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The alkylating agent isophosphoramide mustard (IPM) spontaneously forms a relatively stable
aziridine derivative which can be directly observed using NMR spectroscopy. The protonations
of IPM and its aziridine were probed using 'H, 3P, 5N, and 170 NMR spectroscopy. The
positions of the 3P, 15N, and 1’0 resonances of IPM between pH 2 and 10 each exhibit a single
monobasic titration curve with the same pK, of 4.31 £+ 0.02. On the basis of a comparison
with other compounds and our earlier work with phosphoramide mustard, the NMR results
for IPM indicate that protonation occurs at nitrogen and not oxygen. Over this same pH range,
each of the 'H, 3'P and 1°N resonances of IPM—aziridine also show a single monobasic titration
with a pK, of 5.30 % 0.09. The magnitude of the change in chemical shifts suggests that the
protonation of the IPM—aziridine occurs at the ring nitrogen. Theoretical gas-phase calculations
of PM, IPM, and IPM—aziridine suggest O-protonation to be more likely; however, aqueous
phase calculations predict the N-protonated forms to be most stable. Furthermore, for PM
and IPM—aziridine, which contain nonequivalent nitrogens, the theoretical calculations and
experimental data both agree as to which nitrogen undergoes protonation. These results suggest
that the IPM—aziridine remains unprotonated under physiological conditions and may, in part,

explain the lower alkylating activity of IPM as compared to PM.

Introduction

Isophosphoramide mustard (IPM) is a metabolite of
ifosfamide, one of a class of nitrogen mustard bifunc-
tional alkylating agents used in cancer chemotherapy.
Ifosfamide and cyclophosphamide are two of the most
useful alkylating agents in the clinic, and although
structurally related, there are significant differences in
the pharmacokinetics, toxicities, and, perhaps, the
efficacies of the two drugs. Both IPM and its isomer,
phosphoramide mustard (PM), are produced through the
activation of their parent drugs by hepatic microsomal
enzymes. There are differences in the alkylating activi-
ties of IPM and PM;! however, both agents are believed
to act via reactive aziridine/aziridinium intermediates
(Scheme 1) which proceed to form cytotoxic cross-links
between guanosine residues on opposite strands of
DNA.2

This laboratory recently reported detailed studies on
the protonation of PM.3 The experimental data, sup-
ported by theoretical calculations of model compounds,
suggested that protonation of PM (pK, = 4.9) occurs at
the NV position and that the pK, of the N nitrogen
must be below pH 2. In a continuing effort to detail
the chemistry of phosphoramide compounds and to
determine how structure may affect activity, we present
data on the protonation of IPM, a structural isomer of
PM. In both isomers, any of two oxygen and two
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nitrogen atoms are potential protonation sites. As in
the previous study of PM, our results for IPM indicate
that between pH 2 and 10, a single protonation (pK, =
4.3) occurs at a nitrogen atom rather than at an oxygen
atom. For IPM, however, protonation occurs at a
nitrogen which can form the reactive aziridine/aziri-
dinium intermediate. This suggests that this nitrogen
of IPM is more able to stabilize a positive charge than
the N@ of PM (pK, < 2 for N@ of PM). On the basis of
this finding we would predict the aziridine/aziridinium
of IPM to be more stable than the aziridinium of PM,
and in fact, we now report the detection of a relatively
stable IPM—aziridine in solution at physiological pH.
Our theoretical computations show that, in acidic solu-
tion, N-protonated PM and IPM are predicted to be the
most stable forms of PM and IPM. This further
validates our methods used for the theoretical studies.

Results and Discussion

IPM Studies. The chemical shift of the 3P NMR
resonance of IPM was measured as a function of pH at
4°Cin 0.1 M NaCl. The low temperature was used to
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Table 1. 3'P Chemical Shift Changes Due to Protonation
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Table 3. 170 Shifts Due to Protonation

compound A shift® (ppm) pK. reference compound A shift® (ppm) pK. reference
IPM -9.8 4.3 this work IPM -2.1 4.3 this work
IPM-aziridine -13.5 5.2 this work PM 0 nd? 3
PM -14.0 49 3 sodium phosphate —-6.6 nd 7
HeNPO32- —3.26 3.0 3 -12.3
-12.0° 8.3 3 -12.3
ATP (7-P) —4.7 6.6 3

@ Upfield shifts are negative, downfield shifts are positive, with
decreasing pH. ? Reflects O-protonation. ¢ Reflects N-protonation.

Table 2. !N Chemical Shift Changes Due to Protonation

compound A shift® (ppm) pK, reference
IPM 7.6 4.3 this work
IPM-aziridine 3.0(NY 5.3 this work
1.7 (N?)
PM 12.7 (N1) 4.9 3
-0.4 (N%)
HoNPO32~ 1.26 2.8 3
6.3¢ 8.2
dimethylamine 12.9¢ nde 36
diethylamine 3.64 nd 3 -

@ Upfield shift are negative, downfield are positive with decreas-
ing pH. ¢ 15N shift with O-protonation. ¢ 15N shift with N-proto-
nation. ¢ Alkylamine protonation shifts determined in methanol.
¢ Not determined from >N data.

prevent breakdown of IPM in aqueous solutions. The
NaCl was included in order to maintain a constant ionic
strength; in addition it also acts to slow the disappear-
ance of IPM. A single monobasic titration curve can be
fit to the data resulting in the determination of a pK,
of 4.32. This value agrees with that determined previ-
ously (pK, = 4.28 + 0.2 at 20 °C) using similar methods.!
The direction and magnitude of the titration shift (—9.8
ppm, i.e., upfield shift with decreasing pH) is smaller
than that observed for phosphoramide mustard (—14.0
ppm) but much greater than shifts normally observed
for O-protonation of phosphate groups (usually —3 to
—5 ppm; Table 1). Earlier studies from our laboratory
demonstrated that for phosphoramidic acid, HoNPO32~,
which undergoes both N-protonation (pK, = 8.3) and
O-protonation (pK, = 3.0), the magnitude of the pH-
induced titration shift of the 31P resonance is greater
for N- than for O-protonation (Table 1).

Since the phosphorus nucleus is one bond away from
the nitrogens and oxygens, a more direct approach is
to study the nucleus at all the potential site(s) of
protonation; therefore, both 1*Ns-labeled IPM* and 170-
labeled IPM? were prepared. The chemical shift of the
15N NMR resonance of 1*Ny-IPM was determined as a
function of pH at 4 °C. As above, a single monobasic
titration curve with a pK, of 4.31 can be fit to the data.
The pH-induced shift in the 15N resonance is smaller
than the shift previously observed for protonation of the
15N of PM but larger than the shift observed in the
nontitrating nitrogen N® of PM (Table 2). The
magnitude of the change in N chemical shift (Aé =
7.6 ppm) is consistent with the data for protonation of
the nitrogens of secondary amines (Table 2).

