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A Solvent–Resistant Halogen Bond 

Craig C. Robertson,a Robin  N. Perutz,*,b Lee Brammer*,a and Christopher A. 

Hunter*, a 

The effect of solvent on the stabilities of complexes involving a single H-bond or halogen-bond (X-bond) 

has been quantified. Association constants for binary complexes of 4-(phenylazo)phenol, molecular 

iodine, tetramethylurea and tetramethylthiourea have been measured in fifteen different solvents by 

UV/vis absorption and 1H NMR titration experiments. The stabilities of the H-bonded complexes decrease 

by more than three orders of magnitude with increasing solvent polarity. In contrast, the X-bonded 

complex of molecular iodine with tetramethylthiourea is remarkably insensitive to the nature of the 

solvent (association constants measured in alkanes and alcohols are similar). The results suggest that, in 

contrast to H-bonds, where electrostatics determine thermodynamic stability, charge-transfer interactions 

make a major contribution to the stability of these X-bonded complexes rendering them resistant to 

increases in solvent polarity. 

Introduction 

A halogen bond (X-bond) is an attractive interaction between an electron-
deficient halogen and a Lewis base or π-system.1-3 X-bonds were first 
reported over a century ago by Guthrie4 but have recently become a focus of 
attention in the fields of crystal engineering,5-10 protein-ligand interactions,11-

12 catalysis13 and supramolecular and materials chemistry.14-20 Analysis of the 
geometries of X-bonds, D−X···A, in crystal structures reveal directional 
preferences that point to the role of the halogen "σ-hole" situated trans to the 
covalent D−X bond (DX and A are the X-bond donor and acceptor 
respectively). However, it is not clear whether this observation is due to the 
fact that (a) the σ-hole is the best site for an electrostatic interaction because 
the σ-hole is the most positive region on the molecular electrostatic potential 
surface, or (b) due to the fact that the σ-hole is the best site for a charge 
transfer interaction because the D−X σ* orbital is low in energy.21 Here we 
resolve this issue by investigating the effect of solvent on the thermodynamic 
stabilities of X-bonded complexes. 

The thermodynamic properties of X-bonds have been characterized for a 
wide range of complexes in non-polar organic solvents.22-24 Laurence et al 
used experimentally determined association constants for 1:1 complexes 
formed with molecular iodine in alkane solvents to develop a thermodynamic 
scale, pKBI2, to classify X-bond acceptor functional groups.22a The pKBI2 scale 
shows some parallels with the corresponding scale developed for H-bond 
interactions, pKBHX, which is based on experimentally determined association 
constants for formation of 1:1 complexes with 4-fluorophenol in carbon 
tetrachloride.25 However, there are some clear differences between the two 
scales, which suggests that there are fundamental differences between the 
factors that govern the thermodynamic properties of X-bonds and H-bonds. 
X-bonds are generally weaker than H-bonds, so experimental studies have 
focused on non-polar solvents, but here we show that it is possible to quantify 
X-bond interactions in much more polar solvent environments, providing 
some unique insight into the fundamental nature of the interaction. 

Figure 1 illustrates the electrostatic solvent competition model that we have 
developed for H-bonding interactions.26 The energy of a pairwise 
intermolecular interaction is estimated using the H-bond parameters, α and β, 
and solution-phase free energy change for complexation is obtained by 
comparing stabilities of the four complexes in Figure 1 (eqn. 1). 
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where α and β are the H-bond donor and acceptor parameters of the solutes, 
αS and βS are the solvent H-bond parameters, and the constant c was 
experimentally determined to be 6 kJ mol-1 in carbon tetrachloride solution 
and is assumed to be unchanged for other solvents. 

 

Figure 1. Formation of a complex between a H-bond donor (D−H) and a H-
bond acceptor (A). The position of equilibrium is determined by the four 
interaction energies, which can be estimated using the H-bond parameters α, 
β, αS and βS (see eqn. 1). 

The parameters used in eqn. 1 can be derived from molecular electrostatic 
potential surfaces calculated for the isolated molecules in the gas phase, so 
the thermodynamic properties of H-bonds can be estimated in a 
straightforward way from the chemical structures of the components.27 The 
validity of eqn. 1 was confirmed by comparison of ∆G°calc with experimental 
measurements on a range of different complexes in different solvents.28 Eqn. 
1 implies that the solvent competes for interactions at specific sites on the 
solutes and that the bulk solvent properties do not play an important role. 
Studies of solvent effects therefore offer excellent opportunities to probe the 
nature of intermolecular interactions, and here we apply this approach to X-
bonds. 

