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ABSTRACT: Solvated radicals play an important role in many areas of chemistry, but to date,
the nature of their interactions with polar solvent molecules lacks chemical interpretation. We
present a computational quantum chemical analysis of the binding motives of binary complexes
involving electron-poor and electron-rich radicals bound to water and hydrogen fluoride,
considered here as model polar solvent molecules. By comparing the binding strengths of several
open-shell and closed-shell complexes, in combination with natural localized molecular orbital
analysis, we show that open-shell complexes can exhibit additional donor−acceptor interactions
relative to analogous closed-shell systems. This may explain the unexpectedly large binding
energies observed in some open-shell complexes. These exploratory results show that specific
interactions in open-shell systems deserve more attention, and they imply that the quantum mechanical description of explicit
solvent molecules needs to be considered carefully when designing simulation protocols for solvated radicals.

■ INTRODUCTION
Despite the wide relevance of solvated radicals in biological,1

aquatic,2 and atmospheric systems,3−6 the nature of the
interactions of radicals with polar solvent molecules has
received limited study, compared to the analogous literature
on closed shell intermolecular interactions. The simplest
protosystem for the (micro)solvated phase is a binary complex
between a radical and a solvent molecule. Open-shell
complexes and closed-shell complexes share some types of
binding motives: van-der-Waals interactions7 and hydrogen
bonds.8,9 However, unlike closed-shell systems, radicals have
been reported to engage in an interaction termed a ”hemibond“
or ”2-center-3-electron bond”,10 which has also been
interpreted as a single electron covalent bond.11 Analogous to
the 2-center-3-electron interactions, 2-center-1-electron com-
plexes have been reported as well.12 This type of interaction has
been studied in several reports,10−16 but the chemical
interpretation of the interaction was limited to cationic or
anionic binary complexes, most of which were homodimeric.
Maity16 reported computed Mayer bond orders for many
heterodimeric cationic radical complexes. In his results, not all
complexes exhibited a bond order close to 0.5, which should be
expected for hemibonded interactions. For some complexes, he
found bond orders close to zero despite a relatively high
binding energy. For example, for H2O···SH2

•+ Maity reported a
bond order of 0.16 and a binding energy of 91 kJ mol−1. Some
other studies have reported radical cations complexed by a
single water molecule,13,17−21 and in these cases, the term
“hemibond” was adapted without revisiting the nature of the
interaction.
In separate works, alkali metal−water complexes have

received ample attention (see, e.g., Hertel22 and Morokuma23)
) and sodium doping of clusters of various polar molecules is
emerging as a way to softly ionize these clusters.24−27 These
studies were mostly concerned with ionization energies and

binding energies in clusters of varying size. In this context, the
interactions of Na• with polar solvent molecules (H2O, NH3,
HAc) have been referred to as dispersive.25,27 However, in
earlier works, alkali atoms were found to bind strongly to single
water molecules or clusters of polar solvent molecules with
both experimental and computational techniques.28,29 For
example the binding energies of H2O···Na

• and H2O···Li
•

were previously reported as −25 kJ mol−1 and −45 kJ mol−1,
respectively.29 Additionally, computations suggest severe
delocalization of the unpaired electron onto surrounding
water molecules for (H2O)n···Na

•.30

These inconsistent descriptions of the interactions of radicals
with polar solvent molecules may be related to the limited
chemical insight into the underlying binding motives. In
particular, we have not found work which has interpreted these
binding motives from a chemical point of view, for complexes
of polar solvent molecules bound to diverse types of neutral
and ionic, electron-rich, and electron-poor radicals. However, it
is reasonable to suspect that these interactions are worth
exploring. In a recent study, the Head-Gordon group reported
on ionic radical-molecule complexes in the context of their
similarity to transition states of bond-making/bond-breaking
reactions.31 These authors concluded that additional or
stronger charge-transfer interactions may arise in open-shell
complexes compared to similar closed-shell complexes, justified
by differences in orbital overlap between the closed-shell and
the open-shell aggregates.
In the present work, we explored the nature of the binding in

selected radical−solvent binary complexes. We recently
reported benchmark binding energies for a chemically diverse
set of such complexes.32 Here, we focused on qualitative
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differences between electron-rich and electron-poor radical
binding modes, as well as on differences between radical−
solvent complexes and analogous isoCoulombic closed-shell
complexes. The systems under consideration are summarized in
Table 1 and Figure 1. We categorized them qualitatively on the
basis of the following considerations: (1) How do these
radical−solvent interactions compare to those of analogous
closed-shell complexes in strength and covalent character? (2)
Which types of orbitals could be responsible for a possible
partial donor−acceptor nature of the interaction?
We analyzed binding energies, spin densities, bond orders,