The chemical shift of the 70 NMR resonance of 170-
IPM was measured as a function of pH at 4 °C. Due to
the broad resonances inherent in the spectrum of
nonsymmetrical quadrupolar nuclei observed by NMR,
the peak position could not be determined with the
accuracy of the 31P and 15N resonances but curve fitting
yields a similar pK, value (Table 3). The monocbasic
titration curve with a pK, of 4.29 and titration shift of

@ Upfield shifts are negative, downfield shifts are positive with
decreasing pH. ® Not determined from the 170 data.

—2.1 ppm can be fit to the data. The 170 NMR spectrum
of 170-IPM shows a single, symmetrical broad resonance
throughout the pH range studied. Previous studies of
170-PM showed changes in the peak shape but not in
the position of the 170 resonance with pH. The —2.1
ppm shift is smaller than would be expected if IPM
underwent O-protonation. Normally O-protonation re-
sults in upfield shifts of the 170 resonance of at least 6
ppm with a decrease in pH (Table 3).

The 31P, 15N, and 170 data are all consistent with
N-protonation of IPM. The average pK, of 4.31 + 0.02
for IPM indicates that the nitrogens of IPM can stabilize
a positive charge to a greater extent than the N@
nitrogen of PM (pK, < 2).2 These results suggest that
an aziridine/aziridinium of IPM may be more stable
than the aziridinium of PM. For PM, previous NMR
studies could not detect an aziridinium intermediate.!
The following sections show that the IPM—aziridine can
be readily detected in solution by NMR spectroscopy.

IPM-Aziridine Studies. The preceding studies
were performed at 4 °C to slow breakdown of IPM. At
37 °C, in 50 mM phosphate-buffered DO, pD 6.9,
breakdown of the unlabeled drug follows first-order
kinetics with a half-life of 75 + 3 min (n = 3) which
was determined using 1TH NMR. This value agrees with
earlier 3P NMR studies! but is longer than that found
in another study (f12 = 46 min).¢ In the latter study,
Zheng et al.® measured drug breakdown by an HPLC-
based method which may explain the shorter half-life
observed. A previous study of phosphoramide mustard
breakdown by this same laboratory showed a shorter
half-life determined using this HPLC method compared
to the half-life measured by the same group using 3!'P
NMR/’

We monitored breakdown of IPM using 'H NMR
spectroscopy. In the 'H NMR spectrum, the loss of
resonance intensity at 3.15 ppm due to the parent drug
NCHj; group is concomitant with an increase in intensity
of resonances at 3.23 ppm (doublet of triplets) and 1.9
ppm (doublet) (Figure 1). The relative integrated
intensity of these new resonances is 2:4, respectively.
The position, multiplicity, and intensity of these reso-
nances are consistent with their assignment to the
protons of IPM—aziridine. The resonance at 3.23 ppm
is similar in position and multiplicity to the resonance
(NCH)3y) of the parent drug and can be assigned to the
a-methylene protons of the chloroethylamine moiety of
the IPM —aziridine (protons labeled d in Scheme 1). The
resonance for the S-protons of the chloroethylene moiety
of the IPM—aziridine (protons labeled e in Scheme 1)
has essentially the same chemical shift (3.6 ppm) as the
B-protons of the chloroethylene moiety of IPM (protons
labeled a in Scheme 1). The presence of these reso-
nances beneath the protons of the starting material can
be detected by subtraction of the spectra (data not
shown). The overall resonance intensity at 3.6 ppm does
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Figure 1. The 500.13 MHz 'H NMR spectrum of IPM and
IPM-aziridine in 50 mM phosphate, D;0O, pD 6.9. The
methylene proton assignments are shown and correspond to
the labels (@—e) in Scheme 1.

not change with aziridine formation. The upfield dou-
blet at 1.9 ppm is due to the equivalent protons of a
rapidly inverting aziridine ring (protons labeled ¢ in
Scheme 1) split by the heteronuclear scalar coupling to
the phosphorus nucleus GJ(*H—31P) = 13.9 Hz). With-
out the scalar coupling to the phosphorus, the ring
protons would appear as a singlet. We confirmed this
by preparing aziridine (ethylenimine) and recording the
ITH NMR spectrum under identical conditions and find-
ing that the ring protons appear as a singlet at 2.6 ppm.
Hindered inversion of the ring nitrogen in IPM-—
aziridine would lead to a more complex 'H NMR
spectrum due to the nonequivalence of the ring protons
on a tetrahedrally substituted nitrogen atom. For
example, the aziridinium ring protons of mechloreth-
amine exhibit a more complex AA’'BB’ coupling pattern
in the 'H NMR spectrum.?® The appearance of the ring
proton resonances as a sharp doublet suggests that the
ring nitrogen for IPM—aziridine is not protonated at
physiological pH.

Once sufficient aziridine had formed, typically ~25%
of the reaction in 30 min, the sample was cooled to slow
further breakdown. It should be noted, however, that
even at 4 °C, IPM—aziridine does undergo a slow
decomposition as evidenced by the appearance of other
small resonances in the NMR spectra. The shift in
resonance position of the ring protons was measured as
a function of pH and a curve fit of the data results in
the determination of a pK, = 5.4 for the IPM—aziridine
(Figure 2). The 'H NMR resonances of the ring protons
shift downfield 0.9 ppm with decreasing pH. This
titration shift is larger than the shift observed for the
NCH; protons of IPM (titration shift of 0.25 ppm). The
ring protons remain as a doublet throughout the pH
range shown in Figure 2; however, the resonances
broaden and the heteronuclear scalar coupling changes
at low pH (GJ(*H-3'P) = 5.8 Hz at pH 1.6) until the
resonance broadens beyond detectability (pH 0.7). Al-
though the AA'BB’ pattern typical of an aziridinium was
not present at pH 1.6, the broadening of the doublet may
indicate that the exchange rate of the proton(s) on NV
of IPM—aziridine changes. Further broadening at pH
0.7 suggests that, below this pH, proton exchange rates
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Figure 2. The 'H NMR chemical shifts of IPM (squares) and
IPM—aziridine (circles) as a function of pH at 4 °C. For IPM,

pK. = 4.25 £ 0.05; as determined from the ring protons “c” of
IPM—aziridine, pK. = 5.39 + 0.02.

may be sufficiently slow to produce the expected cou-
pling pattern of the aziridinium ion.