The compounds used are shown in Scheme 1. The 1•3 H-bonded complex 
and the 2•4 X-bonded complex are both known to be very stable in non-polar 
solvents,26,29 so these systems are promising candidates for quantifying 
binding interactions in more competitive solvents. In addition, the interaction 
of molecular iodine with thiocarbonyl compounds has been extensively 
studied by a variety of spectroscopic methods, and characteristic signatures 
have been identified for the different covalent and non-covalent adducts that 
can be formed.30 

Page 1 of 5 Chemical Science



ARTICLE Journal Name 

2 | J. Name., 2012, 00, 1-3 This journal is © The Royal Society of Chemistry 2012 

 

Scheme 1. H-bond donor 4-(phenylazo)phenol 1 (α = 4.2), X-bond donor 
iodine 2 and acceptors 3 tetramethylurea (β = 8.8) and 4 tetramethylthiourea 
(β = 6.4).26 

Results and discussion 

UV/vis absorption titrations were carried out on the two H-bonded 
complexes, 1•3 and 1•4, and the two X-bonded complexes, 2•3 and 2•4, in 
fifteen different solvents. Typical results are illustrated in Figure 2 (see SI for 
full details). The π-π* absorption band of 1 shifts from 336-342 nm to 350-
354 nm on formation of a H-bond (Figure 2a). Fitting the titration data to a 
1:1 binding isotherm gave the association constants recorded in Table 1. For 
some systems, absorption of the guest or the solvent obscured part of the 
UV/vis spectrum, so titrations were also carried out using 1H NMR 
spectroscopy. For systems where both UV/vis and NMR titrations were 
carried out, the results were consistent. 

 

Figure 2. UV/vis spectra for titrations of (a) 3 into a 0.1 mM solution of 1 
and (b) 2 into a 0.01 mM solution of 4 in n-octane at 298 K.  

 

Table 1 Association constants (M-1) measured by UV/vis or 1H NMR 
titrations at 298 K.a 

 
H-bond

 
X-bond

 

solvent 1•3 1•4 2•3 2•4 

 

n-octane 2,400 370 12 8,800 

carbon tetrachloride 410 24b 6 7,300 

toluene 230 4 3 11,000 

diiodomethane 210b 6b <1 37,000 

dibromomethane 110 <1 <1 34,000 

dichloromethane 90 9 2 58,000b 

chloroform 52 2b 1 20,000 

1,1,2,2-tetrachloroethane 35 6b <1 55,000 

di-n-octyl ether <1 <1 <1 1,600 

acetone 2b <1 <1 1,900b 

acetonitrile 3b <1 <1 2,800b 

nitromethane 5b <1 <1 2,100b 

i-propanol <1 <1 <1 3,600b 

ethanol <1 <1 <1 3,200b 

methanol <1 <1 <1 2,700b 
a See SI for errors. In all cases, greater than 50% saturation of the binding 
isotherm was achieved. 
b measured by 1H NMR titration. 

 

The 2•4 complex has a charge-transfer absorption band with λmax observed in 
the range 330-340 nm, depending on solvent (Figure 2b; SI section 8). In 
addition, the πg-σu absorption band of 2 shifts from λmax in the range 478-523 
nm to 431-450 nm on formation of a X-bond. The latter blue-shifted band is 
more difficult to discern in the titration of 2 into 4 (Figure 2b), but clearly 
evident in the titration of 3 into 2 (Figure S37). . Figure 3 shows the spectra 
for the fully bound X-bonded complexes 2•3 and 2•4.31 The charge-transfer 
band at 330-340 nm dominates in the 2•4 spectrum but is not present in the 
UV/vis spectrum of the 2•3 complex. The blue-shifted band for 2 at 431-450 
nm is now clearly evident for both complexes. Thiocarbonyl compounds can 
react with molecular iodine to form a variety of different covalent adducts.30 
However, the charge-transfer band observed in the 2•4 titrations is 
characteristic of a complex where the I−I bond is intact.32 In polar solvents, 
the 2•4 complex did react slowly to give new signals in the 1H NMR 
spectrum (see SI). Formation of these covalent adducts did not occur over the 
timescale of the titration experiments reported here. 

 

Figure 3. UV/vis spectra of (a) the 2•3 complex and (b) the 2•4 complex 
calculated from the UV/vis titration data in n-octane.31 

The association constants measured for the H-bonded complexes, 1•3 and 
1•4, span three orders of magnitude, and the values agree well with the free 
energy changes predicted by eqn. 1 (Figure 4, data in blue and red 
respectively). This implies that the stabilities of the complexes are 
determined simply by the relative polarities of the solutes and solvents: the 
complexes formed with 3 are more stable than the complexes formed with 4 
in all solvents, because 3 is a more polar H-bond acceptor; the complexes are 
most stable in the least polar solvent, n-octane, and the stability decreases 
with solvent polarity, so that binding is too weak to measure in the most polar 
solvent, methanol. 