and natural localized molecular orbitals of selected radical
complexes and their closed-shell counterparts. We found
indications of a partly covalent character in the binding of
electron-poor and electron-rich radicals to single polar solvent
molecules in cases where the unpaired electron is in direct
contact with water lone pairs. H-bonded complexes, where the
radical center acts as an H-bond acceptor, were found not to
differ in binding motive from closed-shell hydrogen-bonded
complexes.

■ COMPUTATIONAL METHOD

Selection of Complexes. We considered a diverse set of
12 complexes of small radicals with a single molecule of either
water or HF as model solvent, which are numbered in Table 1.
They were selected to allow two types of comparisons: (a)

comparisons between electron-poor and an electron-rich
radicals interacting with lone electron pairs of solvent, and
(b) comparisons between open-shell molecules and similar
closed-shell molecules interacting with polar solvent. The focus
was on complexes having direct interactions of the unpaired
electron with the solvent molecule.
The first group contains neutral and cationic electron-

deficient radicals (1−5 in Table 1).33 H2O···Cl
• (2) was

analyzed in detail, and we included closed-shell complexes
which resemble H2O···Cl

• (2) in either geometry or binding
energy for comparison (2.1, 6, 7). The second group consists of
electron-rich main group metal atoms, where the metal atom
contacts the oxygen of H2O (9−11, 13). For H2O···Na

• (10),
analogous closed-shell water-noble gas complexes, constrained
to similar geometries, were included (10.1, 10.2). The third
group consists of H-bonded complexes with a spin-bearing
center as H-bond acceptor (14−16). We also considered
closed-shell H-bonded complexes having similar binding
energies (17−19), for comparison.
The open-shell complexes considered were selected to have

low spin contamination (⟨S2⟩ of the UHF reference ≤0.76),
with the exception of H2O···Al

• (⟨S2⟩ = 0.79) and Al• (⟨S2⟩ =
0.77) as well as HF···CO•+ (⟨S2⟩ = 0.86) and CO•+ (⟨S2⟩ =
0.97). For HF···CO•+, where the cited reference binding
energies correspond to ROHF-based results, we demonstrated
previously32 that the inclusion of the post-CCSD(T)

Table 1. Binding Energies ([kJ mol−1]) and Interfragment Distances (Å) of Binary Open-Shell Complexes and Analogous
Closed-Shell Complexes

spin populationd

no. complex De
a De[HF] ΔDe[corr] D0

b re
c BAB SPA SPB ref analoguese

Electron-deficient radical complexes
1 H2O···F

• −16.0 27.5 −43.6 −11.8 2.118 0.22 0.12 0.88 32
2 H2O···Cl

• −15.4 5.8 −21.3 −12.0 2.604 0.14 0.07 0.93 32 2.1, 6, 7
3 H2O···Br

• −15.1 5.6 −20.4 −12.0 2.705 0.12 0.06 0.94 32
4 H2O···NH3

•+ −76.6 −57.1 −19.7 −67.6 2.323 0.15 0.08 0.92 32
5 HF···CO•+ −122.2 −85.4 −36.6 −115.2 1.799 0.41 0.18 0.82 32 8
Closed-shell CT complexes analogous to species 2 and 5
6 H2O···Cl2 −12.2 −2.6 −9.4 n.a. 2.786 0.02 this workf

7 H3N···Cl2 −20.1 −0.6 −19.5 n.a. 2.633 0.07 this workf

8 HF···CF+ −67.7 −58.7 −9.0 −62.6 2.116 0.12 this workf

Water-main group metal complexes
9 H2O···Li

• −51.8 −41.8 −10.1 −47.5 1.888 0.06 0.07 0.93 32
10 H2O···Na

• −23.8 −17.5 −6.5 −21.5 2.338 0.06 0.04 0.96 this workf 10.1, 10.2
11 H2O···Be

•+ −268.3 −263.6 −5.0 −258.6 1.547 0.16 0.06 0.94 32 12
12 H2O···Li

+ −144.6 −148.9 4.2 −136.7 1.885 0.01 this workf

13 H2O···Al
• −31.6 −16.3 −15.5 −28.5 2.216 0.08 0.01 0.99 32

Water-noble gas complexesg mimicking species 2 and 10
2.1 H2O···Ar −1.1 1.6 −2.7 n.a. 3.554 this workf,g