In the 3'P NMR spectrum, incubation of IPM (6 = 11.4
ppm) at 37 °C results in the appearance of a resonance
at 15.4 ppm (pH 7.0). In the nondecoupled 3P NMR
spectrum, this resonance appears as a complex multip-
let. Selective irradiation at the aziridine ring proton
resonance frequency during acquisition of the free
induction decay changes this multiplicity to a triplet
proving that the 1P NMR resonance at 15.4 ppm is due
to the IPM—aziridine. Titration of the sample at low
temperature results in the data shown in Table 1. The
pK. of 5.22 obtained from the 3P NMR data is consis-
tent with that obtained for the IPM—aziridine by 'H
NMR spectroscopy. The magnitude of the 3P NMR
shift (—13.5 ppm) is larger than that observed for the
parent drug. Both shifts, however, suggest that N-
protonation occurs in each case (Table 1).

Formation of IPM—aziridine from 15Ny-IPM was fol-
lowed by 1H, 3'P, and 1N NMR. Initially, the proton-
decoupled 3P NMR spectrum of ¥Ns-IPM is a well-
resolved triplet (11.4 ppm) due to heteronuclear coupling
between the phosphorus and the two equivalent 1°N-
labeled nitrogens (}J(3!P—-15N) = 29.0 Hz (pH 6.9);
Figure 3a). With aziridine formation, these nitrogens
are now nonequivalent, resulting in the appearance of
a doublet of doublets in the 3'P NMR spectrum centered
at 15.4 ppm (see inset Figure 3a). The phosphorus
nucleus of ®Ny-IPM—aziridine shows heteronuclear
scalar coupling to two nonequivalent 1°N-labeled nitro-
gens (}J(IP-15N) = 29.0, 12.1 Hz). The coupling
constants can be assigned to specific phosphorus—
nitrogen interactions after analysis of the 3N NMR
spectra.

The 5N NMR spectra of 1°No-IPM and its aziridine
are shown in Figure 3b,c. The spectra shown were
acquired from a solution at pH 9.1 in order to easily
distinguish small coupling constants. Asthe pH of the
solution approaches the pK,s of both IPM and IPM-
aziridine, the spectra broaden, obscuring some of the
scalar couplings. In the proton-decoupled N NMR
spectrum (pH 9.1), the resonance of 1N3-IPM appears
as a doublet due to the heteronuclear scalar coupling
to the phosphorus. As aziridine is formed, two reso-
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Figure 3. (a) The 202.5 MHz 3P NMR spectrum of !5N,-IPM
and 1¥N,-IPM —aziridine in HyO (5% D;0), pH 6.9, 4 °C. The
inset to this spectrum shows an approximately 4-fold expan-
sion of the 3N-IPM—aziridine resonances. The 50.7 MHz 1°N
NMR spectrum of N-IPM and N-IPM—aziridine with (b)
and without (¢) broadband proton decoupling in H;O (5% D;0)
at pH 9.1, 4 °C.

nances appear in addition to that of 15N,-IPM (Figure
3b). One resonance with the larger coupling constant
(29.0 Hz) appears at 25.2 ppm, just upfield of the 15N
resonance of IPM at 26.9 ppm. Located further upfield
of these resonances is another resonance at 2.2 ppm
with the smaller (12.1 Hz at pH 6.5; 13.7 Hz at pH 9.1)
coupling constant (at pH 9.1 and using the parameters
to acquire Figure 3b, the resonance at 2.2 ppm is of very
low intensity which may be due to a long longitudinal
relaxation time and/or unfavorable Overhauser effects).
In the proton-coupled 5N NMR spectrum of this sample
at pH 9.1 (Figure 3c), the 15N3-IPM resonance and the
resonance at 25.2 ppm show large scalar couplings to
protons (AJ(AH-15N) = 80.5, 81.0 Hz, respectively); the
upfield 13N resonance at 2.2 ppm shows a much smaller
proton coupling (<2 Hz) which is not directly measur-
able in the 1N NMR spectrum but results in a broaden-
ing of the resonances. Both the 25.2 and 2.2 ppm
resonances show a 2.9 Hz coupling from the two-bond
15N—15N scalar interaction due to the nonequivalence
of the two nitrogens in IPM—aziridine.

In order to assign these 15N resonances, selective 15N
decoupling was used during observation of the '<H NMR
spectrum. Selective decoupling at the 5N resonance at
2.2 ppm during acquisition of the *H NMR spectrum
resulted in disappearance of the heteronuclear H—15N
scalar coupling causing an increase in the intensity of
the ring proton resonances at 1.9 ppm (data not shown).
The 15N resonances at 2.2 and 25.2 ppm can, therefore,
be assigned to the ring and chloroethylamine nitrogens,
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respectively. The chemical shifts of these resonances
as a function of pH were obtained at low temperature.
Curve fitting of the data yields a pK, of 5.29 with a
titration shift of 3.0 ppm for the ring nitrogen (N’ and
a pK, of 5.29 and titration shift of 1.7 ppm for the N
(Table 2). The greater magnitude of the pH-induced
shift of the ring nitrogen 15N resonance suggests that
this is the nitrogen being protonated. This protonation
at N results in a smaller shift in the resonance of the
nontitrating N® nitrogen of IPM—aziridine.

The 3P data for IPM—aziridine (Table 1) suggests
N-protonation occurs. The 15N data for 3No-IPM—
aziridine (Table 2) suggests that the ring nitrogen is
most likely the site of this protonation. The magnitude
of the pH-induced chemical shifts in the 'H NMR
spectrum of the ring protons (Figure 2) also implicates
N® ag the protonation site. The failure to see a change
in the multiplicity of the 'H NMR spectrum of ring
protons at low pH implies that proton exchange and ring
inversion are still rapid for the IPM—aziridinium. The
observed broadening of these resonances with decreas-
ing pH may indicate changes in the proton-exchange
and ring-inversion rates. The observation of a large
scalar coupling (at pH 9.1) between protons and !N in
the 15N NMR resonances of 5Ny-IPM and the 15N®@ of
15No-IPM—aziridine indicates that these nitrogens con-
tain one proton.

The fitted titration curves for IPM and IPM—aziridine
showing the change in 31P, 15N, and 170 chemical shifts
as a function of pH are contained in the supplementary
material.

