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Abstract; Thermodynamic and kinetic studies were performed to investigate the complexation of aqueous high-spin iron(11})
by six bidentate hydroxamic acids, R;C(O)N(OH)R; (Ry = CH3 or C¢Hs and R, = H, CH3, or C¢H5s) in acid medium. Both
complex formation and dissociation (aquation) reactions were investigated over the temperature and [H*] ranges of 2-50 °C
and 0.025-1.1 M, respectively. Complexation occurs by coordination of both oxygen atoms of the ligand to the iron(I11) center,
with concomitant loss of a proton yielding 1:1 complexes of the type [Fe(R{C(O)N(O)R3)(H,0)4]?*. The thermodynamic
driving force for complex formation (Qy for path 1) is an increase in entropy, with the enthalpy of formation actually opposing
complex formation. The AS® values are essentially constant and AH;® values correlate with the variations in overall thermo-
dynamic stability. Complex stability was found to parallel systematic variations in the electron donor or acceptor ability of the
R, and R, substituents (as defined by o+) with R; showing the major effect. Kinetic studies were performed in two ways: as
a second-order complex formation process going to equilibrium (kexp™™ = ko' + ky'/[H*]) and as a relaxation process (ke,(pret
= ko + ku/[H*] + k [H*]) caused by rapidly increasing the [H*]. Both methods gave equivalent results which were inter-
preted on the basis of a parallel path mechanism involving substitution on Fe(H;0)¢3* and Fe(H20)sOH?2* by the undisso-
ciated hydroxamic acid (HA): Fe(H20)¢3* + HA = Fe(A)(H0)42* + H* (ky, k-1) (path 1); Fe(H,0)sOH2+ + HA =
Fe(A)(H20)42* (ka, k-2) (path 2). The reaction path involving Fe(H20)¢3* and A~yq can be excluded based on experimental
evidence. Most of the reaction occurs via path 2 over the [H*] range investigated. The magnitudes of the rate constants indi-
cate that ring closure is not rate determining in either path. Activation parameters for complex formation via both paths show
competing effects in AH¥ and AS¥ (isokinetic relationship) which is reflected in only small variations in the observed forma-
tion rate constants. Isokinetic behavior is also exhibited by both complex dissociation paths. The variations in complex aqua-
tion rates at 25 °C via path 2 (which is independent of [H*]) are controlled by variations in AS¥_,, These variations in AS¥_,
show the same trends with changes in R} and R, as that found for the overall thermodynamic stability (Qy) of the complexes.
In contrast, variations in aquation rates via path | at 25 °C are controlled by variations in AH¥_{, which correlate with ligand
acid strength(pK,). These results for complex aquation are interpreted on the basis of a two-path mechanism involving a com-
mon intermediate (singly bonded ligand) which can undergo further spontaneous bond cleavage (path 2), or acquire a Ht,q
(depending upon [H*] and ligand basicity) and then aquate (path 1). In both paths, variations in thermodynamic stability are
reflected in the variations in the aquation rates. The major influence of R, is attributed to its direct influence in stabilizing posi-
tive charge density on nitrogen which thereby enhances the degree of delocalization of the lone pair of electrons on nitrogen
into the carbonyl function. LFERs suggest that this in turn stabilizes the ground state (AH°) and destabilizes the transition
state (AS¥_,). Hence, the aquation studies indicate the presence of some degree of associative character during complex for-
mation. Although the rate constants for complex formation via either path do not vary widely, the associated activation param-
eters do and are also consistent with some associative character in complex formation with Fe(H,0)sOHZ* as well as with
Fe(H,0)¢3*. It is also concluded that stabilization of positive charge density on nitrogen in any way increases the acidity of
the free ligand, while only stabilization of the resonance form corresponding to nitrogen lone pair delocalization into the car-
bony! function stabilizes the monohydroxamatoiron(111) complex—both thermodynamically and kinetically.

Introduction

Hydroxamic acids are weak organic acids! with a wide
variety of applications including use as commercial flotation
reagents in extractive metallurgy, inhibitors for copper cor-
rosion, antifungal agents, pharmaceuticals, food additives, and
in nuclear fuel processing. One of the characteristics of hy-
droxamic acids is their ability to form stable transition metal
complexes,2 which forms the basis for their usefulness as an-
alytical reagents.? The deep purple or red color of hydroxam-
atoiron(I1T) complexes serves as a fairly specific qualitative
test for hydroxamic acids.

Some naturally occurring hydroxamic acids serve as iron-
(I1I) specific chelators. These compounds are called sidero-
phores and are involved in microbial iron transport. Thetr
specific function is to solubilize iron from the environment and
transport it to the cell.*-8 The specificity of hydroxamate sid-
erophores for chelating iron(III) among the physiologically
important metal ions, and their high complex formation con-
stants, has led to investigations of their use as therapeutic
agents for the treatment of iron overload in humans caused by
B-thalassemia major. Deferriferrioxamine B is currently used
for this purpose® !0 and rhodotorulic acid has undergone pre-
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liminary clinical trials.'* In addition to siderophores with hy-
droxamate structures, synthetic mono- and dihydroxamic acids
have been tested for their efficacy in removing excess iron from
hypertransfused mice.!2!3 At the other extreme of iron im-
balance, tris(acetohydroxamato)iron(I1I) has been used to
treat iron deficiency in anemic rats.!4
Several X-ray structural reports of iron(II11) complexes with
synthetic!® and naturally occurringt¢-1° hydroxamic acids are
available which show that the hydroxamate ion binds toiron-
(III) to form a five-membered chelate ring. Throughout this
report the shorthand notation shown in I will be used, where
AWE
7N\
0(1 O,
-
R, R,

I
Ry, O; and R;, O; represent the organic substituent and oxy-
gen atom bonded to the C and N atoms, respectively.
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Hydroxamatoiron(I111) complexes characteristically have
very high formation constants (log 33 ~ 3029). Although it has
often been stated in the literature that hydroxamic acids
(synthetic and natural) exhibit an unusual selectivity for
high-spin iron(I1I), the available data?? indicate that hy-
droxamic acids have a high affinity for spherically symmetric
3+ ions in general. The variations in thermodynamic stability
among these complexes can readily be rationalized on the basis
of the charge to radius ratio of the metal ion alone. Therefore,
a more correct statement would be that hydroxamic acids ex-
hibit a high specificity for tron(I11) over other biologically
tmportant metal ions, since these other ions are mainly in the
2+ oxidation state. However, hydroxamate complexes of
spherically symmetric 3+ metal ions do show a significant
cnhancement in thermodynamic stability over that for the
typical carboxylate and aminocarboxylate ligands of equal
denticity.?® Therefore, it is of interest to determine which
feature(s) of the hydroxamate functional group cause this
observed enhanced thermodynamic stability, Of particular
interest are the high-spin ferric systems, since these are related
to the biologically important iron(III) chelating agents or
siderophores.

Despite an active interest in the determination of stability
constants for hydroxamate complexes of iron(I11) from a
number of laboratories,3#29-24 there are no temperature-
dependence studies and very little kinetic data available.
Iron(111) complex formation rate constants for deferrifer-
rtoxamine B?® and four synthetic monohydroxamic acids?®
have been obtained, and kinetic data for removal of iron(I11)
from tris(acetohydroxamato)iron(III) by transferrin has been
reported.'* No aquation rate data are available for hydroxa-
matoiron(111) complexes, and in fact there is a scarcity of ki-
netic data available for iron(I11) complex aquation reactions
with a series of related ligands of any type.?”-?® Hydroxamic
acids are excellent ligands for use in probing the mechanism
of ligand substitution at an iron(II1) center. Their iron(111)
complexes are stable with respect to low pH, air oxidation,
room light, and internal oxidation-reduction. The ligands
themselves may be readily synthesized and afford a wide range
of independent steric and electronic effects.

