








AP Chemistry Curriculum Module: Chemical Bonding

2006 Question 6

Answer each of the following in terms of principles of molecular behavior and

chemical concepts.

(a) The structures for glucose, C;H,,0q, and cyclohexane, C;H,,, are shown below.

CHleH

o H
H-C—C—H
H \ H
N /
C C
H / \H
HC—C—H
H H

Identify the type(s) of intermolecular attractive forces in:

(i) pure glucose

Answer: Hydrogen bonding OR dipole-dipole interactions OR van de Walls
interactions. (London dispersion forces may also be mentioned.)

(i) pure cyclohexane
Answer: London dispersion forces
(b) Glucose is soluble in water but cyclohexane is not soluble in water. Explain.

Answer:

o Glucose is polar and cyclohexane is nonpolar.
« Polar solutes (such as glucose) are generally soluble in polar solvents such as water.

« Nonpolar solutes (such as cyclohexane) are not soluble in the polar solvent.

Students generally answered Part a of this question correctly. Students seemed to
have trouble differentiating between intermolecular and intramolecular forces

throughout this question.
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Chemical Bonding

Similar topics and/or terms should not be introduced at the same time, if possible. If
the text you are using includes intermolecular and intramolecular bonding in the same
chapter, you may want to consider adjusting the sequence.

2005 Question 7

Use principles of atomic structure, bonding and/or intermolecular forces to respond
to each of the following. Your response must include specific information about all
substances referred to in each question.

(a) Ata pressure of 1 atm, the boiling point of NH,(/) is 240 K, whereas the boiling
point of NF,(/) is 144 K.

(7)) Identify the intermolecular force(s) in each substance.

Answer: NH, has dispersion forces and hydrogen-bonding forces. NF; has
dispersion forces and dipole-dipole forces. (Credit earned for hydrogen-
bonding and dipole-dipole forces.)

(ii) Account for the differences in the boiling points of the substances.

Answer: The higher boiling point for NH; is due to the greater strength of the
hydrogen-bonding intermolecular attractive forces among NH, molecules
compared to that of the dipole-dipole attractive forces among NF; molecules.

2001 Question 8

Account for each of the following observations about pairs of substances. In your answers,
use appropriate principles of chemical bonding and/or intermolecular forces. In each part,
your answer must include references to both substances.

(a) Even though NH, and CH, have similar molecular masses, NH; has a much higher
normal boiling point (-35°C) than CH, (-164°C).

Answer: NH, has hydrogen bonding between molecules (or dipole-dipole
interactions between molecules) and CH, has London dispersion forces. The
intermolecular forces in NH; are stronger than those in CH,. (No credit is earned
for a discussion of lone pairs of electrons. No credit is earned for saying only that
NH, is polar and CH, is nonpolar, with no more discussion.)

This question states that NH; and CH, have similar molar masses. Students then
need to focus their responses on the intermolecular attractions of each. Remind
your students to state which forces are stronger for each situation. They need

to demonstrate an understanding of the relative strengths of the intermolecular

forces and the relevance to molecular properties.
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2002 Multiple-Choice Questions

67. Which of the following describes the changes in forces of attraction that occur as
H,O changes phase from a liquid to a vapor?

(a) H-O bonds break as H-H and O-O bonds form.

(b) Hydrogen bonds between H,O molecules are broken.

(c) Covalent bonds between H,O molecules are broken.

(d) Ionic bonds between H* ions and OH" ions are broken.

(e) Covalent bonds between H* ions and H,0O molecules become more effective.

Answer: B.

70. Of the following pure substances, which has the highest melting point?

(a) S
(b) L
(c) SiO,
(d) SO,
(e) CeH,

Answer: C.

