Fe?") in acidic conditions is
illustrated in Figure 10. A step by step dissociation mechanism
of the coordination sites has been found.

The first two steps involving two protons lead to the formation
of an intermediate kinetic species I, (Table 6). Taking into
account the absorption of the hydroxyquinoline moiety (€403 =
800 M~! cm™!), its extinction coefficient (€493 = 2100 M~!
cm™1) is compatible, within large experimental errors, with that
of the thermodynamically stable diprotonated ferrioxamine B%*
(€426 & 1500 M~ cm™!). Moreover, stopped-flow spectropho-
tometry at 560 nm verified that the hydroxyquinoline iron charge
transfer band was no longer observed after the first two steps.
The rate constant related to the second step k; = 1.8 x 103
M~! 571 is about one order of magnitude higher than the rate
constant, attributed by Birus et al.,* to the dissociation of the
first ferrioxamine B hydroxamate (3.8 x 102 M~! s~1). This
result might illustrate faster iron dissociation steps from
catecholate-type coordination sites than from hydroxamate sites,
as previously reported.®! All kinetic and spectrophotometric
results are in favor of the loss of the hydroxyquinoline type
bidentate coordination site during the two faster steps of the
dissociation mechanism.

The rate constant k3 = (7.5 £ 0.5) 1072 M~! s~! determined
for the third step (Table 6) is in good agrement with that
determined by Birus et al.% for the acidic dissociation of the
dihydroxamate species of ferrioxamine B ((2.3 £ 0.2) x 1072
M~1s71). The thermodynamic constant K;, = 8 = 4 M~! value
is similar to those determined for the ferric dihydroxamate-ferric
monohydroxamate equilibria of ferrioxamine B% (2.0 M™!) and
of acetohydroxamic complexes®® (1.2 M~!). The extinction
coefficient of the intermediate species I5 at 403 nm (e1, = 1400
=+ 200 M~! cm™!) can be favorably compared with that of the
ferrioxamine B monohydroxamate intermediate* (€456 = 1221
M~!cm™!). By comparing our results to literature data the third
step of our mechanism was attributed to the dissociation of the
first pyoverdin PaA hydroxamate coordination site.

In agreement with previous dissociation kinetic studies carried
out on ferrioxamine B and monohydroxamate ferric com-
plexes,%%657 we propose two dissociation pathways for the final
step of the ferric pyoverdin PaA complex: one proton dependent
step leading to the release of Fe3*, and one, proton independent
step, liberating Fe(OH)?* (Figure 10).

The Fe* release pathway gave a thermodynamic constant
Kre = (1.4 £ 0.6) x 107 or a ratio of the rate constants ks/k—4
= (5 & 3) x 1073 which is similar to the corresponding value
determined for the final dissociation step of ferrioxamine B%
((8 £ 3) x 1075). The rate constant ks = (3.2 + 0.6) x 10™*
M~! 57! determined for pyoverdin PaA is comparable to that
obtained for ferrioxamine B ((5 £ 1) x 1074 M~15~1) by Birus
etal.% The comparison between siderophore monohydroxamate

(87) Xu, J.; Jordan, R. B. Inorg. Chem. 1988, 27, 1502—1507.

(88) Sisley, M. J.; Jordan, R. B. Inorg. Chem. 1991, 30, 2190—2195.

(89) Jordan, R. B.; Xu, J. H. Pure Appl. Chem. 1988, 60, 1205—1208.

(90) Serratrice, G.; Zeghli, A.; Beghin, C. G.; Baret, P.; Pierre, J. L. New.
J. Chem. 1993, 17, 297-307.

(91) Crumbliss, A. L. Coord. Chem. Rev. 1990, 105, 155—-179.

(92) Carrano, C. J.; Cooper, S. R.; Raymond K. N. J. Am. Chem. Soc.
1979, 101, 599—604.
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Figure 10. Formation and dissociation mechanism of ferric pyoverdin PaA complexes.

intermediates and monohydroxamate ferric complexes appears
to be less satisfactory. Bimolecular protons attack on aceto-
monohydroxamate and N-methylacetomonohydroxamate ferric
complexes gives rate constants (6 x 1072 M~! s7! and 2.8 x
1073 M~ s71),5 respectively, which are about two orders of
magnitude higher than those determined for siderophores.
Different steric hindrance, electronic and solvation effects could
be important features which slow down the final step of Fe3*
release for siderophores compared to simple hydroxamic acids.

The proton independent final step takes into account the
participation of an intramolecular proton. The corresponding
first-order rate constant ks could not be determined with
accuracy, but the order of magnitude of the rate constant ks
related to the bimolecular reaction between Fe(OH)?™ and
pyoverdin PaA (k-5 &~ 10> M~! s71) is in agreement with k', =
7.7 x 10°> M~! s7! determined by the formation kinetic study
of the pyoverdin PaA ferric complexes.

Finally, using the thermodynamic constants Kj,, K,, Ki,, and
Kg. (Table 6) which were determined for the dissociation
mechanism of the pyoverdin PaA ferric complexes, we were
able to calculate the thermodynamic constant Kyure = 9 x 1073
M? related to the equilibrium:

LH" + Fe’* = LHFe* + 4H" (19)

The excellent agreement between this result and the same
determination from our thermodynamic data Kyp,re = 7.9 X
1073 M presented earlier in this paper confirms the validity of
the proposed mechanism.

Pyoverdin PaA shows like the linear trihydroxamate sidero-
phore, ferrioxamine B, a step by step dissociation mechanism,
in spite of its “anchored structure” (Figure 1). The fast
formation in acidic conditions of dihydroxamate kinetic inter-
mediates shows the predominant role of the protons in decreas-
ing the stability of the thermodynamic complexes and in creating
more suitable species for an iron(Ill) transport mechanism.
According to the microreversibility principle, the initial forma-
tion step of the ferric pyoverdin PaA corresponds to the final
dissociation step involving the terminal hydroxamate coordina-
tion site. This step will be followed by faster folding pro-
cesses of the flexible siderophore around the ferric cation (Figure
10).

In conclusion, our results have shown that pyoverdin PaA,
like desferriferrioxamine B, is a strong and selective iron(III)
chelator. The thermodynamic stability of these two ligands is
not due to their rigidity, but to the nature of their coordination
sites. These properties provide fast formation mechanisms and
a reduction potential which is accessible to physiological
reductants. Our complete physico-chemical study of iron
pyoverdin PaA coordination properties has pointed out important
features of a biological transport mechanism, a fast and selective
uptake of iron(IIT) and the efficient participation to the release
mechanism inside the cell of more labile protonated or ferrous
pyoverdin PaA species.

Supplementary Material Available: Rate constants (Tables S1 and
$2) and reduction potentials (Table S3) (3 pages). Ordering information
is given on any current masthead page.