To aid in developing a better understanding of the enhanced
thermodynamic stability of hydroxamatoiron(I1l) complexes
and of the mechanism of substitution processes on high-spin
iron(I11) in general, we wish to report here on the complex
formation constants, kinetics of formation and aquation, and
associated temperature dependencies for a series of six related
monohydroxamatoiron(I1I) complexes where Ry = CH3 or
C(,Hj and Rz = H, CH3, or C6H5.29

Experimental Section

Materials, lron(111) perchlorate (G. F. Smith) was recrystallized
twice from dilute perchloric acid before use. Sodium perchlorate was
prepared by neutralization of NasCOj (Fisher, ACS certified) by
HCIOy4 (Fisher, ACS reagent), and was recrystallized from water
prior to use. Potassium dichromate (MCB, ACS reagent) was re-
crystallized from water prior to use. All solutions were prepared using
water which was purified by distilling conductivity water from acidic
K>Cr,07, and then slowly from basic KMnOy in an all-glass apparatus
with Teflon sleeves and stopcocks. CH3C(O)N(OH)H, C¢HsC(O)-
N(OH)H, and C¢HsC(O)N(OH)CgHs were purchased from East-
man Chemical Co., recrystallized twice from ethyl acetate, and dried
in vacuo. C¢HsC(O)N(OH)CH;, CH;C(O)N(OH)CHj;, and
CH3C(O)N(OH)C4Hs were prepared as described in the litera-
ture.3-32 The purity of these compounds was checked by elemental
(C, H, N) analysis (M-H-W Laboratories, Phoenix, Ariz.), melting
point, 'TH NMR and iR spectra, and equivalent weights obtained from
pH titrations.

Methods, Preparatton of Solutions, Care was taken in the prepa-
ration and manipulation of iron(111) solutions in order to prevent
extensive hydrolysis which would otherwise be expected to complicate
equilibrium and kinetic measurements.33 We have used the results
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of previous comprehensive studies to determine the extent and influ-
ence of iron(111) hydrolysis at various acidities, iron(111) concentra-
tions, temperatures, and ionic strengths.34-3¢ All of our studies were
performed at conditions such that the only aqueous iron(i11) species
present to a significant extent were Fe(H>0)3* and Fe(H,0)sOH?+
and the maximum concentration of the latter was never more than 2%
of the total amount of iron(I11). Stock aqueous iron(111) solutions were
prepared with [Fe(111)] ~ 0.1 M and [HCIO4] ~ 0.1 M .37 The stock
iron(111) solutions were standardized by titration with a standard
solution of triply recrystallized K,Cr»O-7 after reduction with stannous
ion according to established procedures.?® The acidity of the stock
iron(111) solutions ([HCIO4] ~ 0.1 M) was determined.by passing
an aliquot through a Dowex 50W-X8 20-50 mesh cation exchange
resin in the acid form. The liberated H*,q ion was titrated with
standardized NaOH to the phenolphthalein end point and corrections
were made for the iron(111) present. All determinations were made
in triplicate.

Reagent iron(I11) solutions were prepared by dilution of the stock
solution with aqueous HCIO,4/NaClO, (adding the acid first) so that
[Fe(11)] < 1073 M, [HCIO4] = 0.03-0.8 M and [NaClO,] such that
the total jonic strength was 0.8 M. After dilution, at least 2 h is needed,
and 3 h was allowed, for these solutions to reach equilibrium (relative
to any hydrolysis products which were present in the more concen-
1rated stock solution).

Stock NaClOy solutions, used to maintain constant ionic strength,
were standardized by passing an aliquot through a Dowex S0W-X8
20-50 mesh cation exchange column in the acid form and titrating
the liberated H* to the phenolphthalein end point.

Reagent hydroxamic acid (HA) ligand solutions ((HA] < 1073 M,
[HCIO4] = 0.03-0.8 M,/ = 0.8 M (NaClO,)) were used immediately
alier preparation. Kinetic experiments using a particular solution were
completed in less than 3 h. At these conditions ligand hydrolysis was
negligible.

Reagent monohydroxamatoiron(111) complex solutions (< 1073
M) were carefully prepared (by weight) to contain equimolar amounts
of iron(111) and ligand (£0.2%) at pH 2 (adding the acid first). After
initial equilibration (~3 h) these solutions were used immediately,
with a series of kinetic runs never lasting longer than 24 h. Separate
spectral studies indicated these solutions to be stable at room tem-
perature up to 4 days at pH 2. Solutions | day old and exposed to
varying degrees of fluorescent room light showed the same spectral
and kinetic behavior as fresh solutions. Complex solutions maintained
at 50 °C for 15 h showed the same kinetic behavior as solutions stored
for the same time at room temperature. When necessary, reagent
solutions were stored overnight in a refrigerator.

The absorption maxima, Apax, and molar absorptivities, €, for the
monohydroxamatoiron(lil) complexes were determined from mole-
ratio experiments at the conditions of excess iron(I111) ([Fe(111)}/
[HA] from 30 to 120), 0.1 M HCIOq, and 2.0 M ionic strength
(NaClOy). The Apax and e values for each of the complexes under
investigation are listed below. The molar absorptivities and associated
uncertainties were calculated from three to seven absorbance readings
obtained using a Beckman Acta i1 recording double beam spectro-
photometer equipped with a jacketed cell holder maintained at 25.0
°C: [Fe(CH3C(O)N(O)H)(H,0)4]2%, 500 nm, 871 (7) M~tem~};
[Fe(C¢HsC(O)N(O)H)(H0)4]2+, 515 nm, 1296 (15) M~} em™},
[Fe(CH3C(O)N(O)CeH5)(H20)4]2%, 505 nm, 1192 (10) M~ em™};
[Fe(CeH:sC(O)N(O)CeHs)(H20)4]2%, 515 nm, 1301 (8) M~!em™};
[Fe(CH3C(O)N(O)CH3)(H20).4]2+, 510 nm, 1066 (7) M~} cm™;
[Fe(CeHsC(O)N(O)CH3)(H,0)4]2+, 508 nm, 696 (11) M~
cm™l,

Equilibrium Measurements, The determination of hydroxamic acid
ligand pK, values as a function of temperature is described else-
where.3? Data for monohydroxamatoiron(l11) complex formation
quotient calculations were obtained in two ways. In one method static
measurements were made at 25.0 °C at a fixed [H*] (0.1 M) and a
variable [Fe(111)]/[HA] ratio (0.3-120) which corresponds to be-
tween 10 and 100% complex formation. These measurements were
made in the region from 350 to 800 nm for each complex using a
Beckman Acta 111 spectrophotometer equipped with a water-jacketed
cell holder. For the other method, infinite time absorbance readings
were taken from kinetic experiments where the [Fe(I111)]/[HA] ratio
was fixed ([Fe(111)] = [HA] = 1073 M) and the [H*] varied over the
range from 0.025 to 1.05 M. In these determinations the stopped-flow
spectrophotometer absorbance readings were checked against the
Beckman Acta i1l recording double beam spectrophotometer. These
data were collected over the temperature range from 0 to 50 °C and
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were used to compute AH® and AS° values for complex forma-
tion.

Kinetic Measurements, An Aminco stopped-flow apparatus,
employing a Beckman DU monochromator, was used for all of the
kinetic measurements. Two methods of data collection were used. In
carlier experiments oscilloscope tracings of photomultiplier output
voltage as a function of time were recorded on Polaroid film. Repro-
ducibility was checked by flowing the reactants together several times
using the same time base and visually determining if the oscilloscope
tracings were exactly superimposed. Once this condition was satisfied,
three to five sets of data were collected at different sweep times. This
process yielded from 20 to 55 data points per each observed rate
constant, Voltage-time data were measured from the Polaroid pho-
tographs and the data analyzed using a Texas Instruments SR-52
programmable calculator and a DEC Model PDP 8/f computer. Later
experiments utilized a digital data acquisition system developed by
interfacing the Aminco instrument to a Cybertech LP-12 12-bit mi-
crocomputer, Data were collected on paper tape which was then read
by a DEC Model PDP 8/f minicomputer for data analysis. Asin the
experiments using Polaroid film, data were collected only when the
oscilloscope tracings were exactly superimposable. This process yielded
from 40 to 55 data points per each observed rate constant. Several
experiments were run using both data acquisition systems to ensure
that there were no hidden artifacts associated with the method of data
acquisition. Kinetic data were collected at the Ap.x value for ecach of
the monohydroxamatoiron(!11) complexes.

