3 Molecular Interactions

Intermolecular forces that operate between the molecules of a pure substance
determine the thermodynamic properties of that substance. In the case of a mixture,
however, condderation must be given not only to interactions between like molecules,
but aso to interaction between unlike molecules®  The purpose of this section is to
give a brief introduction to the nature and variety of forces acting between molecules.

When a molecule is in the proximity of another, forces of atraction and repulson
grongly influence its behavior. For example, if there are no forces of attraction, gases
would not condense to form liquids and solids, and in the absence of repulsive forces,
condensed matter would not show resstance to compresson. The net energy of
interaction, or potentia energy, E, of non-bonded atoms or molecules is the result of both

these attractive (-E4) and repulsve effects (Er). There is one mgor repulsive

interaction, the tendency of two molecules to avoid occupying the same space (known as
the occluded space). There are several components to the overdl dtractive interaction
enagy (induding induced dipole-induced dipole, dipole-induced dipole, dipole-dipole
and quadrupole), collectively known as van der Waals' forces, as wel as specific forces
(induding Lewis acid-base interactions and hydrogen bonding).

To determine the magnitude of interaction between a solute and a given solvent, it
is necessary to condder the baance of the intermolecular forces between solvent-solvent,

solute-solute, and solvent-solute pairs of molecules in solution.  These intermolecular
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forces are consdered in terms of the dectrica properties of the molecules. The dectrica
behavior of individuad molecules may be classfied as (8 dectricdly neutrd and
symmetric, usudly giving rise to nonpolar molecules, (b) dectricdly neutrd but
asymmetric, that is, possessng permanent dipole moments, giving rise to polar
molecules, and () those having resdud vaences, giving rise to specific interactions such

as Lewis acid/base interactions and hydrogen bonding.*8”

3.1 Dispersion Interactions

Every molecule possess an ingantaneous eectric dipole due to dectron oscillations
that induce dipoles in neighboring molecules. The result is a net atractive interaction
that determines the solubility of a nonpolar solute in a non-polar solvent. For non-polar
molecules, such as CO», these indantaneous dipoles average to zero over time due to
ther rgpidly changing direction and magnitude. A smplified expresson can be used to
describe the potentid energy of this induced dipole-induced dipole interaction, known as

dispersion or van der Waals-London energy,*®
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Where Ejy is the dispersion energy between molecules “i” and /", @’ is the polarizability
(the ease with which the molecul€'s dectron "cloud" can be deformed by an dectric
fidd), r is the distance between the two molecules, and [ is the ionization potentid. From
egn. (3-1), it is the polarizability which is the key molecular propety of the solute and

solvent molecules that provides an indication of the strength of their interaction.
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London’s equation, egn. (3-1), does not hold a very smal separations where the
electron clouds overlap and the forces between molecules are repulsive raher than
attractive’®®  Figure3-1 is a representation of Mie's potentid energy function, of which
the Lennard-Jones potentid function (.) is a specia case,®® commonly used to describe

the repulsve and dtractive potentia energies as afunction of intermolecular distance r.
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As seen in the figure, the component of repulsve interaction rises very seeply to

high postive vaues (Eg) when the intermolecular separation fals below a certan

digance (r < s) but otherwise has little effect on the net energy, which is seen to be

attractive (-£ 4).
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Figure 3-1. Mie’s potential, where S is the collision diameter, at which the potential

energy is zero, and the maximum depth of the potential is € and occurs at an equilibrium
separation r,.



3.2 Polar Interactions

In addition to van der Wads-London dispersion forces, which are aways present
for al molecules, there can be additiond forces of attraction between two molecules if
one or both of these has a permanent dipole moment. A permanent dipole moment, mis
a result of an unsymmericd charge didribution present in some dectricdly neutrd
molecules.  If the magnitude of the two equa and opposte charges of this molecular

dipoleis denoted by ¢, and the distance of separation /, the dipole moment is given by
m= g % (3-3)

Apart from hydrocarbons (such as n-hexane, cyclohexane, benzene, etc.) and some
symmetrical compounds (such as carbon disulfide, tetrachloromethane, and
tetrachloroethene) all common organic solvents posses a permanent dipole moment between
0 and 5.4 Debye (D). ®* (1D is equal to 1.0 x 10™ dectrostatic units or 3.336 x 10

coulomb meters).

