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PRELAB EXERCISE: Draw the structure of each of the following
organic compounds, identify the intermolecular attractive forces
for each, and list them in order of increasing boiling point as pre-

dicted by the relative strength of those intermolecular forces:
(a) acetaldehyde, (b) sodium formate, (c) ethanol, and (d) propane.

PART 1: Five Concepts for Predicting
Physical Properties

n organic chemistry, structure is everything. A molecule’s structure determines

both its physical properties and its reactivity. Since the dawn of modern chem-
istry 200 years ago, over 20 million substances, most of them organic compounds,
have been isolated, and their properties and reactions have been studied. It be-
came apparent from these studies that certain structural features in organic mole-
cules would affect the observed properties in a predictable way and that these
millions of organic compounds could be organized into classes based on molecu-
lar size, composition, and the pattern of bonds between atoms. Chemists also saw
trends in certain properties based on systematic changes in these structural
features. This organized knowledge allows us to look at a compound’s structure
and to predict the physical properties of that compound.

Physical properties, such as melting point, boiling point, and solubility, are
largely determined by intermolecular attractive forces. You learned about these
properties in previous chemistry courses. Because a solid understanding of these
concepts is critical to understanding organic chemistry, we will review the different
types of forces in the context of structural organic chemistry. Using five simple con-
cepts, you should be able to look at the structures of a group of different organic
molecules and predict which might be liquids, gases, or solids and which might be
soluble in water. You can often predict the boiling point, melting point, or solubility
of one structure relative to other structures. In fact, as your knowledge grows, you
may be able to predict a compound’s approximate melting or boiling temperature
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disposal procedures for every chemical in their catalog; Prudent Practices in the
Laboratory: Handling and Disposal of Chemicals®; and the Hazardous Labora-
tory Chemicals Disposal Guide.” The last title listed here should be on the book-
shelf of every laboratory. This 464-page book gives detailed information about
hundreds of hazardous substances, including their physical properties, hazardous
reactions, physiological properties, health hazards, spillage disposal, and waste
disposal. Many of the treatment procedures in “Cleaning Up” are adaptations of
these procedures. Destruction of Hazardous Chemicals in the Laboratory® com-
plements this book.

The area of waste disposal is changing rapidly. Many levels of laws apply—
local, state, and federal. What may be permissible to wash down the drain or
evaporate in the hood in one jurisdiction may be illegal in another, so before car-
rying out any waste disposal, check with your college or university waste disposal
officer.

Biohazards

The use of microbial growth bioassays is becoming common in chemistry labora-
tories. The use of infectious materials presents new hazards that must be recog-
nized and addressed. The first step in reducing hazards when using these materi-
als is to select infectious materials that are known not to cause illness in humans
and are of minimal hazard to the environment. A number of procedures should be
followed to make use of these materials safe: Individuals need to wash hands
after they handle these materials and before they leave the laboratory; work surfaces
need to be decontaminated at the end of each use; and all infectious materials need
to be decontaminated before disposal.

QUESTIONS )

1. Write a balanced equation for the reaction between the iodide ion, a
peroxide, and the hydrogen ion. What causes the orange or brown color?

2. Why does the horn of the carbon dioxide fire extinguisher become cold
when the extinguisher is used?

3. Why is water not used to extinguish most fires in an organic laboratory?

6. National Research Gouncil. Prudent Practices in the Laboratory: Handling and Disposal of Chemicals
National Academy Press: Washington, DC, 1995.

7. See footnote 4 on page 30.

8. Lunn, G.; Sansone, E. B. Destruction of Hazardous Chemicals in the Laboratory, Wiley:
New York, 1994.
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based on its structure. Your understanding of intermolecular attractive forces will be
very useful in this chapter’s experiments on melting and boiling points and those in
Chapters 5 and 6 that involve distillation and boiling points.

1. London Attractive Forces (Often Called
Van der Waals Forces)

Organic molecules that contain only carbon and hydrogen (hydrocarbons) are
weakly attracted to each other by London forces. Though weak, these attractive
forces increase as molecular size increases. Thus, the larger the molecule, the
greater the attractive force for neighboring molecules and the greater the energy
required to get two molecules to move apart. This trend can be seen if we compare
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the melting points and boiling points of three hydrocarbons of different size:
methane, hexane, and tetracosane.

We know that methane is called natural gas because methane’s physical
state at room temperature (20°C = 68°F) is a gas. Its London forces are so weak
that methane must be cooled to —162°C at 1 atm of pressure before the molecules
will stick together enough to form a liquid. Hexane is a very common liquid sol-
vent found on most organic laboratory shelves. The intermolecular forces be-
tween its molecules are strong enough to keep them from flying apart, but the
molecules are still able to flex and slide by each other to form a fluid. Hexane must
be heated above 69°C, which is 231°C hotter than methane, to convert all its mol-
ecules to a gas. Tetracosane, a Cy, solid hydrocarbon, is four times larger than
hexane, and its London forces are strong enough to hold the molecules rigidly in
place at room temperature. Tetracosane is one of the many long-chain hydrocar-
bons found in candle wax, which must be heated in order to disrupt the intermol-
ecular forces and melt the wax into a liquid. A lot of energy is required to convert
liquid tetracosane to a gas, as evidenced by its extremely high boiling point
(391°C).

2. Dipole-Dipole Attractive Forces

The attractive forces between molecules increases when functional groups con-
taining electronegative atoms such as chlorine, oxygen, and nitrogen are present
because these atoms are more electronegative than carbon. These atoms pull elec-
trons toward themselves, making their end of the bond slightly negatively charged
(3) and leaving the carbon slightly positively charged (8%), as shown for iso-
propyl chloride and acetone.