Temperature control was maintained with the use of a Forma
Scientific Model 2095 constant-temperature bath over a range of
approximately 0-55 °C. Temperature control precision was +£0.05
°C over most of this range. The temperatures at which kinetic ex-
periments were performed were obtained by measuring the temper-
ature of the circulating liquid immediately after it exited from the
syringe block of the stopped-flow apparatus. The reported tempera-
tures are an average of 6-12 readings taken throughout a given ex-
periment at a particular temperature. The maximum temperature
difference between the bath and the spectrophotometer was +2 °C
at 50 °Cand —2°Cat0°C.

Formation kinetics were studied by flowing together an acidic re-
agent iron(l11) solution (typically [Fe(111)] < 1073 M, [HCIO4] =
0.03-0.8 M, | = 0.8 M (NaClO4/HCIO4)) with an acidic solution of
the ligand (typically ([HA] < 1073 M, [HCIO,] = 0.03-0.8 M, | =
0.8 M (NaClOy)). Relaxation kinetics were studied by flowing to-
gether a monohydroxamatoiron(I11) complex solution (typically
[Fe(I11)] = [HA] < 10™% M, [HCIO4] = 0.0l M, | = 20 M
(NaCl04/HCI04)), with a solution of increased acid concentration
(typically [HCIO4] = 0.05-2.1 M, 1 = 2.0 M (NaCl0;/HCI0,)).
Each experimental rate constant reported in the Results section rep-
resents 30-60 (normally 50) data points from 3 to 6 (normally 6)
separate stopped-flow injections.

Results

Complex Stoichiometry. Spectral data collected over the
wavelength range from 420 to 800 nm show a single Amax and
€max for the [Fe(I11)]/[HA] ratios studied up to 120:1.37 The
shape and position of this absorption band remain constant and
its absorptivity reaches a maximum at [Fe(III)]/[HA] =~ 20:1,
for [H*] = 0.1 M and 25 °C. Spectral changes in the 350-
420-nm region can be included in this analysis once allowance
for the hydrolysis of the excess iron(I11) present is made. A
representative plot for the N-methylacetohydroxamic acid
system is shown in Figure 1.

We have used matrix methods3? to analyze spectral data for
the number of absorbing species over the wavelength region
from 350 to 800 nm at [Fe(11I)]/[HA] ratios from 0.03 to 120
and [H*] from 0.01 to 1.0 M. These data establish that only
one absorbing species exists at our conditions for all of the six
hydroxamic acid-iron(I11) systems investigated. Therefore,
if one makes the reasonable assumption that when [Fe-
(I11)]/[HA] = 120 only the 1:1 complex, FeAZ*, is present,
then the single absorbing species over the entire [Fe(Il1)]/
[HA] and [H*] range investigated must be FeA2*. This as-
signment was verified by assuming the formation of FeAZ+,
and then calculating e, for various [Fe(I111)]/[HA] values
for comparison with the observed absorbance. The excellent

6205
1200~
- S —C Q——C)——-:—
A
1000 | h//’—»
800 F /
s ;.
s 600
W
400
200
L 1 1 [ { S ) 1
1o 40 80 120

[Fel(slll)]/ [:11]”

Figure 1, Apparent molar absorptivity (=Abs./Co where Abs, = equi-
librium absorbance and C,, = total concentration of HA) plotted as a
function of [Fe(111)]/[HA] ratio for the case where HA = CH3C(O)-
N(OH)CH3;. Conditions: A 510 nm; 25.0 (0.1) °C; [H*] =0.10 M./ =
1.10 M (HC104/NaClOy); [HA] = 2.934 X 107% M. ¢ for FeA2* calcu-
lated from data in the region where [Fe(111)]/[HA] > 20 is 1066 (7) em™!
M~} O for FeA2+ calculated from absorbance data in the region from
15 to 85% of the maximum absorbance is 316 (39). Solid line computed
assuming 1:1 complex stoichiometry using an average Qr value obtained
from all data where [Fe(111)]/[HA] < 20.

agreement between calculated and observed values shown in
Figure | for the N-methylacetohydroxamic acid-iron(111)
system is representative of that found for all six hydroxamic
acids investigated and indicates that at our conditions only a
i:1 complex is formed. As required, similar calculations as-
suming a 1:2 or 2:1 complex as the sole absorbing species
provided poor agreement between calculated €,p, and the ob-
served absorbance in all cases. In addition, consistent with this
assignment the data for all six hydroxamic acid systems yield
linear plots of a rearranged form of the equilibrium expression
(see eq 3 below) corresponding to the formation of a 1:1 com-
plex. Literature data for aceto- and benzohydroxamic acid also
suggest that the monohydroxamatoiron(III) complexes should
be the only complexes formed at our conditions.?!

Additional characterization of the iron(III) complex formed
in the case of N-methylbenzohydroxamic acid was obtained
by the method of continuous variations,*? The absorbance vs.
mole fraction plots exhibited a maximum at 0.5 (£2%) mole
fraction, indicating that the absorbing species contains hy-
droxamic acid and iron(III) in a 1:1 ratio.

Equilibrium Studies, Acid dissociation constants, pK,, and
the associated temperature dependencies were determined for
all six hydroxamic acids as described elsewhere3? using con-
ditions identical with the complexation studies. These results
are shown in Table I. While the pK, values vary systematically
with the R| and R substituents, they fall in the approximate
range from 8 to 9, and the hydroxamic acids are therefore
undissociated at the conditions of our complexation studies.
The reaction of interest in our investigation is the formation
of the monohydroxamatoiron(III) complex from hexaa-
quoiron(III) and free hydroxamic acid ligand:

Fe(H;0)63* + R{C(O)N(OH)R,
H,0
= Fe(RC(O)N(O)R,)(H;0),2* + H*, + 2H,0 (1)

Since this investigation was carried out at conditions such that
the bis and tris complexes were not formed and hence
[Fe(R{C(O)N(O)R,)(H20)4]?* was the only absorbing
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Table I, Thermodynamic Data for Monohydroxamatoiron(i11) Complex Formation

R;C(O)N(OH)R; AHP,C AS©®,¢ 10-10 Q(’,d AH(o’," AS°’,¢
R, R, pK,@ Or? keal/mol eu M-! kecal/mol eu
CH; H 9.02(0.02) 109(6) 2.3(0.2) 16(1) 8.57 =2.1(0.8) 43(3)
CeHs H 8.50(0.01) 172(7) 2.6(0.1) 18.8(0.2) 4,78 —-2.9(0.4) 39(DH)
CH;3; CeHs 8.34(0.02) 225(9) 1.3(0.1) 15.6(0.4) 6.01 =9.1(1.1) 19(4)
CeHs CeHs 7.98(0.01) 266(295) 1.1(0.1) 14,7(0.1) 2.55 —-6.5(0.2) 26(1)
CHj CH; 8.65(0.3) 316(39) 0.6(0.1) 14.6(0.5) 233 —-0.5(0.5) 50(2)
CeHs CH; 7.87(0.05) 549(22) 1.0(0.2) 16.7(0.8) 6.28 -2.9(0.9) 40(3)

@ From ref 32. # Formation quotient for reaction | calculated according to eq 2. Values listed represent an uverage of seven to ten determinations
at different [Fe(111)]/[HA] ratios. Qr values were found to be independent of A (350-800 nm). For greater precision reported constants were
calculated from data obtained at Apux. 7= 25.0°C, 7 = 1.10 M (NaClO4/HCIO,). « AH® and AS® for reaction | calculated from Qrdata
obtained from eq 3 over the following temperature ranges (R, R2, Trange): CH3, H, 2.5-51.3 °C; C¢Hs, H, 2.0-50.4 °C; CH;3, C¢Hs, 25.0-51.3
°C; C¢Hs, CeHs, 15.3-50.3 °C; CH3, CH3, 14.8-49.3 °C; CgHs, CH3, 13.8-45.7 °C. Values listed represent an average of 15-20 determinations
at each of 3-6 (normally 4) temperatures. / = 2,00 M (NaClOs/HCIO,). ¢ Formation quotient for non-experimentally-accessible reaction
8 calculated according to Q¢ = Qr/K, at 25 °C; see text. © AH°" and AS(°’ for non-experimentally-accessible reaction 8 calculated from
AH°, AS° for reaction 1. AH,°, AS,° for reaction 7 obtained from ref 32,

species in solution, the equilibrium quotient, Qr, for reaction
1 was calculated in the usual way from the equation

Or = [FeA2+][HT]
T [Fe**][HA]

(For clarity, HA and A~ represent the hydroxamic acid and
hydroxamate anion, respectively, and coordinated H,O is
omitted.) The various quantities in eq 2 were determined as
follows: [FeAZ*] = Abs/e at the A, value for each complex;
[Fe3*] = [Fe(IID)]io, = [FeA2*]; [HA] = [HA] o — [FeAZ*].
[H*] was in large excess and was calculated from the known
acidities of the reagents.

