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Organic Chemistry
Lecture Two

physical properties of liquid and solid organic compounds



1. Physical property

A physical property is any measurable property whose value describes the state of
a physical system. Changes in a system’s physical properties can be used to
describe its transitions between momentary states. The measurement of physical
property can alter the arrangement of matter in a sample but not its molecule
structure. To put it another way, a physical property may involve a physical change

but not a chemical change.

An understanding of the various types of noncovalent forces allows us to explain,
on a molecular level, many observable physical properties of organic compounds.
In this lecture, we will concentrate on solubility (especially solubility in water),

melting point, and boiling point.
1.1 Solubility

When considering the solubility of an organic compound in a given solvent, the
most important question to ask ourselves is: how strong are the noncovalent
interactions between the compound and the solvent molecules? If the solvent is
polar, like water, then a smaller hydrocarbon component and/or more charged,
hydrogen bonding, and other polar groups will tend to increase the solubility. If the

solvent is non-polar, like hexane, then the exact opposite is true.

Imagine that you have a flask filled with water, and a selection of substances that
you will test to see how well they dissolve in the water. The first substance is table
salt, or sodium chloride. As you would almost certainly predict, especially if
you’ve ever inadvertently taken a mouthful of water while swimming in the ocean,
this ionic compound dissolves readily in water. Why? Because water, as a very

polar molecule, is able to form many ion-dipole interactions with both the sodium



cation and the chloride anion, the energy from which is more than enough to make

up for energy required to break up the ion-ion interactions in the salt crystal.
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The end result, then, is that in place of sodium chloride crystals, we have
individual sodium cations and chloride anions surrounded by water molecules — the
salt is now in solution. Charged species as a rule dissolve readily in water: in other

words, they are very hydrophilic (water-loving).

Now, we’ll try a compound called biphenyl, which, like sodium chloride, is a

biphenyl

colorless crystalline substance.

Biphenyl does not dissolve at all in water. Why is this? Because it is a very non-
polar molecule, with only carbon-carbon and carbon-hydrogen bonds. It is able to
bond to itself very well through nonpolar van der Waals interactions, but it is not
able to form significant attractive interactions with very polar solvent molecules
like water. Thus, the energetic cost of breaking up the biphenyl-to-biphenyl

interactions in the solid is high, and very little is gained in terms of new biphenyl-



water interactions. Water is a terrible solvent for nonpolar hydrocarbon molecules:

they are very hydrophobic (water-fearing).

Next, you try a series of increasingly large alcohol compounds, starting with

methanol (1 carbon) and ending with octanol (8 carbons).
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You find that the smaller alcohols - methanol, ethanol, and propanol - dissolve
easily in water, at any water/alcohol ratio that you try. This is because the water is
able to form hydrogen bonds with the hydroxyl group in these molecules, and the
combined energy of formation of these water-alcohol hydrogen bonds is more than
enough to make up for the energy that is lost when the alcohol-alcohol (and water-
water) hydrogen bonds are broken up. When you try butanol, however, you begin
to notice that, as you add more and more to the water, it starts to form a layer on

top of the water. Butanol is only sparingly soluble in water.

The longer-chain alcohols - pentanol, hexanol, heptanol, and octanol - are
increasingly non-soluble in water. What is happening here? Clearly, the same
favorable water-alcohol hydrogen bonds are still possible with these larger
alcohols. The difference, of course, is that the larger alcohols have larger nonpolar,
hydrophobic regions in addition to their hydrophilic hydroxyl group. At about four
or five carbons, the influence of the hydrophobic part of the molecule begins to

overcome that of the hydrophilic part, and water solubility is lost.



Now, try dissolving glucose in the water — even though it has six carbons just like
hexanol, it also has five hydrogen-bonding, hydrophilic hydroxyl groups in

addition to a sixth oxygen that is capable of being a hydrogen bond acceptor.

glucose

Its tipped the scales to the hydrophilic side, and it find that glucose is quite soluble

in water.