Theoretical Studies. Previous studies suggested
that the differences in the alkylation rate between PM,
IPM, and other analogs are due to differences in electron
density at the nitrogens.1'® We have, therefore, per-
formed ab initio quantum chemical calculations on
protonated forms of PM, IPM, and IPM—aziridine and
compared these results with our experimental data. In
a previous study, theoretical calculations predicted that
O-protonated forms of some small phosphoramide model
compounds were more stable than their N-protonated
counterparts in the gas phase. However, using a
polarizable continuum model to mimic the effect of
aqueous solvation, the N-protonated forms, in many
cases, were predicted to be more stable.3

The different protonated forms of PM, IPM, and
IPM—aziridine are shown in Figure 4. The structures
were optimized at the self-consistent field (SCF) level
of theory using the 6-31G* basis set. Selected bond
lengths and of the optimized structures are listed in
Table 4. (The complete internal coordinate Z matrices
for these structures are provided in the supplementary
material.) Different conformations of the floppy chlo-
roethyl “arms” of the nitrogen mustard groups lead to
nearly degenerate ground state structures for IPM and
PM. This folding creates slightly asymmetric chemical
environments for the stereochemically identical moieties
such as the oxygens in IPM. As a result, these groups
exhibit slightly different bond lengths and charge densi-
ties.

The data in Table 4 reveal some unique features of
the complex bonding structure of the phosphoramide
center in the gas phase. The bonding of phosphorus to
nitrogen and other first-row elements has long been
described in terms of p, to d orbital backbonding;
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Table 4. Selected Bond Lengths (A) and Angles (deg) of the Structures in Figure 4

Millis et al.

b structure
ond length
or angle la 1b lc 1d 2a 2b 2¢ 2d 2e 3a 3b 3c 3d 3e 3f
P-N? 1650 1826 1.729 1928 1658 1.884 1674 1739 1795 1.654 1604 1.816 1721 1.653 1.929
P-N! 1668 1.612 1712 1.660 1.644 1656 1905 1.702 1611 1656 1859 1620 1718 1.955 1.662
P-02 1599 1569 1479 1457 1602 1458 1459 1.477 1573 1.601 1565 1.569 1480 1.454 1.458
P-03 1.453 1.438 1.480 1.456 1.460 1.461 1458 1.480 1.439 1459 1437 1439 1480 1.454 1.458
c-Cl 1.794 1775 1818 1.792 1795 1.797 1.789 1827 1.778 1.795 1778 1775 1.825 1795 1.793
c-Cl 1.790 1773 1.822 1.789 1793 1.777 1776 1.825 1.795 1.791
HoooH ﬁ f y A The ipteraction with a polar s9lvent can be expectefi
N Vam . AN - VA H‘,N—r;—N\/\CI to modify these structures. Using the continuum di-
w° W W electric solvent model it is possible to calculate the
1a 2a 3a solvent-induced force on the atoms and estimate the
resulting change in equilibrium bond lengths. For
H O H HQ oM HO o gwitterionic PM (3e),_the strongest of these solvent
C|/\/N—2—h|4(/\c| [)g—z—N\/\m H:W—Z—Nv\m induced forces act to increase the bond length of the
wo H . A phosphorus—oxygen bonds; essentially acting to pull the
1b 2b 3b negatively charged oxygens into the solvent. The
predicted magnitude of these forces are approximately
H E y H He A~ 0.06 Hartree/Bohr, large enough to cause significant
e Van L WA [)N—}’—ql\*/\c. ), |—h|'\/\c| elongation in the bond length. The effects of solvation
o . H 0 on these structures will be investigated in detail in a
1c 2¢ 3c later paper.
Using the optimized geometries, the gas-phase second-
H H o H M E A~C order (MP2) Mgller—Plesset perturbation theory ener-
TR VARENVA DN—T—N\/\C. N 6—"‘\/\ o gies as well as the (Hartree—Fock) HF vibrational zero
. o point energies (ZPE) were calculated (Table 5). The
1d 2d 3d expected error bars for gas-phase thermodynamic prop-
erties are not characterized as well as those for the
b9 K i § A~C structural properties; however, investigations of similar
D’E'T'N\/\m TN~ classes of compounds suggest that the relative MP2
w° H O energies should be accurate to within a few kcal/mol.15
2e 3e The components of the aqueous solvation energy and
‘ the total aqueous free energy also are given in Table 5.
He E s A Gelec lists the electrostatic free energy of solvation. The
AN 6—2\/\()' cavitation term, Gy, is the energy required to form a
3; “solute-sized” cavity in the water and should be similar

Figure 4. Protonated forms of IPM, IPM—aziridine, and PM.

however, more recent studies by Reed and Schleyer!!
have shown that this interaction is more properly
described in terms of “negative hyperconjugation”. For
a phosphoramide, XsPN, the P—N negative hypercon-
jugation involves overlap between nitrogen p, orbitals
and the P—X o¢*-antibonding orbitals. In each case,
protonating a nitrogen inhibits the nitrogen lone pair
from participating in the negative hyperconjugation
yielding a much longer P—N “single” bond length of
1.82—1.96 A (structures 1b, 1d, 3b, 3c, 3e, and 3f,
Figure 4) as compared to shorter bond lengths of 1.65—
1.73 A (3a, 3d, 1a, 1¢) when the nitrogen lone pairs are
available for negative hyperconjugation. Similarly,
deprotonating the hydroxyl group allows oxygen p, to
phosphorus negative hyperconjugation yielding nearly
equivalent P—O bond lengths of ~1.48 A.

Unfortunately, no experimental structural data is
available for IPM and PM; however, X-ray crystal
structures of cyclophosphamide!213 and 4-hydroperoxy-
ifosfamide!4 have been reported. In these compounds,
P=0 bond lengths are reported to be between 1.47 and
1.53 A and P—O bonds range from 1.57 to 1.58 A. The
single P—N bond length ranges from 1.58 to 1.66 A.
These data compare favorably with our theoretical
calculations for the mustards.

for the structures in Figure 4 which have nearly
identical molecular volumes and surface areas. The
value of G,y is calculated as the sum of Gy and Gejec.