Equilibrium quotients, O, for reaction 1 were calculated
from data such as is shown in Figure 1 using the [Fe(111)]/
[HA] ratios where complex formation was between 15 and
85% complete, and eq 2. The results of these experiments
performed at 25.0 °C are listed in Table I. Values obtained for
acetohydroxamic acid and benzohydroxamic acid show good
agreement with literature values when corrections are made
for differing conditions.?t

Enthalpy (AH°) and entropy (AS°®) changes associated
with complex formation were calculated from equilibrium
[FeA2*] concentrations determined over a 40 °C temperature
range. These data were obtained from kinetic experiments
(described below and in the Experimental Section). The ex-
perimental conditions allowed Qr to be calculated at each
temperature according to the equation

Ci _ ([H-'.]/Absc)t/2 (3)
Abse  (eQp'/2

where Cioy = [Fe(I11)]1o1 = [HA ], and Abs, = total absorb-
ance at equilibrium, Qr was obtained from the slope of a plot
of Cio1/ Abse vs, ([H*]/Abs.)!/2, using a value for e obtained
from mole-ratio plots described above.*! These results, in the
form of AH° and AS:°® values for reaction 1, are listed in
Table I,

The Qs values obtained in this study show a systematic trend
when Rt and R are varied. Increasing Qr values follow the
order R, = H < C¢Hs < CHj (primary effect) and Ry = CH3
< C¢Hs for each R; (secondary effect).

Kinetics. Second-Order Complex Formation Studies. The
rate of complex formation was studied directly for the aceto-,
benzo-, and N-phenylbenzohydroxamic acid systems. Complex
formation rate constants were obtained for all six ligands from
relaxation experiments described below.

Complex formation was treated as a second-order process
approaching equilibrium. Taking into consideration the hy-
drolysis of Fe(H,0)s** and the hydroxamic acid dissociation
equilibrium, the simplest mechanism to consider is presented
in Scheme A (coordinated H,O is omitted for clarity). The

(2)

+1/€

Scheme A
path? FeOH* + HA == FeA®* kfho. Q) (4
+H'”-H’ K, (5
path1 Fe'* + HA == FeA* + H' h/k_.Q  (6)
—ne [t K, )
path3 Fe'* + A~ == FeA’ kifkoy @ ()

integrated rate equation for Scheme A (eq 9) can be derived
for this mechanism assuming that the proton-transfer equi-
libria (eq 5 and 7) are rapid, and by imposing the experimental
condition that [HA],w = [Fe(I1l)};or = Cioi. Complex for-
mation kinetic data for aceto-, benzo-, and N-phenylben-
zohydroxamic acid are adequately described by eq 9 over the
extent of reaction studied (at least 5-6 half-lives), the [H*]
range from 0.03 to 0.8 M, and at 0.4 and 0,8 M ionic strength.
As an additional check on the validity of eq 9, kcxpform values
computed using this equation were inserted into the simple
second-order rate law for nonreversible reactions and were
found to correctly predict the observed initial rates for complex
formation.

1. [2c[FeA>*]+b-d\ 1 [b—d
-1 = - - for
a" 2c[FeA2+]+b+d) i (b+d)+k°”’ "o

d= (b2 - 4ac)'/? (10)

2= Cole (1)

b= —(2Cuc + [H*]/ Q1) (12)

¢ = (1 +Ky/[H*])? (13)
kexp™ =k + (k2Kn + k3K,)/[H] (14)

The experimental second-order rate constants, kaxpf"”", for
complex formation obtained from a linear least-squares fit of
the data to eq 9 are listed in Table II for aceto-, benzo-, and
N-phenylbenzohydroxamic acid.*? Figure 2 is a representative
plot of kexp/o™™ vs. [H*]~! according to eq 14 for the reaction
of iron(III) with N-phenylbenzohydroxamic acid. k| values
obtained from the intercepts of similar plots are listed in Table
I11. Note that the justification for assigning a nonzero intercept
(i.e., k1 > 0) to plots such as shown in Figure 2 is that an
acid-dependent aquation path (k_t) is readily apparent from
aquation studies (see below). The principle of microscopic
reversibility then requires a k| path to be operative. In addition,
the results from aquation studies allow for the calculation of
k1 independently, and the calculated and experimental values
compare favorably,

According to eq 14, the slope of the plot in Figure 2 may be
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Table I1i. Kinctic Parameters Corresponding to Scheme A
R,C(O)- ki,  AH*e 1073k, AH,*b 10%_y,c  AH*_ycd 10% 5, AH*_y0d
N(OH)R,  M='s™!  kel/ AS*,e  M™'s! keal/ AS*,6 M~!s keul/ AS*_,cd g keal/  AS*_,cd
R, R (25.0°C) mol cu (25.0°C) mol (25.0°C) mol cu (25.0°C) mol cu
CH; H 1.2(0.8)/ 9.2 —-24 2.0(0.3)<S 4.8(0.4)0S =27(1)eSf 92(1} 6.9(0.3) —40(1) 82(1) 17.8(0.2) =3.5(1)
1191k 76(0.8)%
Ce¢Hs H 4.4(3.8)/ 14.5 =7 4.3(0.4)S 8.6(0.3)c —13(1)S 34(0.5) 12.1(0.5) —25(2) 29(0.5) 16.1(0.3) =t
43(1)2  16.4(0.2)¢ =10(1)¢
CH; C¢Hs 2.1¢ 15.3 -6 1.3(0.6)¢ 6.9(1.7)¢ =21(1)c 9.0(0.1) 14.0(0.6) =21(3 8.2(0.1) 17.9(0.2) =8(1)
Ce¢Hs CeHs 1(1) 14.5 -9 2.3(0.1)¢S 7.7(0.4)cS  —18(1)S 6.9(0.1) 13.5(0.3) —=24(1) 11(0.1) 16.0(0.1) —14(1)
15(0.1)8 15.6(0.1)¢ —15(1)8
CH; CH; 2.1¢ 11.9 -17 1.2¢ 7.5(0.7)¢ —=19(1)¢ 5.2(0.1) 11.3(0.2) =31(1) 4.8(0.1) 15.6(0.2) =17(1)
Cg¢Hs CH; 1.4¢ 16.5 -2 0.67(0.03)¢ 6.6(0.1)¢ =23(1)c 2.8(0.1) 15.5(0.5) —-19(2) 2.7(0.1) 13.6(0.5) —24(3)

@ Activation parameters for complex formation via path | calculated from AH*. . AS*_,, AH®, and AS°. » Measured over the following temperature ranges (R,
R, Trange): CH3 H, 2.5-51.3 °C: CHs, H, 2.0-50.4 °C; CH3, CHss, 25.0-51.3 °C: C¢Hs, C¢Hs, 15.3-50.3 °C; CH3, CHj, 14.8-49.3 °C; C¢Hs, CH3, 13.8-45.7 °C.
1 =2.00M (NaClOs/HClO4) (first two systems also at / = 0.41 M and fourth system also at 0.81 M). ¢ Calculated from results of relaxation studies, kexp™, listed in Tables
V-X1using eq 1942/ = 2.00 M (NaClO4/HClIO4). 4 Measured over the following temperature ranges (R, Ry, Trange): CH3, H, 15.6-45.7 °C, C¢Hs. H, 16.5-50.8 °C;
CHj, CeHs, 25.0-51.3 °C: CgHs, CgHss. 14.3-54.1 °C: CH3, CH3, 14.8-49.3 °C; C¢Hs. CH3, 13.8-45.7 °C. /= 2.00 M (NaClO4/HC104). ¢ Calculated from the expression
ky = Qck—y. I = 2.00 M (NaClO4/HCl04). / Calculated from results of studies of kinetics of formation, kexp/™, listed in Tables 11 and 1V using eq 1442/ = 0.81 M
(NaClO4/HClO4). & Calculated from kinctic data obtained at constant [H*] (Tablc X1) using eq 18 and formation rate data for k3 and activation parameters for k.42
[ = 0.81 M (NaClO4/HC104). # Each value represents a k—y (k—) value determined independently from two separate sets of 20 independent determinations of kexp™
over the [H*] range 0.01-1.0 M for the CH3;C(O)N(OH)H system. The agreement between values is a measure of the absolute reproducibility of the system. The number
in brackets is a mcasurc of the precision of a particular data sct. ! Calculated from dctivation parameters.
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Figure 2, k exp™™ plotted as a function of (H*]~!according to eq 14 for