CEF CQS L) 8 CE:., 8+ & CEB 3 & CEE';, 5
+ — — + - + -
/CH—CH3 /CH—Ci CH—Cl /C =0 C:D/C =0
Cl; no dipole CH, +—= CH, +— Cit, B —— CH3H
Isobutane Isopropyl chloride Acetone
mp -137°C mp-117°C mp -94°C
bp 0°C bp +35°C bp +56°C
Gas at room temp. Liquid at room temp. Liquid at room temp.

A bond with a slight charge separation is termed a polar bond, and polar
bonds often give a molecule a dipole: slightly positive and negative ends sym-
bolized by an arrow in the direction of the negative charge (+—). Attraction of
the positive end of one molecule’s dipole to the negative end of another’s dipole
occurs between polar molecules, which increases the intermolecular attractive
force. Dipole-dipole attractive forces are stronger than London forces, as
demonstrated in the previous examples that show an increase in melting point
and boiling point when a methyl group of isobutane is replaced by chlorine or
oxygen.
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3. Hydrogen Bonding

Hydrogen bonding is an even stronger intermolecular attractive force, as evi-
denced by the large increase in the melting point and boiling points of the alcohol
methanol (MW = 32) relative to those of the hydrocarbon ethane (MW = 30),
both of comparable molecular weight. Hydrogen bonding occurs with organic
molecules containing O—H groups (for example, alcohols and carboxylic acids)
or N—H groups (for example, amines or amides). The hydrogen in these groups
is attracted to the unshared pair of electrons on the O or N of another molecule,
forming a hydrogen bond, often symbolized by a dashed line, which is shown for
methanol.

CHj
N
T, CH;
i CH R,
CHS— CH3 CH3 _'O:\\\ \.O./ ’ /Q.
0.,
Ethane H, I/’f/ &
mp —172°C %, H H .
bp —88°C o O
Gas at room temp. " NcH, CH;
Methanol
mp -97°C
bp +65°C

Liquid at room temp.

As this example indicates, the hydrogen bonds extend throughout the liquid.

One can think of these hydrogen bonds as molecular Velcro that can be pulled
apart if there is sufficient energy. Hydrogen bonding plays a major role in the spe-
cial physical behavior of water and is a major determinant of the chemistry of pro-
teins and nucleic acids in living systems.

4. lonic Attractive Forces

Recall that ionic substances, such as table salt (NaCl), are usually solids with high
melting points (>300°C) due to the strong attractive forces between positive and
negative ions. Most organic molecules contain only covalent bonds and have no
jonic attractive forces between them. However, there are three important excep-
tions involving acidic or basic functional groups that can form ionic structures as
the pH is raised or lowered.

1. The hydrogen on the —OH of the carboxyl group in carboxylic acids,
such as acetic acid, is acidic (H" donating) and reacts with bases such as
potassium hydroxide (KOH) and sodium bicarbonate (NaHCO3) to form
salts. The process is reversed by lowering the pH by adding an acid.
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Potassium acetate H Acetic acid H Sodium acetate
mp 306°C mp 17°C mp >300°C

The dry salts are ionic and have very high melting points, which is expected
for ionic substances. Note that this acidity is not observed for alcohols
where the —OH group is attached to a singly bonded (sp° or saturated)
carbon.

The hydrogen on an —OH group that is attached to an aromatic ring is
weakly acidic and reacts with strong bases such as sodium hydroxide
(NaOH) to form high melting ionic salts, as evidenced by the reaction of
phenol to sodium phenolate. Again, the reaction is reversed by the addition

5

of an acid.
OH O Na*
NaOH
—
H+
Phenol Sodium phenolate
mp 41°C mp 382°C

Note again that this acidity is not observed for alcohols where the —OH
group is attached to a singly bonded (sp® or saturated) carbon.

3. Amines (but not amides) are basic (H" accepting) and will react with acid to
form ionic amine salts with elevated melting points, as shown, for example,
for isopropyl amine.

CH; CH;
\ HCl1
CH—NH, m—— CH— 1\”'13+ ClI-
/ base /
CH; CH;
Isopropyl amine Isopropyl amine hydrochloride
mp -95°C mp 162°C

Amine salts can be converted back to amines by raising the pH by adding a
base.

5. Competing Intermolecular
Forces and Solubility

For pure compounds containing identical molecules, the total attractive force be-
tween molecules is the sum of all the attractive forces listed previously, both weak
and strong. These forces tend to work together to raise melting and boiling points
as the size of the molecule’s hydrocarbon skeleton increases and as polar,
hydrogen bonded, or ionic functional groups are incorporated into the molecule.
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However, solubility involves the interaction of two different molecules, which
may have different types of attractive forces. When we try to dissolve one sub-
stance in another, we have to disrupt the attractive forces in both substances to get
the molecules of the two substances to intermingle. For example, to get water
(polar with hydrogen bonding) and the hydrocarbons (nonpolar and no hydrogen
bonding) in motor oil to mix and dissolve in one another, we would have to dis-
rupt the London attractive forces between the oil molecules and the hydrogen
bonds between the water molecules. Because London forces are weak, separating
the oil molecules does not require much energy. However, breaking apart the
much stronger hydrogen bonds by inserting oil molecules between the water mol-
ecules requires considerable energy and is unfavorable. Therefore, oil or even the
simplest hydrocarbon, methane, is insoluble in water. This is the molecular basis
of the old adage “Oil and water don’t mix.”

In addition to carbon and hydrogen, the majority of organic molecules con-
tain other elements, such as nitrogen and oxygen, in functional groups that can be
polar, exhibit hydrogen bonding, show ionic tendencies, or have any combination
thereof, Can we predict the water solubility of these organic substances? Let’s
look at some examples and see.