10.1 H2O···Ar −1.1 2.2 −3.3 n.a. 3.422 this workf,g

10.2 H2O···Kr −1.5 2.6 −4.1 n.a. 3.473 this workf,g

H-bonded complexes
14 FH···BH2

• −16.9 −7.5 −9.4 −9.0 2.221 0.07 0.05 0.95 32 18
15 FH···NH2

• −41.0 −32.4 −8.7 −29.5 1.750 0.08 0.00 1.00 32 17, 19
16 FH···OH• −24.8 −17.8 −7.1 −17.6 1.813 0.05 0.00 1.00 32 18, 19
17 FH···NH3 −55.4 −46.5 −9.0 n.a. 1.697 0.10 59
18 FH···FH −19.3 −16.0 −3.4 n.a. 1.824 0.02 59
19 FH···OH2 −37.4 −31.9 −5.5 n.a. 1.714 0.05 59

aTheoretical best estimates of electronic binding energies. bBest estimates of total binding energies at 0 K, including zero-point vibrational energies.
cEquilibrium distance between the closest nuclei of the two fragments. dNatural spin density summed over all nuclei of the polar molecule A and the
radical B. eIndices of comparable isoCoulombic complexes. fComputational protocol from Tentscher and Arey,32 see Supporting Information for
details. gBinding energy of a partially optimized geometry, see text for details.
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excitations in the presently used protocol lowers the influence
of the (spin-contaminated) reference on the binding energies to
0.3 kJ mol−1. Thus, we considered UHF references to be
sufficient for the additional benchmark binding energies
presented here.
Characterization of Complexes. We used different

approaches to characterize the binding motives of both open-
shell and closed-shell complexes. First, we compared the
computed benchmark binding energies of open-shell complexes
to those of similar closed-shell complexes. We also considered
operationally defined components of the electronic binding
energy, that is, the Hartree−Fock binding energy, De [HF], and
contributions from the coupled cluster treatment of electron
correlation, ΔDe [corr]. De [HF] and ΔDe [corr] do not
include relativistic contributions to the binding energy, whereas
De and D0 include relativistic contributions where available.
Accordingly, De [HF] and ΔDe [corr] do not exactly sum up to
De . For selected cases (H2O···Cl

• and H2O···Na
•), we

evaluated the binding energies of complexes where the radical
was replaced by a noble gas atom (Ar or Kr), at geometries with
reoptimized oxygen-noble gas distances but otherwise frozen
coordinates. This should allow a meaningful estimate of the

magnitudes of dispersion and Debye interactions in the
corresponding radical complexes.
Second, we visualized the spin density for all of the

complexes, and we show these results for selected cases.
Third, we performed natural bond orbital (NBO) and natural
localized molecular orbital (NLMO) analysis.34−38 On the basis
of natural population analysis (NPA),39 we also report spin-
corrected Mayer bond orders40 (in the NAO basis) between
the two closest nuclei of the respective fragments, denoted
BAB,

41 and natural spin density populations summed over the
fragments. Differences between the localized NBOs and the
semilocalized NLMOs, that is, NLMO “delocalization tails“,
arise from donor−acceptor interactions between occupied and
unoccupied NBOs. We focus our analysis on the extent of
intermolecular delocalization of the NLMOs and the types of
NBOs involved in those delocalizations, but it should be kept in
mind that the more traditional perturbative estimates of NBO
donor−acceptor interactions36−38,34 give similar information in
terms of the involved orbitals and the strength of the
interaction. Although these perturbative estimates were also
analyzed in the course of the present work, we chose not to
report them as they yielded conclusions redundant with those
drawn from NLMO analysis.
Our approach is in the same spirit as the concept of orbital

mixing in qualitative MO theory of covalent bonds:42 the
localized NBOs on different fragments/molecules are linearly
combined to form bonding and antibonding NLMOs. For the
analysis of the radical−solvent interactions, we operationally
define the term covalent character as the extent of interfragment
delocalization of the NLMO; that is, a squared coefficient of the
NBO entering the linear combination with a value smaller than
1 is considered a manifestation of covalent character. However,
it should be kept in mind that this simply corresponds to
NBO−NBO donor−acceptor interactions. More details on this
approach are given in the Supporting Information. In the
somewhat simplified picture used in the present exploratory
study, we did not discriminate between possible types of
interactions (dative, ionic, and covalent)34 within the NBO
framework. Nevertheless, we believe the above definition of
covalent character to be a meaningful descriptor for the relative
covalency of intermolecular interactions, if donor−acceptor
interactions of the same type are compared. For radicals, NBO/
NLMO analysis is performed separately for the two spin
manifolds (“different spin different hybrids“ (DSDH)36,43).