[Fe(CeHsC(O)N(O)CgHs)(H20)4)2+ complex formation at 25 °C. See
Table 11 for data and conditions.42

interpreted according to path 2 and/or path 3 of Scheme A.
This ambiguity may be eliminated in the following way. For
example, in the case of benzohydroxamic acid, the slope of this
plotis 6.7 s~!, If we assume that only path 3 is operative (i.e.,
k2K~ 0), then k3K, = 6.75~! (eq 14). Since the acid disso-
ciation constant, K, obtained at conditions identical with those
of the kinetic studies is 1.3 X 10~% M,32 then k3 must be 5.2
X 10° M~!s~!, This is much too high a value for substitution
at an aqueous iron(IIT) center. Similar unreasonably high
values were obtained for the other ligands when path 3 was
assumed to be operative. Alternatively, based on the known
reactivity of Fe(H,0)s3" and Fe(H,0)sOH?2*, reasonable
values can be assumed for k3 (~10! M~! s~!) and k; (~103
M~!s71),27 This approach yields k,K},/k3K, ~ 108 using 10~3
M for K,3* and 10~=° M for K,.32 Therefore path 3 can make
only an insignificant contribution to the total rate of complex
formation at our conditions. The k» values listed in Table 111
for aceto-, benzo-, and N-phenylbenzohydroxamic acid were
obtained from the slope of the kg™ vs. [H*]~! plots as-
suming that path 3 was not operative and using literature data
for Kp.*3 During the course of our investigation a paper ap-
peared which reported a value corresponding to k; for ace-
tohydroxamic acid which is in reasonable agreement with our
results for this ligand.26

The experimental second-order rate constants, kexpf"”", for
complex formation were also determined over the temperature
range from 2 to 50 °C for aceto- and benzohydroxamic acid
and from 15 to 50 °C for N-phenylbenzohydroxamic acid.
These kexp®™ values were obtained from linear least-squares
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Figure 3, Temperature dependenee for [Fe(CeHsC(O)N(O)H)(H20)4]3*
complex formation and dissociation. A In k2/T vs. 1/ T. k2 computed using
data from Table IVandeq 15.0,Ink-/Tvs. 1 /T. k-, computed using
data from Table Vl and eq 19. @, In k—2/T vs | /T. k > computed using
data from Table Viandeq 19. O In k—2/ T vs. 1/T. k-2 computed using
data from Table X1 and eq 18.42

fits of the data to eq 9. Data were collected at a constant [H¥]
such that the ky term in eq 14 is negligible and k5 can be cal-
culated from eq 15. The kexp™™ values listed in Table 1V42
were obtained in this way and were used along with literature
data for K;,%3 to calculate k, at each temperature. Activation
parameters (AH¥, and AS¥,) were obtained from plots of In
(k2/T) vs, 1/T such as shown in Figure 3 for benzohydroxamic
acid, and are listed in Table III.

kexpform = szh/[H+] (15)

Kinetics. Relaxation Studies. Relaxation kinetic studies were
carried out by rapidly increasing the [H*] of an iron(I1I)-
hydroxamic acid complex solution (where [Fe(Ill)}io1 =
[HA] o) from 0.01 to 0,025-1.05 M. This results in the mea-
surement of a first-order rate constant, kaxpm‘, which corre-
sponds to the relaxation to a new equilibrium position. Tables
V-X are a compilation of first-order relaxation rate constants
obtained as a function of [H*] at various temperatures from
0 to 50 °C for all six iron(I11)~hydroxamic acid systems.?
Figure 4 is a representative plot of these data at 25 °C for



6208

S*l

rel

k exp

4 6

W] ™
Figure 4, Plot of kep™ vs. [H*] for the [Fe(CH3C(O)N(O)H)(H20)4]%*
system at 25 °C. See Table V for data and conditions.42 Each data point
represents an average of six independent determinations of kexp™", standard

deviations are smaller than the data point size. The solid line represents
a least-squares fit of the data toeq 16 and 18.

[Fe(CH3;C(O)N(O)H)(H,0)4]2*. The solid line represents
a least squares fit of the experimental data to a three-parameter
equation

kexp™ = a + + c[H*] (16)

[H*]
A good fit of eq 16 to the relaxation rate constants was obtained
for all six hydroxamic acid ligands over the temperature range
investigated. A two-parameter equation which would provide
a good fit to all of the data could not be found for any of the six
hydroxamic acids.

When the reaction mechanism shown in Scheme A is treated
as a relaxation process at the conditions where [Fe(1I1)]io =
[HAlior = Cioy, then the equation

kcxprel = 2kt(Ctot - [FCA2+]C) + k—2 + k—3

+ (2k2Kn + 2k3K3)(Cin — [FCA2+]a)
[H*]

for the relaxation rate constant, ke, may be derived. The

equilibrium complex concentration, [FeA2*]., was determined

from Abs./e. Using k values obtained from formation kinetic

studies it can be shown that 2k;(Cys — [FeA2"].) is small

compared to all other terms in eq 17. Since k3 and k—3 can be
assumed to be zero as discussed above, eq 17 simplifies to

2k2Kn(Cior = [FeA2%]e)
[H*]

+ k_¢[H*] (17)

kexpret =k_;+

+ k—y [H+]

(18)

This equation is of the same form as the empirical eq 16, where
a=k_s, b=2kKp(Cioy — [FeA?*].), and ¢ = k_1.** Values
for the rate constants k—1, k—», and k» (Table III) were ob-
tained from a least-squares fit of the data to eq 18 rearranged
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as shown in the equation

kcxprcl[H+] = 2k,Kn(Coy — [FeAZ+],)
+k-o[H*] + k_([H*]> (19)

These values for k_{, k-, and k> were then substituted into
eq 18 and found to adequately fit the observed ko' values,
as shown in Figure 4 for [Fe(CH3;C(O)N(O)H)(H,0)4]?*.

A total of 450 k., values (each representing an average
of six determinations) were obtained for all six monohydrox-
amatoiron(I1I) complexes at various [H*] and temperatures
from 0 to 50 °C (see Tables V-X).42 Each microscopic rate
constant was determined from 15 to 20 kaxprCt values at a given
temperature. Activation parameters (AH¥, AS¥) were ob-
tained from relaxation experiments by plotting each of the
derived rate constants (k, k—t,and k—>) asIn (k/T) vs. 1/T.
See Figure 3 for a representative plot of In (k/T) vs. 1/ T for
[Fe(C¢HsC(O)N(O)H)(H,0)4]2". Activation parameters
for complex formation via path 1 (AH¥;, AS¥;) were calcu-
lated from the corresponding aquation parameters (AH¥_y,
AS¥*_)) and thermodynamic parameters (AH°, AS(°). These
activation parameters are also listed in Table II1.

As a check on the activation parameters derived from the
experiments described above, these parameters were redeter-
mined for benzo- and N-phenylbenzohydroxamic acid using
constant [H*] and variable temperature (see Table XI).42 k_,
values were then computed from eq 18 by using the activation
parameters determined at variable [H*] to correct kyp"! for
the effects of the k, and k—; terms. The activation parameters
for k_, determined in this manner are in very good agreement
(Table III) with those determined from the [H*] and tem-
perature-dependence studies described above. As a further test
of internal consistency, microscopic rate constants, kj, k_t,
and k_,, computed from activation parameters were compared
with the corresponding constants calculated from km,ral values
obtained at 25 °C. Excellent agreement was found in all
cases.