3.2.1 Dipole-Induced Dipole Interactions

If one of the molecules possesses a permanent dipole moment, m it can induce a
dipole in the second, neighboring molecule.  This induced moment dways lies in the
direction of the inducing dipole. Thus, attraction aways exists between the two
molecules, which is independent of temperature’®®  The resulting permanent dipole-
induced dipole, or van der Waals-Debye interaction energy, can be described by

- F = —afrnf +a?rn2
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(3-9
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where E; is the dipole-induced dipole energy between molecules “i” and “”. For van der
Waals-Debye interactions, it is the drength of the dipole moment in D which defines the

strength of the molecular interaction.**®

3.2.2 Dipole- Dipole Interactions

Findly, if both molecules have permanent dipole moments, there will be a force
of atraction between the molecules whose strength and direction are fixed as a result of
ther molecular dructure.  This Stuation only exids, however, when the attractive energy
is larger than the therma energy which can prevent the dipoles from optima orientation,
leading to a net atraction which is gdrongly temperature dependent. The smplified
expresson that accounts for permanent dipole-permanent dipole, or van der Waals-

Keesom, potentia energy is

2nd
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(3-5)

where E, is the dipole energy between molecules “i” and “;”, mis the srength of the
dipole moment in D, T is the absolute temperature, and £ is Boltzmann's congtant. As
with the van der Waas-Debye energy, the key parameter which determines the strength
of the interaction is the dipole moment. |t is observed that van der Waals-Debye and van
der Wads-Keesom forces can be sgnificant if the magnitude of either molecular dipole is
greater than about »1.0 Debye. Such large vaues of mare commonly associated with

functiond groups of atoms, such as-OH, -CN, -NH,, -COOH, and -NO.

3-36



Substances that are highly polar at ambient conditions, such as acetone, ammonia,
and water, typicdly have high critica temperatures, as shown in Table 3-1. However,
while a polar solvent such as acetone will dways have a permanent dipole moment due to
its molecular sructure, regardless of its physcd date, it will exhibit interactions more
like those of a nonpolar solvent a the elevated temperatures and pressures needed to
make it supercriticd. This is because as the temperature incresses, the dtractive
interaction energies decrease in magnitude until, a some higher temperaiure, dl dipole
orientations are equaly populated and the net interaction energy is zero. In fadt, it is
these high criticd temperatures and the inverse temperaiure-interaction energy
relationship that precludes the posshbility of finding a highly polar liquid solvent thet is

also apolar SCF solvent.

Table 3-1. Critical temperature and pressure of some common fluids.

Huid Criticd Criticd
Temperature Pressure
{®) (ps)
Neon, Ne -229 400
Nitrogen, N, -147 492
Argon, Ar -122 706
Xenon, Xe 17 858
Carbon dioxide, CO2 31 1072
Sulfur hexafluoride, SFs 46 545
Propane, CsHsg 97 617
Ammonia, NHz 133 1654
Acetone, C3HgO 235 682
Water, H,O 374 3209

3.2.3 Quadrupolar Interactions

Molecules can dso have higher-order polar moments such as a quadrupole

moment. COy, perhaps the most commonly used SCF, has a rather large quadrupole
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moment (-4.3° 10%° esy, the sign indicating that the oxygen aoms ae negative with
respect to the carbon aom'®). In this indance, the smplified formula for the
intermolecular quadrupole-quadrupole potential energy is'®®

070
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(3-6)

where Eq is the quadrupole energy between molecules “” and “”, C; is a condtant, and O
isthe quadrupole moment. For this type of interaction, Q, is the important parameter in
determining interaction drength. Like dipolar forces of attraction, quadrupolar forces of
atraction are inversely proportional to temperature, but decrease in magnitude with
intermolecular disgance much faster than dipolar forces. Therefore, the effect of a
quadrupole moment on thermodynamic properties is expected to be much less sgnificant
than a dipole moment.

Quadrupoles and dipoles can dso interact according to the simplified

expression, 1%

nig? | . nio?

- E
r3kT > kT

» C2

op (3-7)

where al variables are as described previoudy.

3.3 Donor-acceptor Interactions

In addition to disperson and polar interactions, specific donor-acceptor interactions

may exis between pars of molecules Lewis acid-base interactions are completely
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independent of the dipole moment and are operative when a basic (electron donating) site
interacts with an acidic (eectron accepting) Ste. A subset of the Lewis acid-base
interactions are hydrogen bonds, where the strength of hydrogen bonding is a function of
the acid strength of the hydrogen-bond donor and the base strength of the hydrogen-bond
acceptor. Atoms of higher eectronegativity than hydrogen (i,e. C, N, P, O, S, F, Cl, Br,
1), ae cgpable of forming bonds with hydrogen. The grength of these interactions
increases with increasing separation of the eectronegative series.  From Figure 3-2, it
can be seen then that the strongest hydrogen bonds would therefore occur between
hydrogen and oxygen, nitrogen, or fluorine. Other eements are ether too dectropositive
or too large to approach sufficiently close to the hydrogen atom.'®” It should be noted

that hydrogen bonds can be either intermolecular or intramolecular.
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Figure 3-2. Electronegativities of the elements.””