Suggested Websites

The visual representations in the websites below are very helpful for students. The
attractions between such small particles are often difficult for students to conceptualize.

http://library.tedankara.k12.tr/webchem/Chemical%20bonding%20and %20
intermolecular%20forces/Intermolecular%20Forces.htm

http://intro.chem.okstate.edu/1515SP01/Lecture/Chapter12/Lec2201.html
http://antoine.frostburg.edu/chem/senese/101/liquids/faq/h-bonding-vs-london-forces.shtml

Laboratory and Demonstrations

Evaporation and Intermolecular Attractions

[From Dan D. Holmquist, Jack Randall, and Donald L. Volz. “Evaporation and Intermolecular Attractions,” Chemistry with Calculators
(Beaverton, OR:Vernier Software and Technology).]

This activity compares the change in temperature during evaporation of three different
liquids. The magnitude of the temperature decrease is related to the strength of the
intermolecular attractions. The liquids recommended include n-pentane, n-hexane,
methanol, ethanol, 1-propanol and 1-butanol.
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Student Directions

In this experiment, temperature probes are placed in various liquids. Evaporation

occurs when the probe is removed from the liquid’s container. This evaporation is

an endothermic process that results in a temperature decrease. The magnitude of a
temperature decrease is, like viscosity and boiling temperature, related to the strength

of intermolecular forces of attraction. In this experiment, you will study temperature
changes caused by the evaporation of several liquids and relate the temperature changes to
the strength of intermolecular forces of attraction. You will use the results to predict, and
then measure, the temperature change for several other liquids.

You will encounter two types of organic compounds in this experiment — alkanes
and alcohols. The two alkanes are pentane, C;H,,, and hexane, C;H,,. In addition to
carbon and hydrogen atoms, alcohols also contain the -OH functional group. Methanol,
CH,OH, and ethanol, C,H,OH, are two of the alcohols that we will use in this experiment.
You will examine the molecular structure of alkanes and alcohols for the presence and
relative strength of two intermolecular forces — hydrogen bonding and dispersion forces.

|

Materials
LabPro or CBL 2 interface methanol (methyl alcohol)
Ti graphing calculator ethanol (ethyl alcohol)
DataMate program 1-propanol
2 temperature probes 1-butanol
6 pieces of filter paper (2.5 cm X 2.5 cm) n-pentane
2 small rubber bands n-hexane

masking tape
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Pre-Lab Exercise

Prior to doing the experiment, complete the pre-lab table. The name and formula are given
for each compound. Draw a structural formula for a molecule of each compound. Then
determine the molecular weight of each of the molecules. Dispersion forces exist between any
two molecules, and they generally increase as the molecular weight of the molecule increases.
Next, examine each molecule for the presence of hydrogen bonding. Before hydrogen
bonding can occur, a hydrogen atom must be bonded directly to an N, O or F atom within
the molecule. Tell whether or not each molecule has hydrogen-bonding capability.

Procedure

1.

Obtain and wear goggles! Caution: The compounds used in this experiment are
flammable and poisonous. Avoid inhaling their vapors and having your skin or clothing
come into contact with the compounds. Be sure there are no open flames in the lab
during this experiment. Notify your teacher immediately if an accident occurs.

Plug Temperature Probe 1 into Channel 1 and Temperature Probe 2 into Channel
2 of the LabPro or CBL 2 interface. Use the link cable to connect the TI graphing
calculator to the interface. Firmly press in the cable ends.

Turn on the calculator and start the DATAMATE program. Press to reset
the program.

Set up the calculator and interface for two temperature probes.

a. Select SETUP from the main screen.

If the calculator displays two temperature probes, one in CH 1 and another in
CH 2, proceed directly to step 5. If it does not, continue with this step to set up
your sensor manually.

c. Press to select CH 1.
d. Select TEMPERATURE from the SELECT SENSOR menu.

e. Select the temperature probe you are using (in °C) from the TEMPERATURE
menu.

f. Press( w )once; and then press to select CH2.
Select TEMPERATURE from the SELECT SENSOR menu.

h. Select the temperature probe you are using (in °C) from the TEMPERATURE
menu.