Data also included in Tables 11-XI show that kinetic pa-
rameters for complex formation and dissociation are not sen-
sitive to ionic strength changes over the range from0.4t02.0
M.42

Discussion

Equilibrium Studies. Hydroxamic acid dissociation constant
values, pK, and the associated temperature dependencies are
available at the same experimental conditions as the iron(I1I)
complex formation constant results.3? These pK, values exhibit
a systematic variation with the R| and R, substituents (Table
I). Since stabilization of the negative charge on Oz in the hy-
droxamate ion is possible only through induction, the delo-
calization of the lone pair of electrons on N to provide a formal
positive charge adjacent to the negative charge on O; is of
importance in determining acid strength. This delocalization
may be influenced by the inductive and/or resonance effects
of the carbonyl function, Ry, and R;.32

Monohydroxamatoiron(III) complex thermodynamic sta-
bility follows a definite trend as the Ry and R substituents are
systematically varied (Table I). However, this trend is not the
same as that found for the pK, values, since in this case R;
shows the major influence on Q. Our results indicate that the
driving force for complex formation (eq 1) is due to the entropy
change alone (i.e., AH® > 0), which is nearly constant for all
six systems (17 eu + 10%), and which clearly reflects the
chelate effect. The enthalpy changes, although small, represent
13-46% of the TAS® term at 25 °C and correlate with the
variations in In Qs (slope = —1.1 £ 0.4 kcal/mol). This result
is supported by the fact that a plot of AH(® vs. AS(® is linear
(R = 0.91) with an isothermal temperature of 380 (17) K,
indicating that at the conditions of our experiments (2-50 °C)
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the variations in monohydroxamatoiron(III) complex sta-
bilities are due to variations in AH°.

Path 3 in Scheme I was eliminated as an experimentally
accessible path on the basis of our kinetic results (see above).
However, the availability of pK, data32 at identical conditions
with our complex formation equilibrium data allows the
equilibrium quotient, Qf, for the hypothetical reaction shown
in reaction 8 to be calculated. The corresponding enthalpy
(AH®') and entropy (ASt®’) values may also be computed
from the temperature dependence of Qrand K,.32 These data
are listed in Table I and show that complexation of Fe-
(H,0)¢** by the anions of the hydroxamic acids studied is
exothermic, with large positive entropy changes. This is con-
sistent with strong chelate bond formation and charge neu-
tralization. Unfortunately, relevant thermodynamic param-
eters for Feaq3™ chelation are not available in the literature for
comparison.

The influence of R| and R on the affinity of the hydroxa-
mate ion for Fe(H,0)¢" relative to H*,q is illustrated in
Figure 5, where the equilibrium quotient for reaction 8 (Qy)
has been plotted as a function of the equilibrium quotient for
the reverse of reaction 7 (K,~!). The slope of 0.5 indicates that
as the proton basicity of the hydroxamate ion increases so does
its affinity for Feaq”, but that variations in Ry and R, have
a greater influence on A(AG,°) than on A(AG°’). The rela-
tive magnitudes of Q¢ and K, ! indicate that the hydroxamate
ion has a greater affinity for Fe,q®* than H*,q. This is pre-
sumably due to the higher positive charge on Feyq** and the
chelate effect. It is significant that the two hydroxamates which
lie above the line in Figure 5 are those cases where R, = CH;.
That is, when Ry = CHj the hydroxamate ion has a higher
affinity for Feaq3* than one would expect based on their pK,
values.

The results of the equilibrium studies can be interpreted on
the basis of resonance forms I1 and III for the monohydroxa-
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matoiron(I111) complex. (Positive and negative signs represent
formal charges in the hydroxamate ion.) Increasing inductive
electron donor strength of R, should enhance the relative
contribution of resonance form III and thereby increase Qs
(reaction 1). The delocalization of the N atom lone pair of
electrons results in an increase in negative charge density on
Oy, which would be expected to enhance the iron(11I)-carbonyl
oxygen bond strength (Fe-O).

The consideration of resonance forms II and III allows us
to rationalize the relative ordering of the Q¢ values in Table I
with changes in R; substituents.*® Q¢ values change in regular
intervals as expected from changes in o™ parameters for the
R, substituents.4® This is consistent with a contribution from
resonance form IlI, since o+ parameters reflect both resonance
and inductive effects on the stabilization of a positive charge
delocalized in a 7 system.*’

A buildup of negative charge density on O; when R, = CH;
does not correspondingly enhance the hydroxamate ion’s af-
finity for H* (in aqueous solution), since protonation occurs
at O,. As a result the two data points for R, = CHj appear
above the line shown in Figure 5. Inductive R, stabilization of
the free hydroxamate ion would have a proportional influence
on both equilibria shown in eq 7 and 8.
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Figure 5, Plot of In Q¢ vs. In K7} at 25 °C using results from Table | and
defining Q¢ and K,™! as shown in eq 8 and 7. Symbols represent the six
hydroxamic acid ligands investigated, R{C(O)N(OH)R,: 0, Ry = CH3,
Ry =H:;0,R; = C¢Hs, R, = H; A, Ry = CH3, Ry = C¢Hs; ¢, Ry
CeHs, Ry = CgHs; 3¢, Ry = CHj3, Ry = CH3; v, Ry = C¢Hs, Ry
CHs.

In summary, stabilization of the positive charge density on
N in any way increases the stability of the hydroxamate ion
and therefore the acidity of the hydroxamic acid. However,
variations in monohydroxamatoiron(I11) complex stabilities
are influenced only by stabilization of the formal positive
charge on N through resonance form III. This form is strongly
influenced by the electron donor ability of Ry (including both
resonance and inductive effects as measured by o).

Kinetics and Mechanism. Reaction Scheme A shows three
parallel paths to products. Path 3 was eliminated as a possi-
bility for all six ligands on the basis of the magnitude of the
forward rate constant and the ligand pK, values. Thus the
systems reported here represent one of the few cases for Fe,q®*
substitution reactions with weak acid ligands in which an un-
ambiguous assignment of the [H*] dependence is possi-
ble.26:28.48-50 Qur thermodynamic and kinetic data, along with
published data for Fe(H;0O)g¢3* hydrolysis, are internally
consistent in that AG ™ values for the aquation reaction paths
obtained from direct kinetic measurements compare favorably
with AG¥ values computed indirectly (see Table XII). This
good agreement is strong evidence which further substantiates
paths | and 2 shown in Scheme A.

Having established the validity of a parallel path mecha-
nism, we will now consider the details of each reaction path.
Rate constants at 25 °C for the forward reaction paths (k| and
k,, Table IIT) are comparable in magnitude to literature values
for uncharged monodentate ligands reacting with Fe(H,0)¢**
and Fe(H,0)s(OH)2+.27 This suggests that ring closure in the
reactions reported here is rapid relative to initial bond for-
mation.

The small magnitude of k| and the high reactivity of
Fe(H,0)sOH2* prevented the direct determination of &y as
a function of temperature at our conditions and using our
methods. Activation parameters were directly obtained,
however, for k. The isokinetic plot shown in Figure 6A dem-
onstrates that all six ligands studied react via a common
mechanism in path 2.8 Inclusion of activation parameters for
water exchange on Fe(H;0)sOH?2™ in Figure 6A suggest that
the net activation processes in water exchange are similar to
those involved during complexation of Fe(H20)sOH?2* by the
monohydroxamic acids studied.>!:5?
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Table XII, Comparison of Calculated and Observed AG* Values

AG*-t“ Aci_lb AG*-Z” AG*-f

R{C(O)N(OH)R;, (exptl), (caled), (exptl), (caled),

Rt R> keal/mol kcal /mol keal/mol keal /mol
CH; H 18.7 20.1 18.9 19.6
CeHs H 19.5 19.6 19.6 19.3
CH; CeHs 20.2 20.3 20.2
CeHs CeHs 20.4 20.7 19.9 19.9
CH; CH; 20.6 20.6 20.3
CeHs CH; 21.0 21.0 20.3

@ Computed from rate constants obtained at 25.0 °C. » Computed from AG¥_{ + AG® = AG*;. < Computed from AG*_, + AG® =

AGH° + AG#,, where AG,® was obtained from the literature.*?
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Ftgure 6, Isokinetie plots. Data taken from Table 111. Symbols represent
the six hydroxamic acid ligands investigated and are defined in the legend
for Figure 5. A: k,, + represents the activation parameters for water ex-
change on Fe(H,0)sOH?%* obtained from ref 53, Tiso = 194 (12) K (ne-
glecting data points for H,0 exchange and CH;C(O)N(OH)H). B: k-3,
Tiso =211 (25) K. C: k—y, Tio = 374 (35) K.
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Figure 7. Plots of In k—; and In k5 vs. =In Qy for the monohydroxama-
toiron(I11) aquation reactions at 25 °C. Rate constants computed using
activation parameters from Table T11; Oy values obtained from Table I.
Symbols represent the six monohydroxamatoiron(ii1) complexes inves-
tigated and are defined in the legend for Figure S. Slopes for the upper and
lower plots are 2.4 (0.4) and 2.2 (0.3), respectively.