Computational Details. Benchmark binding energies were
computed with a protocol described elsewhere;32 detailed
results are given in the Supporting Information (SI). In brief,
all-electron CCSD(T)44/aug-cc-pVTZ45,46 was used for geom-
etry optimizations and harmonic frequency calculations.
Electronic energies were evaluated using basis-set extrapolated
CCSD(T)/aug-cc-pV{4,5}Z45,46 with corrections for core−
valence correlation (CCSD(T)/aug-cc-pCVQZ47) and higher
excitations (CCSDT48/cc-pVTZ, CCSDT(Q)49/cc-pVDZ),
and relativistic corrections (MVD250/CCSD(T) and ZORA-
DFT51) in some cases.
For some complexes of water with noble gas atoms (2.1,

10.1, 10.2 in Table 1), we used geometries that do not
correspond to minimum structures. In these cases, we used the
geometry of a corresponding radical complex (2, 10) as a
starting geometry, but we replaced the radical with a noble gas
atom. Subsequently, only the oxygen-noble gas distance was
optimized while all other internal coordinates remained
constant.

Figure 1. Conformations of all complexes, listed by numbering given
in Table 1.
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We report the contribution to the electronic binding energy
of the Hartree−Fock component, De[HF], and the change in
binding energy arising from the coupled cluster treatment of
electron correlation, ΔDe[corr]. The Hartree−Fock result
corresponds to the single-determinantal, mean-field molecular
orbital approach. Consequently, ΔDe[corr] can account for
both dispersive forces and other effects of dynamical and
nondynamical electron correlation beyond the HF model and
should not be equated to dispersion.
Spin densities were visualized from the correlated CCSD-

(T)/aug-cc-pVTZ electronic structure as computed with
CFOUR,52 using MOLDEN 5.0.53 DFT calculations were
conducted with the Gaussian 09 rev. B.1 electronic structure
program,54 applying a pruned (99,590) integration grid and
Dunning’s aug-cc-pVTZ basis46,55 with the BHandHLYP56

functional. Natural bond orbital (NBO) analysis36 was
conducted with the NBO 5.0 program suite.57 We chose
BHandHLYP/aug-cc-pVTZ densities for NBO analysis because
good performance has been reported for this functional in
previous studies on radical complexes,13,15 and also because this
method performed well in our own assessment.32 The NBO
results were checked for qualitative agreement with an NBO
analysis of the CCSD/aug-cc-pVDZ density as implemented in
Q-Chem 4.0.58 We prefer to report the NBO results based on
DFT densities rather than CCSD densities because the former
allow meaningful one-electron energies to be assigned to the
natural orbitals.34 Mayer bond indices and Wiberg bond indices
were computed in the NAO basis from RO-BHandHLYP/aug-
cc-pVTZ orbitals. In the Supporting Information, we briefly
introduce some concepts of NBO analysis, which is described
comprehensively elsewhere.34−36,38

■ RESULTS AND DISCUSSION
Electron-Deficient Radicals. For this category of systems

(1−5 in Table 1), binding energies suggest a covalent
contribution to the binding. The neutral radical halogen−
water complexes (1−3) exhibit binding energies ranging from
−11.0 to −15.9 (Table 1). For these systems, binding energies
are comparable to analogous closed-shell CT complexes
(H2O···Cl2, H3N···Cl2). In contrast, the analogous closed-
shell complex between H2O and the Ar atom (2.1), in a
conformation similar to H2O···Cl