Figure 3.1 shows a collection of small organic molecules of about the same
size and molecular weight listed in order of increasing boiling point or melting
point, which is consistent with the types of intermolecular forces discussed. With
the exception of the hydrocarbon butane, all of these substances are very soluble
in water—at least 100 g will dissolve in 1 L of water. It appears that the intermol-
ecular attractive forces between these polar, hydrogen bonded, or ionic molecules
and water compensates for the disruption of hydrogen bonding between water
molecules so the organic molecules can move into and intermingle with the water
molecules—in other words, dissolve.

Figure 3.2 shows a collection of larger organic molecules than those in
Figure 3.1, again listed in order of increasing melting and boiling point, which is
consistent with our knowledge of the strength of intermolecular attractive forces.
The important difference for this group is that the hydrocarbon portion of each
molecule is four carbons larger than for those in Figure 3.1. We might predict that
the larger hydrocarbon portion makes them behave more like the water-insoluble
hydrocarbon octane. Indeed, the larger hydrocarbon portion of these molecules
greatly reduces their solubility in water to less than 5 g/L of water except for the
two ionic compounds. These two, the amine hydrochloride and the sodium car-
boxylate compounds, have higher solubility—tens of grams per liter of water—
proof that ionic charges can interact strongly with water molecules.

This trend in water solubility based on the size of the hydrocarbon portion
continues for the set of even larger organic molecules shown in Figure 3.3 con-
taining C,4 to C,g hydrocarbon chains. Most are virtually insoluble in water; even
the ionic forms have solubilities of less than 1 g/L of water.

In addition to water, many other liquid solvents are used in the organic labo-
ratory to dissolve substances, including acetone, dichloromethane (CH,Cl,),
ethanol (CH;CH,OH), diethyl ether (CH;CH,OCH,CH3), hexane, methanol, and
toluene (C¢HsCH;). Predicting the solubility of different organic compounds,
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H FIG. 3.1

Some small organic molecules containing

4 atoms (carbon, oxygen, and nitrogen) in
order of increasing melting or boiling points.

/\/

C4 Hydrocarbon, butane
mp —138°C; bp 0°C
Insoluble in H,O

e NH;
C3; Amine
mp —43°C; bp 48°C
Soluble in H,0; Soluble in organic solvents

0]

N

C; Ketone, acetone
mp —94°C; bp 56°C
Soluble in H>0; Soluble in organic solvents

C; Alcohol

mp —127°C; bp 97°C
Soluble in H,0; Soluble in organic solvents

0]

A

C, Carboxylic acid. acetic acid
mp 17°C; bp 117°C
Soluble in H,0; Soluble in organic solvents

- NHz QI
C; Amine hydrochloride

mp 161°C
Soluble in H,O; Insoluble in organic solvents

0]

)LO"Na"

Sodium salt of C; carboxylic acid
mp 324°C
Soluble in H,O; Insoluble in organic solvents

H FIG. 3.2

Some organic molecules containing 8 atoms
(carbon, oxygen, and nitrogen) in order of
increasing melting or boiling points.

B SN T

Cg Hydrocarbon, octane
mp —57°C; bp 126°C
Insoluble in H,O

/\/\/\/ NH2

C; Amine
mp —-18°C; bp 154°C
Insoluble in H,O; Seluble in organic solvents

0]

/\/\)’K

C; Ketone
mp —-35°C; bp 150°C
Insoluble in HO; Soluble in organic solvents

/\/\/\/OH
C7 Alcohol
mp -34°C; bp 175°C
Insoluble in H,O; Soluble in organic solvents

o}

/V\)LOH

Cg Carboxylic acid
mp —2°C; bp 200°C
Insoluble in H>O; Soluble in organic solvents

/\/\/\/ NH;CI™
C7 Amine hydrochloride
mp 242°C
Soluble in HyO; Insoluble in organic solvents

0]

/\/\)J\O_Na+

Sodium salt of Cg4 carboxylic acid
mp 245°C
Soluble in H,O; Insoluble in organic solvents

such as those shown in Figures 3.1, 3.2, and 3.3, in these solvents can be done
using the intermolecular attractive force concepts discussed here. For example,
because the molecules in Figure 3.3 have long hydrocarbon skeletons, you would
predict that these would probably be soluble in the hydrocarbon hexane. This pre-
dictive rule can be summed up as “Like dissolves like.” You might also predict
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H FIG. 3.3
Some organic molecules containing 18 atoms (carbon, oxygen, and nitrogen) in order of
increasing melting or boiling points.

C,3 Hydrocarbon
mp 6°C
Insoluble in H,O

A/M

Cy7 Ketone
mp 48°C
Insoluble in H,O; Soluble in organic solvents

/\/\/\/\/\/\/\/\/ NE;

Cy7 Amine
mp 49°C
Insoluble in H,O; Soluble in organic solvents
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Cy7 Alcohol
mp 53°C
Insoluble in H,O; Soluble in organic solvents

0]

/\A/\/\NV\/U\OH

Cy Carboxylic acid
mp 63°C
Insoluble in H,O; Soluble in organic solvents

/\/\/\/\/\/\/\/\/ NH;* CI™

C;7 Amine hydrochloride
mp 165°C
Soluble in H,0; Slightly soluble in organic solvents