Figure 7 is a plot of In k—| and In k—; as a function of —In
Qr. The linearity of these plots shows that the variations in Qr
with the substituents R and R, parallel the corresponding
variations in the aquation rate constants k—; and k. In both
cases these plots exhibit a slope of ca. 2. If one makes the rea-

Ink_,

In k-;

Figure 8, Plot of In k- vs. In k-, for the monohydroxamatoiron(l11)
aquation reactions at 25 °C. Symbols represent the six monohydroxam-
atoiron(111) complexes investigated and are defined in the legend for
Figure 5. Slope = 1.04 (0.09).

sonable assumption that all of these systems in dissociated form
(i.e., Fe(H,0)63* and HA) have approximately the same en-
ergy, then, based on typical reaction coordinate diagram
arguments, this LFER may be interpreted to mean that a
specific pair of R| and R substituents will produce a stabilizing
effect on the ground-state energy of the monohydroxama-
toiron(I11) complex and a destabilizing effect on the transition
state.

Figure 8 shows that there is a linear relationship between
In k- and In k—, with unit slope. The theoretical basis for
relating these quantities has been discussed elsewhere>* and
is usually interpreted to mean that both paths exhibit similar
mechanisms. However, the magnitudes and variations in the
activation parameters for both processes are widely different.
This is best illustrated using isokinetic plots (Figures 6B and
6C). The linearity exhibited by these plots suggests that all six
monohydroxamatoiron(III) complexes undergo aquation via
the same mechanism.*® However, the widely different isoki-
netic temperatures for aquation via paths 1 and 2 show that
at 25 °C variations in k_, are controlled by changes in AH¥_|
and variations in k_» are controlled by changes in AS¥_,. The
AH¥* and AS¥ ranges for aquation via paths 1 and 2 also differ
significantly. Consistent with transition-state theory, the iso-
thermal temperature, 380 (17) K, compares very well with the
isokinetic temperature for aquation via path 1, 374 (35) K.
These activation parameters form the basis for the following
discussion of the details of the stepwise processes which make
up paths | and 2.
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At 25 °C the AH¥_, makes the major contribution to the
free energy of activation for the acid-independent aquation
path, However, the variations in In k_, with substituents Ry
and R show a positive correlation with variations in AS¥_,,
For constant AH¥_5 values, transition-state theory predicts
that AS¥_, will be linearly related to In k—; with slope = R.
This is borne out using values for AS¥_; and In k_> (from
Table I11) for which AH¥_, is constant, The results are con-
sistent for all six systems in that the ions which deviate from
the line in a plot of In k—3 vs. AS¥_, do so in the manner pre-
dicted based on their AH¥_, values. Therefore, the observed
variations in k—» are due to variations in AS¥_, (with a small
additional but not totally constant contribution from AH¥_5).
Since In k—; and In @ form a LFER, the variations in AS*F_,
show the same dependence on the substituents Ry and R; as
does Qr.3% This observation, coupled with the correlation be-
tween Qr and AH°, shows again that the same variations in
R; and R, influence the energy of both the ground state
(AH°) and the transition state (AS¥_,). The variations in
monohydroxamatoiron(111) complex bond enthalpy (AH°)
have been discussed above in terms of ability of Ry and R; to
affect the extent of delocalization of the lone pair of electrons
on the N atom (see resonance forms II and III), This same
electron pair delocalization argument may be used to ratio-
nalize the variations in AS¥_,, since the rigidity of the ligand
should increase with increasing C-N double bond character.4
As was observed in the equilibrium (Qy) results, the kinetic
parameters (In k_,, AS¥_,) correlate well with the o* pa-
rameter for R».% Thus the delocalization of the N atom lone
pair of electrons into the carbonyl functionality is important
in stabilizing the complex both kinetically and thermody-
namically. The results shown in Figure 5 where the ligands
with Ry = CH3 lie above the line are then also rationalized in
terms of the influence of the electron-donating CH3 group on
AS*_,, and hence the kinetics of aquation.5*

Reaction Scheme B represents the intermediates and tran-
sition state which may occur along the reaction coordinate for
path 2. Structure BII represents the half-bonded form, which
during complex formation undergoes rapid ring closure to form
BI. The cyclic structure shown in BII and the transition-state
structure corresponding to the rate-determining process, BIII,
are consistent with the negative values for AS¥_,. Variations
in the rigidity of this seven-membered ring, and hence the
variations in AS¥_,, with changes in R; and R, may be caused
by varying degrees of delocalization of the lone pair of electrons
on N into the carbonyl functionality as noted above. As a

consequence of our consideration of the mechanism for the
acid-independent aquation reaction, initial bond formation in
the complexation reaction is required to occur at the carbonyl
oxygen (Oy).

Our activation and rate parameters for the forward and
reverse reaction allow us to tentatively conclude that the pri-
mary substitution process at Fe(H,0)sOH?* may be asso-
ciative, rather than dissociative, in character, The strongest
point in this regard is that the energy of the transition state for
aquation in path 2 is variable and follows a systematic trend
with variations in the Ry and R, substituents. This conclusion
is based on Figure 7 where a plot of In k_; vs. —In Qrexhibits
a slope of ca. 2, which suggests that the hydroxamic acid plays
some role in determining the transition state free energy (see
above). This assignment is strongly supported by the fact that
the factors which cause the variations in the ground-state
energies of these complexes and the variations in the energies
of the transition states are very different (i.e,, AH;° and
AS*_,). Additional support for associative character in
complex formation via reaction with Fe(H,0)sOHZ™ is the
relatively large negative values for AS¥,,5?

This associative character could arise as a result of one or
both of the following: partial Fe-O, bond formation in the
transition state (BIII) (i.e., an I, process’’), or from a H-
bonding interaction which might occur in a preequilibrium step
(BIV) and/or transition state (BIII).28:58 The existence of a
species such as BIV is not expected to produce a correlation
between ligand pK, and k3 or the associated activation pa-
rameters, owing to the following compensating effects. The
formation of BIV should increase k; by increasing the con-
centration of the encounter complex. However, this may be
offset by the H-bonding interaction in BIV which would me-
diate the labilizing influence of the coordinated OH™ on the
H,O leaving group. These compensating effects may be a
contributing factor to the observed small variation in k; values
with entering ligand.