• (2), exhibits a much smaller
binding energy than 2 despite the similar size of Cl• and Ar.
(Similarly, for the global minimum geometry of the H2O···Ar
complex, where Ar acts as an H-bond acceptor, the binding
energy is merely −1.7.60) The charged HF···CO•+ system
exhibits twice the binding energy of the analogous isoCou-
lombic closed-shell HF···CF+ complex (Table 1), which cannot
be explained by electrostatic differences.61 In this case, the C−F
distance is significantly shortened in HF···CO•+ compared to
HF···CF+, which may additionally indicate partial covalency of
the interaction.
The uncharged radical halogen−water complexes (1−3)

exhibit a repulsive HF component of the binding energy,
potentially indicating that the binding is not of electrostatic
nature (halogen atoms do possess a quadrupole moment). This
is offset by the correlation contribution ΔDe [corr] to the
binding energy, which is unusually strong compared to, for
example, H-bonded systems (14−19), and which cannot be
attributed to dispersion alone. For further comparison, in the
H2O···Cl2 complex, which is analogous to H2O···Cl

• and which
could be arguably described as halogen-bonded or charge-
transfer (CT), De [HF] was not found repulsive. Interestingly,

if H2O is replaced by the better electron donor NH3 to form
the H3N···Cl2 CT-complex, the distribution of De [HF] and
ΔDe [corr] is again similar to the situation in H2O···Cl

•.
Examination of the spin densities showed that for all systems

involving electron-deficient radicals, the unpaired electron is
significantly delocalized onto the solvent molecule, indicative of
a covalent 1e-interaction (see Figure 3 for a representative

example). Taken together, the binding energy and spin density
data suggest that the binding in the electron-deficient radical
complexes may be partly covalent. For radical halogen−water
complexes, binding energies are comparable to analogous
closed-shell CT complexes (H2O···Cl2, H3N···Cl2). To further
explore this contention, we considered NBO/NLMO results.
The NBO/NLMO interpretation of the binding in the

studied electron-deficient radical complexes is a donor−
acceptor interaction, with qualitatively similar binding motives
observed throughout. We show detailed results for H2O···Cl

•,
which we considered representative (Figure 4). For alpha
electrons, no orbital mixing between the monomer NBOs is
observed. For beta electrons, the np orbital of water strongly
mixes with the np* “electron hole” of chlorine. We interpret that
the large energy gain from mixing is offset by a strong Pauli
repulsion of the alpha electrons, which results in the observed
weak binding energy.62 In the NBO framework, this 2c3e-

Figure 2. Spin density isosurfaces (isovalue 0.02 e−Å−3) from
CCSD(T)/aug-cc-pVTZ electronic structure. Spin donation due to
the nsp-SOMO in the bond axis (FH···BH2

•, top), and absence of spin
donation in case of a np-SOMO (FH···NH2

•, bottom).

Figure 3. Spin density isosurfaces (isovalue 0.02 e−Å−3) from
CCSD(T)/aug-cc-pVTZ electronic structure. (a) Strong mixing of
the Osp lone pair with nCl* in H2O···Cl

•, (b) weak mixing of the SOMO
with a RyO* orbital for H2O···Li

•, and (c) no spin transfer for H2O···Al
•.
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interaction can be described in two ways: the best description
(99.69% Lewis-character) is a donor−acceptor complex with a
strong beta spin-only np → np* donation; the other description
is a single electron σClO bond (beta spin) with a lower Lewis-
character (98.70%).
A similar situation arises for the strongly bound HF···CO•+

complex: no interfragment orbital mixing occurs for alpha
electrons, and a np NBO of HF mixes with the n* of CO•+ for
beta electrons. We rationalize this strong bond (relative to
HF···CF+) qualitatively as a better overlap of the np and n*
orbitals compared to the np−π* interaction in the closed shell
case (not shown).
Comparative NLMO analysis of the e-deficient radical

complexes suggests covalent character for all of these systems,
although the extent of covalent character varies significantly
among the complexes studied. The squared coefficients with
which the parent NBOs (the β lone pairs) enter the delocalized
NLMOs deviate significantly from a value of 1.0, which arises
from the contributions of the np* “electron hole“ of the radicals:
0.780 (HF···CO•·+), 0.860 (H2O···F

•), 0.921 (H2O···NH3
•+),

0.924 (H2O···Cl
•), and 0.935 (H2O···Br

•). For the neutral
complexes, the order (F > Cl > Br) is in qualitative agreement
with the decreasing orbital overlap that can be expected from
the increasing diffuseness of acceptor orbitals with increasing
halogen atom size. In the NBO picture, the two systems with
the strongest delocalizations (HF···CO•+ and H2O···F