/\/\/\/V\/\/\/fL
O~Na*

Sodium salt of Cy4 carboxylic acid
mp 270°C
Soluble in H,0; Slightly soluble in organic solvents

that the two ionic materials would be the least soluble in hexane because of the
strong intermolecular forces in these solids, as evidenced by their high melting
points, which are so unlike the weak London forces in hexane. The solubility of
organic compounds in organic solvents and water at low, neutral, and high pH will
be considered in more detail when you learn about recrystallization in Chapter 4
and extraction in Chapter 7.
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PART 2: Melting Points
A. Thermometers

here are a few types of thermometers that can be used to read melting point

(and boiling point) temperatures: mercury-in-glass thermometers, non-
mercury thermometers, and digital thermometers. Mercury-in-glass thermometers
provide highly accurate readings and are ideal for use at high temperatures
(260°C—-400°C). Care should be taken not to break the thermometer, which will re-
lease the toxic mercury. Teflon-coated mercury thermometers are usable up to
260°C and are less likely to spill mercury if broken. If breakage does happen,
inform your instructor immediately because special equipment is required to clean
up mercury spills. A digital thermometer (Fig. 3.4) has a low heat capacity and a
fast response time. It is more robust than a glass thermometer and does not, of
course, contain mercury. Nonmercury thermometers may be filled with isoamyl
benzoate (a biodegradable liquid) or with a custom organic red-spirit liquid instead
of mercury. These thermometers give reasonably accurate readings at temperatures
up to 150°C, but above this temperature they need to be carefully calibrated. These
thermometers should be stored vertically to prevent thread separation.

B. Melting Points

The melting point of a pure solid organic compound is one of its characteristic
physical properties, along with molecular weight, boiling point, refractive index,
and density. A pure solid will melt reproducibly over a narrow range of tempera-
tures, typically less than 1°C. The process of determining this melting point is done
on a truly micro scale using less than 1 mg of material. The apparatus is simple,
consisting of a thermometer, a capillary tube to hold the sample, and a heating bath.

Melting points are determined for three reasons: (1) If the compound is a
known one, the melting point will help to characterize the sample. (2) If the com-
pound is new, then the melting point is recorded to allow future characterization
by others. (3) The range of the melting point is indicative of the purity of the com-
pound; an impure compound will melt over a wide range of temperatures.
Recrystallization of the compound will purify it and decrease the melting point
range. In addition, the entire range will be displaced upward. For example, an im-
pure sample might melt from 120°C to 124°C and after recrystallization melt at
125°C-125.5°C. A solid is considered pure if the melting point does not rise after
recrystallization.

A crystal is an orderly arrangement of molecules in a solid. As heat is added
to the solid, the molecules will vibrate and perhaps rotate but still remain a solid.
At a characteristic temperature the crystal will suddenly acquire the necessary en-
ergy to overcome the forces that attract one molecule to another and will undergo
translational motion—in other words, it will become a liquid.

The forces by which one molecule is attracted to another include ionic attrac-
tions, London forces, hydrogen bonds, and dipole-dipole attractions. Most, but by
no means all, organic molecules are covalent in nature and melt at temperatures
below 300°C. Typical inorganic compounds are ionic and have much higher
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H FIG. 3.6

A melting point-composition diagram for mixtures of the solids X and Y.

MpY
Liquid X + Y
Mp X
M
N h
) Liguid +
O solid X | solid Y
; ET
= I
E i LEutectic point, EP
1
| Solid X + Y
|
}
Mole % X 100 75 60 0
Mole % Y 0 25 40 100

melting points (e.g., sodium chloride melts at 800°C). Ionic organic molecules of-
ten decompose before melting, as do compounds having many strong hydrogen
bonds, such as sucrose.

Other factors being equal, larger molecules melt at higher temperatures than
smaller molecules. Among structural isomers, the more symmetrical isomers will
have the higher melting point. Among optical isomers, the R and § enantiomers
will have the same melting points; but the racemate (a mixture of equal parts of R
and S) will usually possess a different melting point. Diastereomers, another type
of stereoisomer, will have different melting points. Molecules that can form hy-
drogen bonds will usually possess higher melting points than their counterparts of
similar molecular weight.

The melting point behavior of impure compounds is best understood by con-
sidering a simple binary mixture of compounds X and Y (Fig. 3.5). This melting
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point—composition diagram shows melting point behavior as a function of com-
position. The melting point of a pure compound is the temperature at which the
vapor pressures of the solid and liquid are equal. But in dealing with a mixture, the
situation is different. Consider the case of a mixture of 75% X and 25% Y. At a
temperature below the eutectic temperature (ET), the mixture is solid Y and solid
X. At ET, the solid begins to melt. The melt is a solution of Y dissolved in liquid X.
The vapor pressure of the solution of X and Y together is less than that of pure X
at the melting point; therefore, the temperature at which X will melt is lower when
mixed with Y. This is an application of Raoult’s law (see Chapter 5). As the tem-
perature is increased, more and more of solid X melts until it is all gone at point
M (temperature /). The melting point range is thus from ET to m. In practice it is
very difficult to detect the ET when a melting point is determined in a capillary be-
cause it represents the point at which an infinitesimal amount of the solid mixture
has begun to melt.

In this hypothetical example, the liquid solution becomes saturated with Y at
the eutectic point (EP). This is the point at which X and Y and their liquid solu-
tions are in equilibrium. A mixture of X and Y containing 60% X will appear to
have a sharp melting point at the ET.

The melting point range of a mixture of compounds is generally broad, and
the breadth of the range is an indication of purity. The chances of accidentally
coming on the eutectic composition are small. Recrystallization will enrich the
predominant compound while excluding the impurity and will, therefore, de-
crease the melting point range.

It should be apparent that the impurity must be soluble in the compound, so
an insoluble impurity such as sand or charcoal will not depress the melting point.
The impurity does not need to be a solid. It can be a liquid such as water (if it is
soluble) or an organic solvent, such as the one used to recrystallize the compound;
this advocates the necessity for drying the compound before determining its melt-
ing point.

Advantage is taken of the depression of melting points of mixtures to prove
whether or not two compounds having the same melting points are identical. If X
and Y are identical, then a mixture of the two will have the same melting point; if
X and Y are not identical, then a small amount of X in Y or of Y in X will reduce
the melting point.