Table 5 lists the total calculated free energies for
neutral, anionic, cationic, and zwitterionic forms of IPM,
IPM—aziridine, and PM. There are large systematic
errors associated with comparing ab initio energies for
systems with different net charges due to the fact that
a finite basis set is used to describe the electronic wave
function. Therefore, we have chosen to limit our
quantitative comparisons to compounds with the same
net charge. A comparison of the gas-phase energies of
all species with a net charge of zero shows that, in each
case, the O-protonated forms are more stable than the
N-protonated forms. As in our previous study with
phosphoramide model compounds, the prediction of
O-protonation in the gas phase is not unexpected?® and
parallels theoretical and experimental data for the
protonation of glycine.16:17

A comparison of aqueous phase energies for all species
with a net zero charge shows a change in relative
energies from that found in the gas phase. These
results show that in solution, the N-protonated form of
IPM (1d) is more stable than the O-protonated form
(1a). These predictions are consistent with our experi-
mental observations. Similarly, our previous experi-
mental work suggested that protonation of PM occurs
at the N nitrogen,® and now our theoretical results
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Table 5. Gas Phase and Aqueous Phase Energies of N- and O-Protonated Structures in Figure 4

MP2/6-31G** ZPE S total G Gelec Geav Gsal total G (solv)
structure (Hartrees) (Hartrees) (cal/deg mol) (Hartrees) (kcal/mol)  (kcal/mol)  (kcal/mol) (Hartrees)
la —-1677.927 074 0.183 580 122,926 —1677.801 900 —-42.4 22.5 -19.9 —1677.833 647
1b —1678.277 182 0.198 695 122.647 —1678.136 760 -101.9 22.8 -79.1 —1678.262 851
1c —1677.388 851 0.171 012 120.530 —-1677.275 106 —88.3 22.3 -66.0 —1677.380 266
1d —-1677.919 723 0.186 993 120.775 —1677.790 113 -50.9 22.3 —-28.6 —1677.835 736
2a —-1217.679 944 0.168 519 108.199 —1217.562 835 —-26.4 19.7 -6.6 —1217.573 403
2b —-1217.673 803 0.171 225 106.106 —1217.552 992 —46.4 19.6 —-26.8 —1217.595 774
2c —-1217.663 709 0.171 766 107.504 —1217.543 022 —43.3 19.5 —-23.8 —1217.580 878
2d —-1217.132 764 0.155 783 104.651 —-1217.026 704 -90.7 19.2 -71.5 —1217.140 573
2e —1218.038 471 0.182 970 109.832 —1217.907 685 -90.8 20.1 -70.7 —1218.020 278
3a —1677.936 426 0.183 482 114.001 —-1677.807 109 -31.2 21.6 -9.6 —-1677.822 365
3b —-1678.275 163 0.197 830 117.825 1678.133 316 -104.6 22.1 -82.5 —1678.264 821
3c —1678.276 987 0.198 127 112.940 —-1678.132 521 -91.1 21.3 —-69.7 —1678.243 672
3d —1677.397 426 0.170 370 113.420 —1677.280 945 -77.3 21.5 —55.8 —-1677.369 857
3e —1677.922 657 0.185 753 115.924 —1677.791 983 —49.5 21.7 -27.7 -1677.836 171
3f —-1677.922 806 0.186 856 110.604 —-1677.788 501 —40.7 21.0 -19.7 —1677.819 867
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Figure 5. Relative energies of neutral IPM and PM species.

show that this is predicted to be the site of protonation
in aqueous solution.

For the IPM—aziridine, both of the N-protonated
forms (2b,c¢) are predicted to be more stable than the
O-protonated neutral IPM—aziridine (2a) with the ring
N®D.protonated form (2b) found to be most stable. The
NMR evidence suggests that the ring nitrogen in IPM
is protonated with a pK, of 5.3 and verifies these
predictions.

A summary of the gas and aqueous phase data is
shown in Figures 5 and 6. In Figure 5, the total free
energy (in kcal/mol) of all IPM and PM species with a
net charge of zero are shown schematically relative to
the gas-phase energy of the neutral PM structure (3a).
The IPM—aziridine energies are computed relative to
the gas-phase energy of the neutral IPM—aziridine (2a).
It is interesting to note that there is a relatively small
energy difference between the two IPM structures (1a
and 1d) in aqueous solution (—16.7 vs —18.0 kcal/mol)
corresponding to a difference of only one pK, unit. This
may suggest that a significant population of IPM exists
in both forms. We previously noted that the magnitude
of the pH-induced 5N and 3!P titration shifts for IPM
are smaller and the 170 shift is larger than for PM. This
is consistent with a fraction of the population of IPM
existing in the O-protonated form since, for PM, the

corresponding energy differences between the N- and
O-protonated forms (8e and 3a, respectively) are much
larger, thereby decreasing the likelihood of the presence
of O-protonated PM.

Much of the published discussions of phosphoramide
mustard reactivities have been in terms of the atomic
charges on the nitrogens and oxygens.}#10.181% In terms
of true physical observables, the concept of atomic
charge is not well defined because the electrons are a
diffuse charge distribution that can be arbitrarily as-
signed to any atomic center. Nevertheless, because of
the general utility of the concept of atomic charges, a
number of methods have been developed for calculating
them from quantum chemical wave functions.2® Mul-
liken population analysis (MPA) has a long history and
is still the most commonly used method to calculate
atomic charges, but the MPA charges are extremely
basis-set dependent, particularly for atoms with ex-
tended electron clouds, such as phosphorus, and fre-
quently yield unintuitive results. Natural population
analysis (NPA)?! remedies the basis set dependence and
other deficiencies of MPA and has been important in
explaining the properties of hypervalent atomic centers,
including phosphate.!!

Both MPA and NPA involving partitioning the charge
into orbitals. A very different approach is to determine
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Figure 6. Relative energies of neutral IPM—aziridine species.

atomic charges that reproduce the long-range electro-
static “profile” of the molecule. Our fitting procedure
predicts the atomic charges that most accurately repro-
duce the net dipole moment of the molecule and the
electrostatic field at the solvent accessible surface. In
comparison to the orbital based methods, such fitted
charges better describe the long-distance electronic
properties of the molecule?? and hence are useful for
molecular dynamics calculations.23

Since these methods have different strengths, we have
calculated the gas-phase atomic charges using all three
methods (as well as the aqueous phase fitted charges),
although the bulk of the discussion will focus on the
more reliable NPA charges. The charges for the phos-
phorus and all phosphorus-bound heteroatoms are given
in Table 6. A complete tabulation of the atomic charges
is provided in the supplementary material.