Specific interactions typicaly decrease with increasing temperature, in the same
way as van der Wads-Keesom forces, snce they depend on the adignment of the

moleculesin solution.
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3.4 Strengths of Intermolecular Interactions

Disperson (van der Wads-London) forces are universd for dl atoms and
molecules, and it is they that are responsble for the aggregation of molecules which
possess neither free charges nor permanent eectricd dipole moments. Even for many
molecules possessng permanent dipole moments, the mgor part of the coheson may be
due to disperson forces. For example, the caculated coheson energy of methyl ethyl
ketone (M= 3.3D) at 40°C consists of 22% polar energy, and 78% dispersion energy.'®®
In addition, typicdly, induced intermolecular potentids ae negligibly smdl in
comparison with potentids caused by permanent moments. Table 3-2 and 3-3 gives
exanples of the rdative magnitude of van der Wad forces between identicd and

different molecules, respectively.

Table 3-2. Relative magnitude of van der Waals forces between two identical
molecules.””’

VDW Forces between Two Identical
Molecules a 0°C (erg cm® x 10°°)

Molecule Dipole Dipole Induction Dispersion

Moment (D) | Eagn. (3-5) Eqgn. (3-4) Eqgn. (3-1)
Carbon Tetrachloride, 0 0 0 1460
CCly
Cyclohexane, CgH12 0 0 0 1560
Carbon Monoxide, 0.10 0.0018 0.0390 64.3
CO
Hydrogen bromide, 0.80 7.24 4.62 188
HBr
Hydrogen chloride, 1.08 24.1 6.14 107
HCI
Ammonia, NHs 1.47 82.6 9.77 70.5
Water, H,O 1.84 203 10.8 38.1
Acetone, C3HgO 2.87 1200 104 486
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The computed vaues in Table 3-2 indicate that the contribution of induction
forces is andl and that even for strongly polar substances, like ammonia, water, or

acetone, the contribution of disperson forcesisfar from negligible.

Table 3-3. Relative magnitude of van der Waals forces between two different
201

molecules.
Molecules Dipole VDW Forces between Two
Moment (D) Different Molecules a 0°C
(erg o x 10
D 2 D 2 Dipole Induction | Disperson
Eqgn. (3-5) | Egn. (3-4) | Egn. (3-1)
Carbon Cyclohexane, 0 0 0 0 1510
Tetrachloride, | CgHi2
CCly
Carbon Ammonia, 0 147 0 22.7 320
Tetrachloride, | NH3
CCly
Acetone, Cyclohexane, | 2.87 0 0 89.5 870
C3HeO CeH12
Carbon Hydrogen 0.10 | 1.08 0.206 2.30 82.7
Monoxide, chloride, HCI
CO
Water, H,O Hydrogen 1.84 | 1.08 69.8 10.8 63.7
chloride, HCI
Acetone, Ammonia, 287 | 147 315 32.3 185
C3HsO NH3
Acetone, Water, H,O 287 | 1.84 493 34.5 135
C3HsO

Agan, it is noticed that polar forces are not important when the dipole moment is
less than about 1 D and induction forces dways tend to be smaler than dispersion forces.

Donor-acceptor interactions between solute and solvent molecules generdly have
a greater influence than the combined van der Wads forces, due to their grester bond
energies.  Strong Lewis acid-base bond energies lie between -42 and —188 kJmol, and
weeker complexes, while less than gpproximatdy -42 kJmol, ae usudly 4ill larger than

van der Waals forces, which range from -4 to -40 k¥mol.?®?> The bond dissociation

3-41



energy for norma hydrogen bonds is from -13 to —42 kdmol,>*® while the strongest
hydrogen bonds, those formed with the most eectronegative dements (i.e. fluorine), are
as large as —155 kImal. The greater strength of hydrogen bonds as compared with van
der Wadls forces is due to the much smaler size of the hydrogen atom redive to any
other atom, which dlows it to approach another aom more closdy. Table 3-4 gives a

summary of the strengths of the various intermolecular interactions.

Table 3-4. Interaction strengths.

Interaction Type Interaction Strength

Van der Wads - 4t0—40 kImol

Hydrogen bonds (normd - large) - 13to—42 kJmal (up to— 155 kImoal)

Wesak Lewis acid/base < - 42 kImoal but generdly larger than van
der Wadls

Strong Lewis acid/base - 42 to — 188 kJmol
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