Comparison of k, data with data for water exchange on
Fe(H,0)sOH?* also suggests, but does not prove, that there
may be some associative character for path 2. If one assumes
a value of 0,3 M~! 3 for an outer-sphere association constant
for Fe(H,0)sOH2* and R;C(O)N(OH)R>, and a solvation
number of 10 for Fe(H,0)sOH?2*, then one can correct our
experimental k values by the ratio 10/0.3 in order to calculate
a first-order water exchange rate constant at 25 °C, First-order
water exchange rate constants calculated in this way range
from 20 to 140 X 103 s~!, which exceeds the published values
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Figure 9. Plot of activation parameters (AH¥ _, and AS¥_}) for the mo-
nohydroxamatoiron(111) complex acid dependent aquation path (path 1)
vs. hydroxamic acid pK, values at 25 °C. Symbols represent the six nio-
nohydroxamatoiron(111) complexes investigated and are defined in the
legend for Figure 5.

of 10-20 X 10° s~! for water exchange on Fe(H,0)sOH?* at
25 °C and therefore suggests some associative character for
path 2.27:33

The results discussed above seem to suggest that there is an
associative character to complexation of Fe(H,0)sOH?* by
the hydroxamic acids studied. This tentative conclusion is
based in some cases on small variations in parameters. How-
ever, these conclusions appear to be valid since trends are re-
producible and were observed in several parameters obtained
from both the forward and reverse reactions when Ry and R,
were varied. The inclusion of the activation parameters from
the literature®t3 for H,O exchange in the isokinetic plot
shown in Figure 6A suggests the possibility that water ex-
change on Fe(H,0)sOH2* is associative also. Other workers
have observed small variations in complexation rates on
Fe(H,0)sOH?* and have intepreted these results more often
in terms of an 14 mechanism?® than an I, mechanism.*® It may
be that an analysis of the corresponding aquation reactions for
these other systems will suggest an associative character in
some cases. The number of studies involving both complexation
and aquation kinetics for a series of related ligands reacting
with Fe(H,0)sOH?2* is very limited,? preventing comparisons
from being made. Furthermore, the small degree of associative
character observed in the present study for path 2 may be due
to a H-bonding interaction in the transition state rather than
partial Fe-Oy bond formation. In that case the strict criteria
for an I, label have not been met and the associative character
is more a result of a combination of ligands (OH™ and HA)
than metal center and donor atom.

As indicated above, the variations in the rate of the acid-
dependent aquation reaction (path 1) are AH¥ controlled and
the corresponding activation parameters correlate differently
than those for the acid-independent path. The AS*_ values
are large and negative, and make a contribution to In k_y at
25 °C which is comparable to that contribution from AH¥_;.
Variations in Rt and R, produce parallel trends in In Qr and
In k_1. As with path 2, both AS¥_; and AH*_, correlate with
In k_y at 25 °C in a predictable manner according to transi-
tion-state theory. Both AH#*_, and AS¥_, exhibit a good
linear correlation with hydroxamic acid pK, values (Figure
9). An increase in ligand basicity results in a decrease in
AH*_;and AS*_;.

Reaction Scheme B also includes a representation of the
intermediates, and the transition state for the rate-determining
step, which may occur along the reaction coordinate for path
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1. In this case all of the available data can be rationalized using
a simple alteration of the mechanism for path 2 where the
half-bonded intermediate (BI1) is allowed to undergo pro-
tonation. This step is expected to be fast relative to Fe-O; bond
breakage and could occur at either of the two available sites,
O, or N. Protonation of the hydroxamate ligand would cause
the Fe-O¢ bond to weaken due to a concomitant shift in elec-
tron density away from O, toward N, Since O3 is not directly
bonded to the Fe(Ill) center in BII, the ligand would be ex-
pected to behave similarly to the free anion and hence would
explain the good correlation between AH¥_; and AS¥_, with
pK,. Of prime importance in this reaction scheme is the site
of protonation, which may be deduced from further analysis
of the variations in the activation parameters. Based on the
results of the acid-independent aquation reaction (path 2), one
would expect the enthalpy of activation for Fe-O; bond
cleavage to show relatively small changes with R; and R,.
However, for the acid-dependent aquation reaction the en-
thalpy change due to protonation of the hydroxamate ligand
must also be considered. This bond formation contribution
should lower the enthalpy of activation relative to the acid-
independent path. This is consistent with our results in that
AH*_| < H*_;and AH¥_ decreases with increasing ligand
basicity (Figure 9). Protonation at the N atom would eliminate
the resonance delocalization of the lone pair of electrons
(resonance form I11). This would remove electron density from
Ot and weaken the corresponding bond to iron(I1I). This would
manifest itself in a decrease in AH¥_; (relative to the acid-
independent path) by a constant factor, thus preventing
AH*_, and AH*_; from becoming equal in magnitude for the
more acidic ligands. This is contrary to our results. Therefore,
on the basis of this discussion, protonation must occur at O,.
In addition, the correlation of AH*_; with ligand pK, suggests
protonation at O, rather than at N since pK, values are a
measure of the affinity of the O site for a proton.®? Finally,
the more negative values for AS¥_ (relative to AS¥_,) may
arise as a result of bringing together a 1+ and a 2+ species in
forming the transition state (BV).

As was the case in path 2, a consideration of the aquation
reaction for path | requires initial bond formation in the
complexation reaction to occur between iron(I11) and Oy. In
addition, it follows from the proposed mechanism that species
BII represents an intermediate which may undergo dissociation
by either path depending upon pH and ligand basicity.

As with path 2, the LFER between In k_; and —In Q¢ with
a slope ca. 2 suggests that there may be some associative
character for complexation via path 1. This mode of activation
for substitution reactions at Fe(H,0)¢3* has been suggested
for other ligands.48:49.52

Although we were unable to obtain the activation parame-
ters for k| directly, they can be computed from our measured
k_tand Qrvalues (see Table I1I). The results of these calcu-
lations reveal a good isokinetic relationship between AH¥ and
AS¥F| (R = 0.9999) with an isokinetic temperature of 328 (18)
K, which is consistent with the corresponding temperatures for
k_tand Qr. The AH¥*; values computed in this way are larger
than the corresponding AH¥; values, which is consistent with
weaker Fe-OH, bond strengths in Fe(H,0)sOH2* than in
Fe(H,0)63*. The fact that activation entropy changes for
complex formation via both paths (AS¥, and AS¥,) are sim-
ilar is not unexpected in view of the mechanism in Scheme B,
where both steps correspond to similar processes. It is signifi-
cant that variations in AH¥ and AS™* with entering ligand are
similar for complex formatton via paths 1 and 2. Since there
is an increasing acceptance that Fe(H,0)¢3" reacts via an
associative (I;) mechanism,*8:49:52 this similarity makes the
associative assignment to the mechanism for complexation
involving Fe(H,0)sOH?2* all the more reasonable.

Plots of AS¥; and AH™¥| vs. pK, are linear (R = 0.999 97
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and 0.9997, respectively) and appear nearly identical with the
corresponding plots for aquation via path 1 (Figure 9). The
direct correlation between ligand basicity and activation pa-
rameters for k| can also be rationalized in terms of Scheme B
if the reasonable assumption is made that the variations in
basicity of O, in the neutral ligand parallel the variations in
basicity of O3 in the hydroxamate ion. The observed trends in
AH¥ can then be rationalized in terms of species BV in which
the strength of the H bond in the seven-membered ring would
be dependent upon the basicity of protonated O,. This same
argument explains the variations in AS¥ in that the rigidity
of the seven-membered ring would be expected to parallel the
basicity of the ligand.

The observed correlation between AH¥|, AS¥,, and pK,
may also be used to ascertain the extent of O,-H bond cleavage
in the transition state, BV. Since complex formation occurs
fastest for the more basic ligands, this suggests that O»-H bond
cleavage is not important in the rate-determining step. Since
bond cleavage cannot occur before the rate-determining step
in complex formation (i.e., path 1 does not show a dependence
on [H*]), this indicates that the O,-H proton is ionized after
the rate-determining step. Our proposed mechanism is con-
sistent with this result and further suggests the presence of
another intermediate (besides BII) which would lie between
spectes BII and BV in Scheme B. This analysis is supported by
Figure 8. where such a linear relationship between rate con-
stants corresponding to different paths is expected for cases
where the intermediates involved differ only by a proton.5*

At the more basic conditions found in biological systems
(e.g., pH 8 for seawater) an appreciable amount of hydroxa-
mate anion would be present, making complexation of iron by
the anion a significant reaction. Although it may be premature
to apply our results to the siderophores, it is of interest to note
that for the hydroxamic acids reported here complexation by
the anion is greatest (largest Q¢’) for the case where Ry = R,
= alkyl (methyl) (see Table I). This may be compared with the
evolution of the hydroxamate siderophores of the ferrioxamine
class where the hydroxamate functional groups are linked to-
gether by alkyl groups at positions corresponding to Rt and
R,.
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