The first question that must be addressed is how the
calculated atomic charges vary between the different
chemical species and between different protonation
states of the molecules. The charges given in Table 6
show that the MPA atomic charges generally follow the
trends seen for the NPA charges. However, in some
cases, the MPA charges contradict the NPA results,
yielding unintuitive results. For instance, the tertiary
nitrogen in 2a gains negative charge when protonated
in 2e. The MPA charges also exhibit an overall 2—3
times larger variability for the individual atom types
than the NPA charges. The most striking fact about
the NPA charges is that there is very little variation in
the charges of particular types of heteroatoms. Over
the entire set of molecules, most of the heteroatoms
exhibit charge shifts of just a few hundredths of an
electron. For example, the unprotonated secondary
nitrogens have an atomic charge ranging from —1.12
and —1.17, regardless of the net charge and the proto-
nation state of the molecule or whether the compound
contains an aziridinium. Similarly, the unprotonated
primary and tertiary nitrogens have charges in the
range of —1.31 to —1.37 and —0.90 to —0.98, respec-
tively. Note that the tertiary nitrogens include those
with bis(chloroethyl) moieties and those in aziridine
rings, which are found to have nearly identical atomic
charges.

Although the fit atomic charges (Fit(gas), Fit(aq))
should yield the most accurate long-range electrostatics,

their dependence on the molecular geometry limit their
usefulness in explaining chemical properties. This
strong configurational dependence of the fit charges is
especially evident in the phosphorus charge, which
varies by more than 0.3 electron between the different
neutral species, as compared to a variation of only 0.01
electron for the NPA method (Table 6). Nevertheless,
trends between the gas and aqueous phase fit charges
are consistent enough to provide some insight into how
solvation affects the charge distribution. As one would
expect, aqueous solvation increases the polarization of
the compounds. Interestingly, the bulk of this polariza-
tion occurs along the P—O bonds, with the P typically
losing 0.1—0.2 electron to the oxygens (Table 6). In
contrast, the P—N bonds exhibit relatively little polar-
ization upon solvation. With the exception of the
anionic species, the C—Cl bonds are also strongly
polarized by solvation, with typically 0.1 electron mov-
ing from the C to the Cl.

In comparing the NPA charges of the different types
of heteroatoms, the results bear out most of the intuitive
notions of charge distributions. For example the order-
ing of the atomic charge of the amines, NH; > NH(CH,-
CHyCl) > N(CHyCHCl), reflects both the chemical
notion that the chloroethyl groups act as electron-
withdrawing groups and the measured pK, values for
chloroethylamines.2¢ Similarly, protonating the nitro-
gens lowers their charges by ~0.2 electron.

It is intriguing to relate these nitrogen charges to the
rate of aziridinium formation, particularly since Cohen
et al.? found that the cyclization rate was proportional
to K, for some chloroethylamines, and Boal et al.l
suggested that ab initio calculations of the nitrogen
charges might explain the unusually slow alkylation
rate of IPM relative to PM. Our computed charges do
not suggest that the IPM nitrogen would be less
nucleophilic than the PM tertiary nitrogen. Instead the
secondary nitrogens in IPM have ~0.2 electron greater
charge than the PM tertiary nitrogen and hence would
be expected to better nucleophiles (Table 6). Interest-
ingly, the nitrogen charges suggest that, if unproto-
nated, the PM primary amine would be significantly
more nucleophilic than the tertiary amine and provide
a competitive cyclization reaction to form a five-
membered ring.25
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Table 6. HF/6-31G** Atomic Charges for Selected Atoms Calculated at the HF/6-31G* Optimized Geometries Using Natural
Population Analysis (NPA), Mulliken Population Analysis (MPA), and Fits to the Charge at the Solvent-Accessible Surface in the Gas