Apparatus

Melting Point Capillaries

Before using a melting point apparatus, the sample needs to be prepared for analysis.
Most melting point determinations require that the sample be placed in a capillary
tube. The experiments in this book require capillary tubes for sample preparation.
Capillaries may be obtained commercially or may be produced by drawing out
12-mm soft-glass tubing. The tubing is rotated in the hottest part of a Bunsen
burner flame until it is very soft and begins to sag. It should not be drawn out dur-
ing heating; it is removed from the flame and after a slight hesitation drawn
steadily and not too rapidly to arm’s length. With some practice it is possible to
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Sealing a melting point
capillary tube.
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produce 10-15 good tubes in a single drawing. The long capillary tube can be cut
into 100-mm lengths with a glass scorer. Each tube is sealed by rotating the end in
the edge of a small flame, as seen in Figure 3.6.

Filling Melting Point Capillaries. The dry sample is ground to a fine powder on a
watch glass or a piece of glassine paper on a hard surface using the flat portion of a
spatula. It is formed into a small pile, and the open end of the melting point capillary
is forced down into the pile. The sample is shaken into the closed end of the capillary
by rapping sharply on a hard surface or by dropping it down a 2-ft length of glass tub-
ing onto a hard surface. The height of the sample should be no more than 2-3 mm.

Sealed Capillaries. Some samples sublime (go from a solid state directly to the
vapor phase without appearing to melt) or undergo rapid air oxidation and de-
compose at the melting point. These samples should be sealed under vacuum.
This can be accomplished by forcing a capillary through a hole previously made
in a rubber septum and evacuating the capillary using a water aspirator or a me-
chanical vacuum pump (Fig. 3.7). Using the flame from a small micro burner, the
tube is gently heated about 15 mm above the tightly packed sample. This will
cause any material in this region to sublime away. It is then heated more strongly
in the same place to collapse the tube, taking care that the tube is straight when it
cools. It is also possible to seal the end of a Pasteur pipette, add the sample, pack
it down, and seal off a sample under vacuum in the same way.

Melting Point Devices. The apparatus required for determining an accurate melt-
ing point need not be elaborate; the same results are obtained on the simplest as
on the most complex devices. The simplest setup involves attaching the sample-
filled, melting point capillary to a thermometer using a rubber band and immers-
ing them into a silicone oil bath (Fig. 3.8). This rubber band must be above the
level of the oil bath; otherwise, it will break in the hot oil. The sample should be
close to and on a level with the center of the thermometer bulb. This method can
analyze compounds whose melting points go up to ~350°C. If determinations are
to be done on two or three samples that differ in melting point by as much as
10°C, two or three capillaries can be secured to the thermometer together; the
melting points can be observed in succession without removing the thermometer
from the bath. As a precaution against the interchange of tubes while they are be-
ing attached, use some system of identification, such as one, two, and three dots
made with a marking pencil.

More sophisticated melting point devices, some of which can attain tempera-
tures of 500°C, will now be described.

The Thomas—Hoover Uni-Melt apparatus (Fig. 3.9) will accommodate up to
seven capillaries in a small, magnified, lighted beaker of high-boiling silicone oil
that is stirred and heated electrically. The heating rate is controlled with a variable
transformer that is part of the apparatus. The rising mercury column of the ther-
mometer can be observed with an optional traveling periscope device so the eye
need not move away from the capillary. For industrial, analytical, and control
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H FIG 3.8 H FIG. 3.9
A simple melting point apparatus. The Thomas—Hoover Uni-Melt
melting point apparatus.

Melting point
capillary \
f Small rubber band

A
A TYIT

= Heating oil
bath

Sample ——{l '

d

work the Mettler apparatus determines the melting point automatically and dis-
plays the result in digital form.

The Mel-Temp apparatus (Fig. 3.10) consists of an electrically heated alu-
minum block that accommodates three capillaries. The sample is illuminated
through the lower port and observed with a six-power lens through the upper port.
The heating rate can be controlled and, with a special thermometer, the apparatus
can be used up to 500°C—far above the useful limit of silicone oil (which is about
350°C). For this melting point apparatus it is advisable to use a digital thermome-
ter rather than the mercury-in-glass thermometer.

The Fisher-Johns melting point apparatus (Fig. 3.11) is used to determine the
melting point of a single sample. Instead of a capillary tube, the sample is placed
between two thin glass disks that are placed on an aluminum heating stage. Heat-
ing is controlled by a variable transformer, and melting is observed through a
magnifier; the melting temperature is read from a mercury-in-glass thermometer.
This apparatus can be used for compounds that melt between 20°C and 300°C.

Determining the Melting Point

The accuracy of the melting point depends on the accuracy of the thermometer, so
the first exercise in the following experiments will be to calibrate the thermome-
ter. Melting points of pure, known compounds will be determined and deviations
recorded so a correction can be applied to future melting points. Be forewarned,
however, that thermometers are usually fairly accurate.
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H FIG. 3.10 W FIG 3.11
The Mel-Temp melting point The Fisher-Johns melting point apparatus.
apparatus.

A

The rate of heating is the most
important factor in obtaining
accurate melting points. Heat no
faster than 1°C per minute.

The most critical factor in determining an accurate melting point is the rate of
heating. At the melting point the temperature increase should not be greater than
1°C per minute. This may seem extraordinarily slow, but it is necessary in order
for heat from the oil bath or the heating block to be transferred equally to the sam-
ple and to the glass and mercury of the thermometer.

From your own experience you know the rate at which ice melts. Consider
performing a melting point experiment on an ice cube. Because water melts at
0°C, you would need to have a melting point bath a few degrees below zero. To
observe the true melting point of the ice cube, you would need to raise the tem-
perature extraordinarily slowly. The ice cube would appear to begin to melt at 0°C
and, if you waited for temperature equilibrium to be established, it would all be
melted at 0.5°C. If you were impatient and raised the temperature oo rapidly, the
ice might appear to melt over a range of 0°C to 20°C. Similarly, melting points de-
termined in capillaries will not be accurate if the rate of heating is too fast.