•) are
best described with a strongly polar single electron bond rather
than with a donor−acceptor interaction, in agreement with
Bickelhaupt’s interpretation of the hemibond.11 In contrast, the
NBO picture of the more weakly delocalized systems could be
seen as the open-shell, single electron analogue to closed-shell
CT complexes.
We compared the covalent character of these open-shell

systems to that of closed-shell CT complexes where electron
donation into antibonds is present. For HF···CF+, H3N···Cl2,
and H2O···Cl2, the squared coefficients are 0.971, 0.966, and
0.990, where the deviation from 1 is attributed to the πCF*

orbital of CF+ and the σClCl* of Cl2, respectively. Compared to
closed shell CT complexes, the single-electron interactions in
the open-shell complexes bear more covalent character
throughout.
The complex between benzene radical cation and H2O (as

well as other nucleophiles) in the ”top“ orientation,31 studied
with a block-localized wavefunction approach in a recent
contribution,31 also falls in the category of electron-deficient
radicals interacting with polar solvent molecules. In their
complementary occupied-virtual pairs (COVPs) analysis,
conceptually similar to NBO donor−acceptor interactions,
these authors found a significantly stabilizing CT interaction
between the water nsp and an unoccupied β−π orbital of the
ionized benzene ring. Only a weak CT interaction was reported
for α electrons. These findings are in qualitative agreement to
the results reported here, and they also illustrate that by a
methodology independent from the NBO framework, strikingly
different CT interactions are again observed to arise in the
respective spin manifolds.
In summary, the electron-deficient radicals accept electron

density from the polar solvent molecules through their n*
orbitals. This interpretation is supported by stronger binding
relative to analogous closed-shell complexes, delocalized spin
densities, and NLMO analysis. Similar binding motives of
electron donation into unoccupied n* orbitals (but for both α
and β electrons at the same time) can be found in transition
metal complexes.34

Electron-Rich Main Group Metals. For complexes of
electron-rich main group metal radicals with water molecules
(9−11, 13) binding energies also suggest significant covalent
character. The neutral H2O···Li

•, H2O···Na
•, and H2O···Al

•

complexes exhibit binding energies of −51.8, −23.8, and −31.6
kJ mol−1, respectively. By comparison, van-der-Waals com-
plexes of water with Ne and Ar (10.1, 10.2), which mimic
H2O···Na

•, are only very weakly bound. This indicates that
additional intermolecular interactions are present in the neutral
radical complexes. Similarly, the charged H2O···Be

•+ complex is
bound about twice as strongly as the analogous isoCoulombic
H2O···Li

+ complex. In this case, the Be•+−O distance is
shortened significantly compared to Li+−O, suggesting covalent
contributions to the binding. The contribution to the binding
energy due to electron correlation for these systems is in the
same range as for hydrogen-bonded systems (−3.4 to −7.4 kJ
mol−1), with the exception of H2O···Al

•, for which the
correlation contribution is slightly higher (−15.5 kJ mol−1).
The binding motives of the electron-rich complexes differ

from those of the electron-poor complexes studied here. For
H2O···Li

•, H2O···Na
•, and H2O···Be

•+, we observed a small
amount of spin density localized on the H2O fragment (Figure
3). For H2O···Al

•, however, the spin density assumes the shape
of a p-type orbital perpendicular to the bond axis, and is thus
likely not involved in the interaction. The computed binding
energies of the neutral complexes are too large to be explained
by dispersion alone. These data, as well as the large binding
energy of H2O···Be

•+ relative to H2O···Li
+, raise the question of

whether these complexes are held together by donor−acceptor
interactions. To explore this question, we turned to NBO/
NLMO analysis.
The NLMO interpretation of the H2O···Li

• complex suggests
interfragment delocalizations in both the α and β spin
manifolds (Figure 3 and 5). The α lone electron (ns) of Li•

delocalizes into an oxygen Rydberg orbital of water (Rysp*), and
to a lesser extent into the σOH* -antibonds of water. The β nsp of

Figure 4. NBO to NLMO mixing based on the BHandHLYP/aug-cc-
pVTZ density of the H2O···Cl