Phase (Fit(gas)) and a Continuum Dielectric Solvent Model (Fit(ag))®

species  atom type NPA MPA  Fit(gas) Fit(aq) species  atom type NPA MPA Fit(gas)  Fit(aq)
la P 2.72 1.57 1.67 1.75 3a P 2.71 1.57 1.33 144
ot -1.08 -0.69 -0.76 -0.85 ot -1.10 -0.72 -0.65 -0.72
=0 -1.20 -0.71 -0.79 -0.94 =0 -1.21 -0.73 -0.78 -0.89
N -1.15 -0.85 -0.91 -0.90 N (39 -0.97 -0.82 -0.37 -0.38
N -1.14 -0.83 -1.00 -0.98 N (1°) -1.31 -0.86 -0.95 -1.01
Ca 0.09 0.07 0.25 0.32 Ca 0.09 0.06 0.22 0.30
Cl -0.11 -0.11 -0.28 -0.37 Cl -0.11 -0.11 -0.25 -0.33
Ca 0.08 0.05 0.29 0.39 (07i} 0.08 0.06 0.24 0.32
Cl -0.10 -0.09 -0.28 -0.37 Cl -0.10 -0.10 -0.25 -0.33
1b P 2.72 1.61 147 1.58 3b P 2,73 1.64 1.25 1.40
or -1.10 -0.69 -0.67 -0.70 ot -1.10 -0.69 -0.62 -0.67
=0 -1.15 -0.64 -0.69 -0.82 =0 -1.14 —0.64 —0.66 -0.79
N -1.17 -0.83 -0.92 -0.95 N(@3°) -0.99 -0.81 -0.36 -0.39
N+ -0.97 -0.79 -0.60 -0.55 N*(1°) -1.14 -0.82 -0.62 —0.68
(07i} 0.05 0.04 0.16 0.28 (07i} 0.08 0.08 0.23 0.29
Cl -0.04 -0.02 -0.17 -0.33 Cl -0.05 -0.03 -0.17 -0.31
(07i} 0.08 0.09 0.24 0.31 (07i} 0.07 0.07 0.26 0.32
Cl —0.02 0.00 -0.15 -0.29 Cl -0.05 -0.03 -0.18 -0.31
le P 2.70 1.49 1.59 1.67 3c P 2.71 1.65 1.31 1.42
0 -1.28 -0.83 -0.88 -0.98 (014 -1.10 -0.72 -0.61 -0.65
0 -1.28 -0.82 -0.94 -1.05 =0 -1.15 -0.64 -0.67 —0.80
N -1.12 -0.83 -0.93 -0.90 N*(3°) -0.83 -0.80 -0.18 -0.17
N -1.13° -0.83 -0.95 -0.98 N (1°) -134 -087 -1.01 -1.03
(oF;] 0.10 0.05 0.24 0.33 C3 0.07 0.06 0.23 0.30
Cl -0.17 -0.19 -0.36 -0.39 Cl -0.02 0.01 -0.12 -0.26
Ca 0.11 0.09 0.23 0.29 Ccs 0.08 0.08 0.33 0.40
Cl -0.18 —0.20 -0.38 -0.40 Cl -0.02 0.00 -0.17 -0.29
1d P 2.70 1.56 1.57 1.63 3d P 2.72 1.55 1.40 1.46
0 -1.22 -0.77 —0.80 -0.91 (6] -1.29 -0.85 -0.86 -0.95
0 -1.22 -0.75 -0.83 -0.94 0 -1.29 -0.85 -0.86 -0.95
N+ -0.95 -0.78 —0.54 -0.44 N (3°) -0.96 -0.82 -0.63 -0.56
N -1.16 -0.85 -1.00 -0.99 N (1% -1.37 -0.92 -1.08 -1.13
Ca 0.07 0.04 0.21 0.31 Ca 0.16 0.13 0.28 0.33
Cl -0.10 -0.10 -0.27 -0.36 Cl -0.21 -0.23 -0.37 -0.39
Ca 0.11 0.10 0.31 0.34 Ca 0.16 0.12 0.27 0.31
Cl -0.09 -0.08 -0.25 -0.32 Cl -0.21 -0.23 -0.36 -0.38
2a P 2.72 1.55 141 1.56 3e P 2.71 1.59 1.32 1.40
(04 -1.10 -0.71 -0.71 -0.77 (6] -1.21 -0.75 -0.77 -0.87
=0 -1.22 -0.74 -0.80 -0.91 0 -1.21 -0.75 -0.77 -0.87
N (@39 -0.94 —0.68 -0.38 -0.49 N(3°) -098 -0.83 -0.42 -0.39
N (2% -1.14 -0.81 -0.83 -0.88 N*(1°) -1.13 -0.83 —0.52 -0.57
2b P 2,70 1.53 1.46 1.54 Ca 0.10 0.08 0.28 0.32
0 -1.22 -0.75 -0.79 -0.89 Cl -0.11 -0.11 -0.27 -0.34
(6] -1.21 -0.74 -0.83 -0.93 (07i} 0.10 0.08 0.26 0.30
N (3°) -0.97 -0.74 -0.45 —0.48 Cl -0.11 -0.11 -0.26 -0.34
Nt (2°) -0.95 -0.77 -0.63 —0.58 3f P 2.69 1.59 143 1.46
2¢ P 2.71 1.58 1.40 1.47 0 -1.22 -0.76 -0.81 -0.90
0 -1.22 -0.75 -0.79 -0.90 (6] -1.23 -0.78 -0.82 -0.91
0 -1.23 -0.78 -0.80 -0.91 N*(3°) -0.79 -0.78 -0.06 0.02
N*(8°) -0.80 -0.69 -0.31 -0.35 N@1°) -1.34 -0.90 -1.04 -1.02
N (2°) -1.15 -0.84 -0.84 —0.80 (07i} 0.12 0.10 0.29 0.31
2d P 2.71 1.53 1.52 ' 1.59 Cl -0.09 -0.09 -0.24 -0.29
0 -1.27 -0.83 -0.88 -0.98 Ca 0.11 0.10 0.31 0.35
0 -1.28 -0.84 -0.91 -1.00 Cl -0.09 -0.08 -0.25 -0.31
N(@3°) -0.90 -0.69 -0.47 -0.56
N (2°) -1.12 -0.81 -0.97 -1.04
2e P 2.73 1.61 1.36 1.51
ot -1.10 -0.71 -0.67 -0.69
=0 -1.14 -0.63 -0.67 -0.83
N+*(3°) -0.86 -0.73 -0.42 —-0.44
N (2°) -1.16 -0.82 -0.82 -0.86

@ The carbon charges include the atomic charges of attached hydrogens. ? Oxygen atom of the hydroxyl group.

Some of the intuitively reasonable arguments that can
be made to rationalize PM reactivity as a function of
pH are not borne out in the NPA charges. For example,
our previous experimental results suggested that an-
ionic PM (8d) protonates at the NV position to yield the
zwitterionic form (8e). This protonation is coincident
with slower cyclization to the aziridinium.? The NPA
charge data does not provide an explanation for this
reduction in activity since the nitrogen charges are
predicted to be essentially constant for the different

charge and protonation states (Tables 6). This suggests
that the nucleophilicity of the nitrogen is not affected
by protonation at other sites in the molecule. However,
it should be emphasized that the predicted atomic
charges in no way reflect the polarizability of the
electron density, which can reasonably be expected to
be much greater in the anionic than the zwitterionic
states. Hence, the anionic PM species (3d) might be
better able to “recruit” electrons from the phosphor-
amide moiety to stabilize the quaternary nitrogen
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formed in the transition state to the aziridinium. This
effect could be determined by calculating the charge
densities at various points along the reaction path to
aziridinium formation, but such calculations are beyond
the scope of the present study.

The theoretical data, however, may provide a clue to
another possible origin of the differential cyclization
rates. The theoretical data suggests the electrophilicity
of the B-carbons, rather than the nucleophilicity of the
nitrogens, is modified by the protonation of the hetero-
atoms. Both the anionic IPM (1¢) and PM (3d) species
are predicted to have significantly longer C—Cl bonds
(~1.82 A) than the corresponding zwitterionic species
1d, 3e (~1.79 A; Table 4). Differences between the
anionic and neutral species are evident in the charges
for the S-carbons and chlorines. For the neutral (3a)
and zwitterionic PM (8e), the NPA charges for the
B-carbons are ~+0.1, and for the chlorines, ~—0.1
(Table 6). In the anionic PM (3d), this charge separa-
tion has nearly doubled to +0.16 and —0.21 for the
carbon and chlorine, respectively. This larger positive
charge on the S-carbon should render it more electro-
philic, while the increased negative charge on the
chloride should make it a better leaving group (in a
polar solvent).

Conclusions

The 3P, 15N, and 70 NMR data suggest N-protona-
tion of IPM with a pK, of 4.3. These results are
consistent with protonation of either the anionic IPM
(1e) or the neutral species (1a) to yield the zwitterionic
IPM (1d) or the cationic IPM (1b), respectively. The
similarity in structure of IPM to phosphorodiamidic acid
((HoN).PO(OH)), which is thought to exist as a zwitte-
rion after N-protonation below its pK, of 4.9%% may
argue in support of IPM protonation resulting in zwit-
terionic structure 1d. This conclusion is also consistent
with our previous studies on phosphoramide mustard.?