EXPERIMENTS )

1. Calibration of the Thermometer

Determine the melting point of standard substances (Table 3.1) over the tempera-
ture range of interest. The difference between the values found and those expected
constitutes the correction that must be applied to future temperature readings. If
the thermometer has been calibrated previously, then determine one or more melt-
ing points of known substances to familiarize yourself with the technique. If the
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TABLE 3.1 e Melting Point Standards |

Compound Structure Melting Point (°C)
Naphthalene (a) OO 80-82
O
Urea (b) I 132.5-133
H,NCNH,
NH, :
Sulfanilamide (c) @ 164-165
SO,NH,
COCH
4-Toluic acid (d) @ 180-182
CH,
// \
Anthracene (e) I 214-217
NS =
0O CH,
HJC\N/UIIL
Caffeine (f) l > 234-236.5
. 4
(evacuated capillary) OA\'N* _______ ‘N
l
CH,

determinations do not agree within 1°C, then repeat the process. Both mercury-in-
glass and digital thermometers will need to be calibrated; nonmercury thermome-

ters are not typically used for melting point determination.

2. Melting Points of Pure Urea

and Cinnamic Acid

Using a metal spatula, crush the sample to a fine powder on a hard surface such as
a watch glass. Push the open end of a melting point capillary into the powder and
force the powder down in the capillary by tapping the capillary or by dropping it
through a long glass tube held vertically and resting on a hard surface. The col-
umn of solid should be no more than 2-3 mm in height and should be tightly

packed.



Heat rapidly to within 20°C of
the melting point.

Heat slowly (<< 1°C/min) near the
melting temperature.
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If the approximate melting temperature is known, the bath can be heated rap-
idly until the temperature is about 20°C below this point; the heating during the
last 15°C—=20°C should slow down considerably so the rate of heating at the melt-
ing point is no more than 1°C per minute while the sample is melting. As the melt-
ing point is approached, the sample may shrink because of crystalline structure
changes. However, the melting process begins when the first drops of liquid are
seen in the capillary and ends when the last trace of solid disappears. For a pure
compound this whole process may occur over a range of only 0.5°C; hence, it is
necessary to slowly increase the temperature during the determination.

Determine the melting point (mp) of either urea (mp 132.5°C-133°C) or cin-
namic acid (mp 132.5°C-133°C). Repeat the determination; if the two determina-
tions do not check within 1°C, repeat a third time.

3. Melting Points of
Urea-Cinnamic Acid Mixtures

IN THIS EXPERIMENT you will see dramatic evidence of the phenomenon of
melting point depression, which will allow you to prepare a phase diagram like that

shown in Figure 8.5 (on page 47).

Make mixtures of urea and cinnamic acid in the approximate proportions 1:4,
1:1, and 4:1 by putting side by side the correct number of equal-sized small piles
of the two substances and then mixing them. Grind the mixture thoroughly for at
least a minute on a watch glass using a metal spatula. Note the ranges of melting
of the three mixtures and use the temperatures of complete liquefaction to con-
struct a rough diagram of melting point versus composition.

4. Unknowns

Determine the melting point of one or more of the unknowns selected by your in-
structor and identify the substance based on its melting point (Table 3.2). Prepare two
capillaries of each unknown. Run a very fast determination on the first sample to as-
certain the approximate melting point. Cool the melting point bath to just below the
melting point and make a slow, careful determination using the other capillary.

5. An Investigation: Determination
of Molecular Weight Using
Melting Point Depression

Before the mass spectrometer came into common usage, the molal freezing point
depression of camphor was used to determine molecular weights, Whereas a 1%
solid solution of urea in cinnamic acid will cause a relatively small melting point
depression, a 1% by weight solid solution in camphor of any organic compound
with a molecular weight of 100 will cause a 4.0°C depression in the melting point
of the camphor. Quantitative use of this relationship can be used to determine the
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TABLE 3.2 ® Melting Point Unknowns

Compound Melting Point (°C)
Benzophenone 49-51
Maleic anhydride 52-54
4-Nitrotoluene 54-56
Naphthalene 80-82
Acetanilide 113.5-114
Benzoic acid 121.5-122
Urea 132.5-133
Salicylic acid 158.5-159
Sulfanilamide 165-166
Succinic acid 184.5-185
3,5-Dinitrobenzoic acid 205-207
p-Terphenyl 210-211

molecular weight of an unknown. You can learn more about the details of this
technique in very old editions of Organic Experiments' or by searching the Web
for “colligative properties, molal freezing point depression.” Visit this book’s
website for more information.

PART 3: Boiling Points

he boiling point of a pure organic liquid is one of its characteristic physical

properties, just like its density, molecular weight, and refractive index, and
the melting point of its solid state. The boiling point is used to characterize a new
organic liquid, and knowledge of the boiling point helps to compare one organic
liquid to another, as in the process of identifying an unknown organic substance.

A comparison of boiling points with melting points is instructive. The process
of determining the boiling point is more complex than that for the melting point:
It requires more material, and because it is less affected by impurities, it is not as
good an indication of purity. Boiling points can be determined on a few micro-
liters of a liquid, but on a small scale it is difficult to determine the boiling point
range. This requires enough material to distill—about 1 to 2 mL. Like the melting
point, the boiling point of a liquid is affected by the forces that attract one mole-
cule to another—ionic attraction, London forces, dipole-dipole interactions, and
hydrogen bonding, as discussed in Part 1 of this chapter.