• complex. Numbers on dashed lines are
the squared coefficients of the NBO contribution to the NLMOs
rounded to three decimal places. (a) No delocalized NLMOs are
found for alpha electrons, whereas (b) a single NLMO spanning the
two fragments is found for beta electrons.
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water delocalizes into the ns* of Li•, analogous to the H2O···Li
+

complex. (Similar results for H2O···Na
• and H2O···Be

•+ are not
shown.) The large binding energy of 9, 10 compared to the
electron-deficient hemibonded complexes, despite the small
orbital mixing, is likely to be explained by a lower Pauli
repulsion and a ”donation−back-donation“ binding motive.
Such bidirectional bonding occurs in transition metal
complexes, for example in nickel−CO complexes (σ-bonding,
π-backbonding),34 but proceeds through the conventional
electron pair donor−acceptor interactions.
Orbital mixing in H2O···Be

•+ is qualitatively similar to that
observed in H2O···Li

•, but the delocalization of the water lone
electron (β-spin) is much more pronounced. The low orbital
energy of the beta ns* orbital in the H2O···Be

•+ system likely
contributes to the strong binding in this complex. Compared to
H2O···Li

•, the Be•+ ns* orbital is energetically closer to the nsp
water lone pair, which allows for a more favorable donor−
acceptor interaction. For H2O···Na

•, the smaller binding energy
compared to H2O···Li

• may be attributed to smaller orbital
overlap of the H2O-centered NBOs with the more diffuse
orbitals of Na•.
For H2O···Li

•, H2O···Be
•+, and H2O···Na

•, the squared
coefficients of the α ns NBOs entering the NLMOs are 0.943,
0.967, and 0.968, respectively, mainly due to delocalization into
a Rydberg orbital of oxygen. For the β spin orbitals, the squared
coefficients of the water lone electron NBO are 0.991, 0.963,
and 0.992, respectively, which is caused by delocalization into
the ns* of the metal. This provides further evidence that this β
electron interaction is responsible for the stronger binding of
H2O···Be

•+ compared to H2O···Li
+. For H2O···Al

•, delocaliza-
tion found by NLMO analysis is the same for both alpha and
beta electrons, where the nsp of water donates to the np* of Al
that lies in the bond axis (Figure 3), much like in transition
metal complexes. The covalent character of H2O···Al

• is
comparable to that of closed shell CT complexes, with the

water lone electrons entering the 1e-NLMOs with squared
coefficients of 0.985 and 0.984 for α and β electrons,
respectively. In summary, we found an α-donation β-back-
donation binding motive for s-block metals complexed to water,
whereas elemental aluminum is found to accept electron
density in its unoccupied pair of p-type spin orbitals, which may
be compared to metal−ligand complexes of d-block elements.

Open-Shell Hydrogen-Bonded Systems. Open-shell
hydrogen bonded systems (14−16) exhibit binding strengths
similar to analogous closed-shell hydrogen bonded systems
(17−19), and binding motives are similar as well. In the NBO
picture, a closed-shell H-bond is, in addition to electrostatic
interactions, described by a donor−acceptor component,
indicative of the partial covalency63 of the hydrogen bond.
There, a lone pair of the H-bond acceptor donates into the
σOH* /σFH* antibond of the H-bond donor. This is also the case
for most of the open-shell hydrogen bonded systems
considered here: the unpaired electron is usually localized in
a np orbital perpendicular to the bond axis, and it does not take
part in the donor−acceptor interaction. This observation is in
agreement with a previous detailed study on hydrogen bonding
of the hydroperoxy radical (HOO•).64 We did not observe
differences in the magnitude of NLMO interfragment
delocalization between closed-shell and open-shell H-bonded
complexes of similar strength. However an exception is FH···
BH2

•, where the np orbital remains unoccupied, and where the
unpaired electron (nsp) lies in the bond axis (Figure 2). Hence,
in this system, the donor−acceptor nature of the H-bond can
involve the unpaired electron, yielding a physical manifestation
in the spin density. For the weak HOH···CH3• complex, in
which the unpaired electron also lies in the bond axis, such a
“spin density transfer” was not observed based on visual
inspection of the spin density (data not shown). However,
recently reported COVP results of the (H3C)3C

•···HOH2
+ H-

bonded complex31 suggest a large α-spin only CT component,
so that a spin-density transfer may be expected, analogous to
what we report for FH···BH2

•. In contrast to the hydrogen
bonding of the hydroperoxy radical,64 we did not observe an
increased strength of the radical hydrogen bonds compared to
closed-shell analogues (17−19). This is attributed to the fact
that in the complexes of the hydroperoxy radical, the radical
acts (also) as an H-bond donor, and in that system the
electronic effects were found to enhance the H-bond donating
capacity compared to H2O2.