The determination of a pK, of 5.3 for the IPM-
aziridine supports the hypothesis that the lower alky-
lating activity of IPM is due, in part, to the formation
of an aziridine ring at physiological pH and this species
is relatively stable compared to an aziridinium ion. The
different rates measured for the cyclization of PM when
compared to IPM must be due to other factors which
may include the polarizability of the C—Cl bond.

The finding that our theoretical models for the
structure and thermodynamic stability of protonated
phosphoramides,® PM, IPM, and IPM—aziridine cor-
rectly predict the experimental results certainly lend
support for the continued use of these algorithms.

Experimental Section

Synthesis of Labeled Isophosphoramide Mustard.
[*5N2]Isophosphoramide mustard and [17Olisophosphoramide
mustard were prepared by published procedures.*5

Aziridine was prepared in a 5§ mm NMR tube from chloro-
ethylamine by a modification of the procedure of Wystrach et
al.?” Briefly, 138 mg of 2-chloroethylamine hydrochloride
(Aldrich Chemical Co.) in 0.28 mL of D20 was mixed with 0.25
mL of 8.5 M NaOD and warmed to 47 °C. Two phases formed
in the tube with the lower phase containing higher levels of
aziridine as determined by 'H NMR spectroscopy.

NMR Spectroscopy. NMR spectroscopy was performed
on a Bruker MSL500 at 11.75 T. 3'P NMR spectroscopy at
202.5 MHz was performed with inverse-gated proton-decou-
pling over the acquisition time of 0.4 s with a sweep-width of
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10 000 Hz and a relaxation delay of 1.6 s. 15N NMR spectra at
50.7 MHz were acquired with inverse-gated proton decoupling
or without decoupling and with a 20 000 Hz sweep width, a
25 ms acquisition time, and 0.2 s repetition time. Samples
for N and 3P NMR spectroscopy were placed within 10 mm
NMR tubes equipped with a coaxial insert containing 0.05 M
{1Nlurea in 0.1 M sodium phosphate pH 7.0. 3!P spectra were
referenced to this external phosphate resonance set to 0 ppm.
15N spectra were referenced to the external [**Nlurea reso-
nance set to 56.5 ppm (relative to the natural abundance N
resonance of 0.1 M ammonium hydroxide in 0.1 M sodium
phosphate, pH 7.0 at 0 ppm). The Y0 NMR spectra were
referenced to the internal natural abundance 'O water
resonance set to 0 ppm. The position of this resonance does
not change with pH over the range studied.

Samples for NMR spectroscopy were dissolved in 0.1 M NaCl
with 10% D0 to a concentration between 10 and 30 mM. The
solutions were immediately cooled in an ice-water bath. The
pH meter was calibrated at 20 °C; however, all sample
readings were performed in the ice—water bath. The pH was
adjusted by the addition of 0.1 or 0.5 M solutions of NaOH or
HCI1. The pH of the samples were taken before and after the
NMR experiment and agreed to within 0.1 pH unit. The pH
values used are the average of the two readings and are not
corrected for the deuterium concentration or temperature. The
temperature was maintained at 4 + 1 °C using the Bruker
variable-temperature control unit.

One-bond >N —-'H coupling constants are negative; one-bond
15N—31P coupling constants can be positive or negative. All
coupling constant data are measured directly from the NMR
spectrum and are presented as absolute values.

Data Analysis. Titration data were fit to a monobasic
titration curve using the nonlinear regression curve-fitting
software in SigmaPlot (Jandel Scientific). The standard errors
resulting from curve fitting are calculated by the program (see
Figure 3 legend) and may underestimate the actual errors.?®
The pK,s and errors given in the Abstract, Discussion, and
Conclusion sections are the average pK, + 1 standard devia-
tion for at least three curve fits to separate sets of data.

Theoretical Calculations. The initial geometric struc-
tures were generated using a standard molecular mechanics
program. All subsequent geometry optimization and electronic
structure calculations were performed using the quantum
chemistry program Gaussian 92.% The structures of all
phosphoramide mustards and their various protonation states
are shown in Figure 4. These structures were optimized at
the Hartree—Fock (HF) level of theory using a 6—31G* basis
set. Harmonic vibrational frequencies were calculated at these
optimized geometries with the 6-31G* basis set to verify that
the structures were true minima. Additionally, single-point
energies were calculated at the optimized geometries using
second-order Mgller —Plesset perturbation theory (MP2) with
a 6-31G** basis set. Mulliken populations, atomic charges fit
to the electrostatic potential at the solvent-accessible surface,
and solvation energies (vide infra) were also calculated with
this larger basis set. Finally, NPA analysis was performed
at the HF/6-31G** level of theory to provide atomic charges
less sensitive to configuration and basis set effects.?!

In order to model solvation effects, we have used a theoreti-
cal method based on the polarizable continuum model for
solvents. This method was developed independently by Mi-
ertus and Tomasi®® and Rashin.?! Our implementation method
is described in detail elsewhere.?? The surrounding medium
is treated as a continuum dielectric in a procedure involving
several steps. First, the molecular geometry and electronic
wave function are obtained from the Hartree—Fock calculation.
Next, the interface between the molecule and the dielectric
continuum of the surrounding medium is defined by the
contact surface of the solvent molecule rolling around the
scaled va der Waal’s surface of the molecule. The boundary-
element method is used to represent the triangulated surface,
as developed by Zauhar and Morgan.?® The electric potential
is used to determine effective atomic charges (using a least-
squares fit with constraints for net charge and dipole mo-
ments). Applying Gauss’ law, the resulting electric field at
the molecule surface (obtained from the atomic charges) is used
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to determine the effective charge of the dielectric continuum
at the surface. These induced charges at the surface are then
included in the one-electron portion of the HF Hamiltonian
and the wavefunction is reoptimized. New atomic charges are
calculated from the reoptimized wave function, and the whole
procedure is iterated to convergence (typically eight iterations).
The surface charge is then used to determine the free energy
of hydration. The surface area and volume of the molecule is
used in an approximate expression to determine the free
energy of cavitation (the nonelectrostatic energy to create a
cavity in the dielectric continuum containing the molecule).
The theoretical free energy of solvation is calculated by
summing the free energy of hydration and the free energy of
cavitation.

Studies of the performance of this model®?3 indicates that
it predicts absolute AGqvs accurate to 5 kcal/mol for several
neutral, ionic, and zwitterionic compounds. Larger errors of
up to 11 keal/mol occur for small nonpolar molecules such as
neutral trimethylamine where AG,, is not dominated by
electrostatic solute—solvent interactions. For these com-
pounds, dispersion and solvent reorganization energies, not
included in these predictions, act to cancel out the cavitation
energy.
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