Structure and Boiling Point

In a homologous series of molecules the boiling point increases in a perfectly reg-
ular manner. The normal saturated hydrocarbons have boiling points ranging from
—162°C for methane to 330°C for n-C,9H,q, an increase of about 27°C for each

1. Fieser L. F. Organic Experiments, 2nd ed.; D.C. Heath: Lexington, MA, 1968; 38-42,




Boiling points decrease about
0.5°C for each 10-mm decrease
in atmospheric pressure.
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thermometers to your instructor.
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CH, group. It is convenient to remember that n-heptane with a molecular weight
of 100 has a boiling point near 100°C (98.4°C). A spherical molecule such as
2,2-dimethylpropane has a lower boiling point than n-pentane because it does not
have as many points of attraction to adjacent molecules. For molecules of the
same molecular weight, those with dipoles, such as carbonyl groups, will have
higher boiling points than those without, and molecules that can form hydrogen
bonds will boil even higher. The boiling point of such molecules depends on the
number of hydrogen bonds that can be formed. An alcohol with one hydroxyl
group will boil at a lower temperature than an alcohol with two hydroxyl groups
if they both have the same molecular weight. A number of other generalizations
can be made about boiling point behavior as a function of structure; you will learn
about these throughout your study of organic chemistry.

Boiling Point as a Function of Pressure

Because the boiling point of a pure liquid is defined as the temperature at which
the vapor pressure of the liquid exactly equals the pressure exerted on it, the boil-
ing point will be a function of atmospheric pressure. At an altitude of 14,000 ft the
boiling point of water is 81°C. At pressures near that of the atmosphere at sea
level (760 mm), the boiling point of most liquids decreases about 0.5°C for each
10-mm decrease in atmospheric pressure. This generalization does not hold for
greatly reduced pressures because the boiling point decreases as a nonlinear func-
tion of pressure (see Fig. 5.2 on page 91). Under these conditions a nomograph re-
lating the observed boiling point, the boiling point at 760 mm, and the pressure in
millimeters should be consulted (see Fig. 6.19 on page 128). This nomograph is
not highly accurate; the change in boiling point as a function of pressure also de-
pends on the type of compound (polar, nonpolar, hydrogen bonding, etc.). Consult
the CRC Handbook of Chemistry and Physics” for the correction of boiling points
to standard pressure.

Most mercury-in-glass laboratory thermometers have a mark around the stem
that is 3 in. (76 mm) from the bottom of the bulb. This is the immersion line; the
thermometer will record accurate temperatures if immersed to this line. If you
break a mercury thermometer, immediately inform your instructor, who will use
special apparatus to clean up the mercury. Mercury vapor is very toxic.

Calibrating the Thermometer

If you have not previously carried out a calibration, test the 0°C point of your ther-
mometer with a well-stirred mixture of crushed ice and distilled water. To check
the 100°C point, put 2 mL of water in a test tube with a boiling chip to prevent
bumping and boil the water gently over a hot sand bath with the thermometer in
the vapor from the boiling water. Make sure that the thermometer does not touch
the side of the test tube. Then immerse the bulb of the thermometer into the liquid
and see if you can observe superheating. Check the atmospheric pressure to de-
termine the true boiling point of the water.

2. Lide, D. R, ed. CRC Handbook of Chemistry and Physics, 86th ed.; CRC Press: Boca Raton, FL, 2005.
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Distillation Considerations

Prevention of Superheating—Boiling Sticks
and Boiling Stones

Superheating occurs when a very clean liquid in a very clean vessel is heated to a
temperature above its boiling point without ever actually boiling. That is, if a ther-
mometer is placed in the superheated liquid, the thermometer will register a tem-
perature higher than the boiling point of the liquid. If boiling does occur under these
conditions, it occurs with explosive violence. To avoid this problem, boiling stones
or boiling sticks are always added to liquids before heating them to boiling—
whether to determine a boiling point or to carry out a reaction or distillation. These
boiling stones or sticks provide the nuclei on which the bubble of vapor indicative
of a boiling liquid can form; be careful not to confuse the bubbling for boiling. Some
boiling stones, also called boiling chips, are composed of porous unglazed porce-
lain. This material is filled with air in numerous fine capillaries. With heating, this
air expands to form the fine bubbles on which even boiling can take place. Once the
liquid cools, it will fill these capillaries and the boiling chip will become ineffectual,
so another chip must be added each time the liquid is reheated to boiling. Wooden
boiling sticks about 1.5 mm in diameter—often called applicator sticks—also pro-
mote even boiling and, unlike stones, are removed easily from the solution. None of
these work well for vacuum distillation (see Chapter 6).

Closed Systems

Distillations that are run at atmospheric pressure need to be open to the atmos-
phere to avoid pressure buildup, which could lead to an explosion. Therefore, al-
ways make sure that a distillation setup is not a closed system—unless, of course,
you are running a vacuum distillation.

Boiling Point Determination: Apparatus
and Technique

Boiling Point Determination by Distillation

When enough material is available (at least 3 mL), the best method for determining
the boiling point of a liquid is to distill it (see Chapter 5). Distillation allows the boil-
ing range to be determined and thus gives an indication of purity. Bear in mind,
however, that a constant boiling point is not a guarantee of homogeneity and thus
purity. Constant-boiling azeotropes such as 95% ethanol are common.

Boiling Point Determination Using a Digital Thermometer
and a Reaction Tube

Boiling points can be measured rapidly and accurately using an electronic digital
thermometer, as depicted in Figure 3.12. Although digital thermometers are cur-
rently too expensive for each student to have, several of these in the laboratory
can greatly speed up the determination of boiling poinis. Digital thermometers are
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H FIG. 3.12 Digital
Using a digital thermometer thermometer
for determining boiling points.