The 2•3 X-bonded complex is the least stable of all four complexes studied. 
This complex is most stable in the least polar solvent, n-octane, and the 
stability decreases with solvent polarity, so that binding is too weak to 
measure in most solvents. In contrast, the 2•4 X-bonded complex is the most 
stable of the four complexes studied, and association constants could be 
measured in all fifteen solvents. The stability of this complex shows a 
remarkably different solvent-dependence from the other three complexes. 
The 2•4 association constant in the most polar solvent, methanol, decreases 
only 3-fold compared with the value determined in the least polar solvent, n-
octane. This result was confirmed by measuring the stability of the 2•4 
complex in different alcohols, ethanol and i-propanol, which gave very 
similar results to methanol. 
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The association constants for the 2•3 X-bonded complex show a similar 
solvent-dependence to the H-bonded complexes, which suggests that an 
effective value of α for molecular iodine can be estimated for 2 using eqn. 1 
(Figure 4). A fit of the experimental data for the 2•3 complex to eqn. 1 yields 
α = 2.8 (data in green). However, this value of α (or any other) fails to predict 
the properties of the 2•4 complex (Figure 4, data in gray). The electrostatic 
solvent competition model illustrated in Figure 1 is clearly not suitable for 
describing solvent effects on the stability of the 2•4 X-bonded complex.  

An investigation of the interaction of solvent with 2 was carried out by 
measuring association constants for all 2•solvent complexes in n-octane. The 
association constants in all cases are small (Ka ≤ 2 ± 1 M-1, Table S2) and 
showed no correlation with the stability of the 2•4 complex in these solvents. 
In addition, there is no correlation between the association constant for the 
2•4 complex and bulk solvent properties (see Fig S78). UV/vis absorption 
titrations carried out in mixtures of n-octane and TCE show that ∆G°expt is a 
linear function of the concentration of TCE, and there is no evidence of 
preferential solvation of the 2•4 complex that would lead to stabilization of 
the complex in halogenated solvents (see Fig S77). 

 
Figure 4. Comparison of experimental free energy changes on complexation 
(∆G°exp) with the values calculated using eqn. 1 (∆G°calc) for H-bonded 
complexes (1•3 shown in blue and 1•4 in red) and X-bonded complexes (2•3 
shown in green and 2•4 in grey). Experimental errors at the 95% confidence 
limit. The line representing ∆G°calc = ∆G°exp is shown in grey. 

 

The results in Table 1 and Figure 4 indicate that the factors that govern the 
stability of the 2•4 X-bond are quite different from the other three complexes. 
For example, the association constants for the 1•4, 1•3 and 2•3 complexes are 
more than an order of magnitude lower in TCE than in n-octane, whereas the 
2•4 complex is 6 times more stable in TCE than in n-octane. The UV/vis 
spectrum of the 2•4 complex is also different from the other three complexes 
in that there is a strong charge-transfer absorption band. The wavelength 
(330-340 nm) and extinction coefficient (30,000-55,000 M-1 cm-1) of this 
band are similar in all solvents where values could be measured (see SI). 
Crystal structures of complexes between molecular iodine and thiocarbonyl 
compounds exhibit geometries with short S···I distances (2.49–3.13 Å, RSI 
0.66–0.83) and elongated I−I distances (2.75–3.15 Å, compared with 2.70 Å 
in molecular iodine).33,34 The S···I and I−I distances are inversely correlated 
(Fig. 5), indicating a significant charge transfer component to these 
interactions. Laurence has suggested that the degree to which a base can 
transfer electrons into the I-I σ* orbital is responsible for the extent of 
elongation of the I−I bond and has reported a correlation between the change 
in diiodine bond length in the solid state and solution-phase binding 
constants.34 

 
Figure 5. Plot of S···I distance versus I−I bond length in iodine-thiocarbonyl 
complexes in the Cambridge Structural Database (see Table S3 for details). 

Conclusions 

The X-bond formed between tetramethylthiourea (4) and molecular iodine 
(2) is stable in a wide range of different solvents. In contrast to H-bonds, 
which are very sensitive to solvent polarity, this X-bond is not disrupted even 
by polar alcohol solvents. The H-bonds formed by 4 to (4-phylazo)phenol 1 
and the X-bonds formed by molecular iodine to tetramethylurea 3 exhibited 
the expected sensitivity to solvent. These results indicate that the 
thermodynamic properties of X-bonds cannot be explained by simple 
electrostatic arguments or the solvent competition model in Figure 1. We 
conclude that charge transfer interactions make a significant contribution to 
the stability of the 2•4 complex and that these interactions are remarkably 
insensitive to the nature of the solvent.  

The X-bonds formed by molecular iodine are significantly stronger than X-
bonds formed by organic iodine compounds.23,24 However, if the unusual 
stability the 2•4 complex in polar solvents were a general feature of X-
bonded complexes, it should be possible to find combinations of organic X-
bond donor and acceptor that show high affinities in polar solvents. Indeed, 
thermodynamic studies of X-bonded complexes involving organic iodine 
compounds suggest that stability is not dictated by simple electrostatic 
considerations.23a,35-37 Such effects have implications for the application of 
these non-covalent interactions in water and may provide the opportunity to 
exploit X-bonding in drug design.  
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