The ethanol was very water-soluble. How about dimethyl ether, which is a
constitutional isomer of ethanol but with an ether rather than an alcohol functional
group? We find that diethyl ether is much less soluble in water. Is it capable of
forming hydrogen bonds with water? Yes, in fact, it is —the ether oxygen can act as
a hydrogen-bond acceptor. The difference between the ether group and the alcohol

group, however, is that the alcohol group is both a hydrogen bond donor and

acceptor.
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The result is that the alcohol is able to form more energetically favorable
interactions with the solvent compared to the ether, and the alcohol is therefore

much more soluble.
1.2 Boiling point and melting point

The observable melting and boiling points of different organic molecules provides
an additional illustration of the effects of noncovalent interactions. The
overarching principle involved is simple: how well can a compound bind to itself?
Melting and boiling are processes in which noncovalent interactions between
identical molecules in a pure sample are disrupted. The stronger the noncovalent
interactions, the more energy that is required, in the form of heat, to break them

apart.

As a rule, larger molecules have higher boiling (and melting) points. Consider the
boiling points of increasingly larger hydrocarbons. More carbons and hydrogens
means a greater surface area possible for van der Waals interaction, and thus
higher boiling points. Below zero degrees centigrade (and at atmospheric pressure)
butane is a liquid, because the butane molecules are held together by Van der
Waals forces. Above zero degrees, however, the molecules gain enough thermal
energy to break apart and enter the gas phase. Octane, in contrast, remains in the
liquid phase all the way up to 128°C, due to the increased van der Waals

interactions made possible by the larger surface area of the individual molecules.
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The strength of intermolecular hydrogen bonding and dipole-dipole interactions is
reflected in higher boiling points. Look at the trend for hexane (van der Waals
interactions only), 3-hexanone (dipole-dipole interactions), and 3-hexanol
(hydrogen bonding). In all three molecules, van der Waals interactions are
significant. The polar ketone group allows 3-hexanone to form intermolecular
dipole-dipole interactions, in addition to the weaker van der Waals interactions. 3-
hexanol, because of its hydroxyl group, is able to form intermolecular hydrogen

bonds, which are stronger yet.
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Of particular interest to biologists (and pretty much anything else that is alive on
the planet) is the effect of hydrogen bonding in water. Because it is able to form
tight networks of intermolecular hydrogen bonds, water remains in the liquid phase
at temperatures up to 100 °C despite its small size. The world would obviously be

a very different place if water boiled at 30 °C.

By thinking about noncovalent intermolecular interactions, we can also predict
relative melting points. All of the same principles apply: stronger intermolecular
interactions result in a higher melting point. lonic compounds, as expected, usually
have very high melting points due to the strength of ion-ion interactions. Just like
with boiling points, the presence of polar and hydrogen-bonding groups on organic
compounds generally leads to higher melting points. The size of a molecule
influences its melting point as well as its boiling point, again due to increased van
der Waals interactions between molecules.
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What is different about melting point trends, that we don't see with boiling point or
solubility trends, is the importance of a molecule's shape and its ability of pack
tightly together. Picture yourself trying to make a stable pile of baseballs in the
floor. It just doesn't work, because spheres don't pack together well - there is very
little area of contact between each ball. It is very easy, though, to make a stack of

flat objects like books.

The same concept applies to how well molecules pack together in a solid. The flat
shape of aromatic compounds allows them to pack efficiently, and thus aromatics
tend to have higher melting points compared to non-planar hydrocarbons with
similar molecular weights. Comparing the melting points of benzene and toluene,
you can see that the extra methyl group on toluene disrupts the molecule's ability to
pack tightly, thus decreasing the cumulative strength of intermolecular van der

Waals forces and lowering the melting point.
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Note also that the boiling point for toluene is significantly above the boiling point
of benzene! The key factor for the boiling point trend in this case is size (toluene
has one more carbon), whereas for the melting point trend, shape plays a much
more important role. This makes sense when you consider that melting involves
‘unpacking’ the molecules from their ordered array, whereas boiling involves
simply separating them from their already loose (liquid) association with each

other.