Surface
probe

. A

Mo

M5!

u N

: % Refluxing
N | | vapor

Boiling chip Boiling liquid

much safer to use because there is no danger from toxic mercury vapor if the ther-
mometer is accidentally dropped.

The surface probe of the digital thermometer is the active element. Unlike the
bulb of mercury at the end of a thermometer, this element has a very low heat ca-
pacity and a very fast response time, so boiling points can be determined very
quickly in this apparatus. About 0.2 mL to 0.3 mL of the liquid and a boiling chip
are heated on a sand bath until the liquid refluxes about 3 cm up the tube. The
probe should not touch the side of the reaction tube but should be placed approx-
imately 5 mm above the liquid. The boiling point is the highest temperature
recorded by the thermometer and is maintained for about 1 min. The application
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B FIG. 3.13

A small-scale boiling-point
apparatus. Be sure the
thermometer does not touch
the tube.
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of heat will drive tiny bubbles of air from the boiling chip; do not mistake these
tiny bubbles for true boiling; this mistake can readily happen if the unknown has
a very high boiling point.

Boiling Point Determination in a Reaction Tube

If a digital thermometer is not available, use the apparatus shown in Figure 3.13.
Using a distilling adapter at the top of a reaction tube allows access to the atmos-
phere. Place 0.3 mL of the liquid along with a boiling stone in a 10 X 100-mm
reaction tube, clamp a thermometer so that the bulb is just above the level of the
liquid, and then heat the liquid with a sand bath. 1t is very important that no part
of the thermometer touch the reaction tube. Heating is regulated so that the boil-
ing liquid refluxes about 3 cm up the thermometer but does not boil out of the ap-
paratus. If you cannot see the refluxing liquid, carefully run your finger down the
side of the reaction tube until you feel heat. This indicates where the liquid is re-
fluxing. Droplets of liquid must drip from the thermometer bulb to thoroughly
heat the mercury. The boiling point is the highest temperature recorded by the
thermometer and is maintained over about a 1-min time interval.

The application of heat will drive out tiny air bubbles from the boiling chip.
Do not mistake these tiny bubbles for true boiling. This can occur if the unknown
has a very high boiling point. It may take several minutes to heat up the mercury
in the thermometer bulb. True boiling is indicated by drops dripping from the ther-
mometer, with a constant temperature recorded on the thermometer. If the tem-
perature is not constant, then you are probably not observing true boiling.

Boiling Point Determination Using a 3-mm to 5-mm Tube

For smaller quantities, a 3-mm to 5-mm diameter tube is attached to the side of the
thermometer by a rubber band (Fig. 3.14) and heated with a liquid bath. The tube,
which can be made from tubing 3 mm to 5 mm in diameter, contains a small
inverted capillary. This is made by cutting a 6-mm piece from the sealed end of a
melting point capillary, inverting it, and sealing the closed end to the capillary. A
centimeter ruler is printed on the inside back cover of this book.

‘When the sample is heated in this device, the air in the inverted capillary will
expand, and an occasional bubble will escape. At the true boiling point a continu-
ous and rapid stream of bubbles will emerge from the inverted capillary. When
this occurs, the heating is stopped, and the bath is allowed to cool. A time will
come when bubbling ceases and the liquid just begins to rise in the inverted cap-
illary. The temperature at which this happens is recorded. The liquid is allowed to
partially fill the small capillary, and the heat is applied carefully until the first bub-
ble emerges from the capillary. The temperature is recorded at that point. The two
temperatures approximate the boiling point range for the liquid.

As the liquid was being heated, the air expanded in the inverted capillary and
was replaced by vapor of the liquid. The liquid was actually slightly superheated
when rapid bubbles emerged from the capillary, but on cooling a point was
reached at which the pressure on the inside of the capillary matched the outside
(atmospheric) pressure. This is, by definition, the boiling point.
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Cleaning Up. Place the boiling point sample in either the halogenated or nonhalo-
genated waste container. Do not pour it down the sink.

QUESTIONS )

1. What effect would poor circulation of the melting point bath liquid have on
the observed melting point?

2. What is the effect of an insoluble impurity, such as sodium sulfate, on the
observed melting point of a compound?

3. Three test tubes, labeled A, B, and C, contain substances with
approximately the same melting points. How could you prove the test tubes
contain three different chemical compounds?

4. One of the most common causes of inaccurate melting points is too rapid
heating of the melting point bath. Under these circumstances, how will the
observed melting point compare to the true melting point?

5. Strictly speaking, why is it incorrect to speak of a melting point?

6. What effect would the incomplete drying of a sample (for example, the
incomplete removal of a recrystallization solvent) have on the melting
point?

7. Why should the melting point sample be finely powdered?

8. You suspect that an unknown is acetanilide (mp 113.5°C-114°C). Give a
qualitative estimation of the melting point when the acetanilide is mixed
with 10% by weight of naphthalene.

9. You have an unknown with an observed melting point of 90°C-93°C. Is
your unknown compound A with a reported melting point of 95.5°C-96°C
or compound B with a reported melting point of 90.5°C-91°C? Explain.
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10. Why is it important to heat the melting point bath or block slowly and
steadily when the temperature gets close to the melting point?

11. Why is it important to pack the sample tightly in the melting point
capillary?

12. An unknown compound is suspected to be acetanilide (mp 113.5°C-114°C).
What would happen to the melting point if this unknown were mixed with
(a) an equal quantity of pure acetanilide? (b) an equal quantity of benzoic

acid?
S, 13. Which would be expected to have the higher boiling point, #-butyl alcohol
: Online Study Center (2-methyl-2-propanol) or n-butyl alcohol (1-butanol)? Explain.
EonoralHasatrces 14. What is the purpose of the side arm of the thermometer adapter in
Web Links Figure 3.13?
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