64

■ CONCLUSION
Most of the electron-deficient 2c3e complexes and electron-rich
water−metal complexes studied here are best explained as
charge-transfer or donor−acceptor complexes, where the CT
interaction is only present in one of the respective spin
manifolds. However, these 1e-CT interactions are more
strongly delocalized than the 1e component of closed-shell
H-bonds or closed-shell CT complexes. The electron-deficient
complexes investigated here are additionally characterized by a
strong contribution of electron correlation to the binding
energy, compared to the other types of complexes studied here.
In contrast, most open-shell H-bonded complexes, as well as
the H2O···Al

• complex, do not differ in binding motive from
corresponding closed-shell complexes.
Computed Mayer bond indices are in line with the

conclusions inferred from the other approaches used in the
present work. BAB values of the electron-deficient radical
complexes considered here are far from the value of 0.5 that

Figure 5. NBO to NLMO mixing based on the BHandHLYP/aug-cc-
pVTZ density of the H2O···Li

• complex. Numbers on dashed lines are
the squared coefficients of NBO contribution to the NLMOs rounded
to three decimal places. (a) The lone electron (alpha spin) delocalizes
into a Rydberg orbital of the water oxygen, as well as the two σOH*
antibonds of water. (b) In the beta spin manifold, a water lone pair is
slightly delocalized into the unoccupied s-orbital of Li•, much like in
the H2O···Li

+ complex.
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should be expected for hemibonded systems,16 with the
exceptions of HF···CO•+ and (arguably) H2O···F

•, both of
which are also best described with a single electron bond in the
NBO framework. However, bond order values of the electron-
deficient radical systems are all substantially different from zero,
and they indicate slightly increased delocalization compared to
the analogous closed-shell CT complexes studied here. These
results are consistent with findings by Maity,16 who studied a
set of eighteen electron-poor cationic radical complexes. For
some systems, Maity found bond order values ranging from
0.34 to 0.55 and correspondingly large spin density transfer,
whereas the remaining systems had lower bond order values
(0.0 to 0.16) and exhibited relatively small spin density transfer.
In summary, the bond indices and spin populations support the
conception that the H2O···Cl

•, H2O···Br
•, and H2O···NH3

•+

complexes studied here are CT complexes, whereas HF···CO•+

and H2O···F
• could be best described as “hemibonded”. Similar

conclusions can be drawn for the bond orders of the water-
metal complexes. The bond orders of H2O···Li

• and H2O···Na
•

are small compared to those of electron-deficient complexes
but still comparable to the bond orders of hydrogen bonds.
However, the open-shell water-S-block metal complexes exhibit
a significant bond order not only between oxygen and the metal
atom, but also between the metal and hydrogen. If we sum the
bond orders of the metal interactions with both O and H, this
would result in increases of BAB to 0.10 and 0.08 in H2O···Li

•

and H2O···Na
•, respectively.

We have shown that radical−solvent complexes can be
bound more strongly than analogous isoCoulombic closed-shell
complexes. In the NBO/NLMO picture, the studied complexes
exhibit donor−acceptor interactions which render them at least
as covalent as closed-shell hydrogen bonds or CT complexes.
Although the donor−acceptor nature of the hydrogen bond has
been a subject of discussion,63,65,66 the spin density of FH···
BH2

• provides objective evidence for a CT interaction which
does not depend on a particular energy decomposition scheme.
In summary, we attribute the binding in the electron-rich and
electron-deficient complexes studied to the presence of
additional and/or stronger donor−acceptor interactions
compared to closed-shell analogues, warranting further studies
on radical−solvent interactions. The application of energy
decomposition analysis based on localized orbitals,31 in future
studies, may provide further insight into the binding in radical−
solvent complexes.
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K.; Lauderdale, W. J.; Matthews, D. A.; Metzroth, T.; Mück, L. A.;
O’Neill, D. P.; Price, D. R.; Prochnow, E.; Puzzarini, C.; Ruud, K.;
Schiffmann, F.; Schwalbach, W.; Stopkowicz, S.; Tajti, A.; Vaźquez, J.;
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J.; Taylor, P. R.), ABACUS (Helgaker, T.; Jensen, H.J.Aa.; Jo̷rgensen,
P.; Olsen, J.), and ECP routines by Mitin, A. V.; van Wüllen, C. For
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