9

Set up the data-collection mode.

a. Toselect MODE, use(__a ] to move the cursor to MODE, and press
(ExeR).
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b. Select TIME GRAPH from the SELECT MODE menu.
c. Select CHANGE TIME SETTINGS from the TIME GRAPH SETTINGS menu.
d. Enter “3” as the time between samples in seconds.

e. Enter “80” as the number of samples. (The length of the data collection will be
four minutes.)

. Select OK to return to the setup screen.

g. Select OK again to return to the main screen.

6. Wrap Probe 1 and Probe 2 with square pieces of filter paper secured by small
rubber bands as shown in the figures above. Roll the filter paper around the probe
tip in the shape of a cylinder. Hint: First slip the rubber band up on the probe,
wrap the paper around the probe, and then finally slip the rubber band over the
wrapped paper. The paper should be even with the probe end.

7. Stand Probe 1 in the ethanol container and Probe 2 in the 1-propanol container.
Make sure the containers do not tip over.

8. Prepare two pieces of masking tape, each about 10-cm long, to be used to tape the
probes in position during step 9.

9. After the probes have been in the liquids for at least 30 seconds, select START
to begin collecting temperature data. A live graph of temperature versus time
for both Probe 1 and Probe 2 is being plotted on the calculator screen. The live
readings are displayed in the upper-right corner of the graph, Probe 1 first, Probe 2
below. Monitor the temperature for 15 seconds to establish the initial temperature
of each liquid. Then simultaneously remove the probes from the liquids and tape
them so the probe tips extend 5 cm over the edge of the table top as shown in the
figures above.

10. Data collection will stop after four minutes (or press the key to stop before
four minutes have elapsed). On the displayed graph of temperature versus time,
each point for Probe 1 is plotted with a dot, and each point for Probe 2 with a
box. As you move the cursor right or left, the time (X) and temperature (Y) values
of each Probe 1 data point are displayed below the graph. Based on your data,
determine the maximum temperature, t,, and minimum temperature, t,. Record t,
and t, for Probe 1.

Press (¥ ]to switch the cursor to the curve of temperature versus time for
Probe 2. Examine the data points along the curve. Record t, and t, for Probe 2.

11. For each liquid, subtract the minimum temperature from the maximum
temperature to determine At, the temperature change during evaporation.

12. Roll the rubber band up the probe shaft and dispose of the filter paper as directed
by your instructor.
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13. Based on the At values you obtained for these two substances, plus information
in the pre-lab exercise, predict the size of the At value for 1-butanol. Compare
its hydrogen-bonding capability and molecular weight to those of ethanol and
1-propanol. Record your predicted At, then explain how you arrived at this answer
in the space provided. Do the same for n-pentane. It is not important that you
predict the exact At value; simply estimate a logical value that is higher, lower, or
between the previous At values.

14. Press to return to the main screen. Test your prediction in step 13 by
repeating steps 6-12 using 1-butanol with Probe 1 and n-pentane with Probe 2.

15. Based on the At values you have obtained for all four substances, plus information
in the pre-lab exercise, predict the At values for methanol and #n-hexane. Compare
the hydrogen-bonding capability and molecular weight of methanol and n-hexane
to those of the previous four liquids. Record your predicted At, and then explain
how you arrived at this answer in the space provided.

16. Press to return to the main screen. Test your prediction in step 15 by
repeating steps 6-12, using methanol with Probe 1 and n-hexane with Probe 2.

Processing the Data

1. Two of the liquids, n-pentane and 1-butanol, had nearly the same molecular
weights, but significantly different At values. Explain the difference in At values of
these substances, based on their intermolecular forces.

2. Which of the alcohols studied has the strongest intermolecular forces of
attraction? Which has the weakest intermolecular forces? Explain using the
results of this experiment.

3. Which of the alkanes studied has the stronger intermolecular forces of
attraction? Which has the weaker intermolecular forces? Explain using the
results of this experiment.

4. Plot a graph of At values of the four alcohols versus their respective molecular
weights. Plot molecular weight on the horizontal axis and At on the vertical axis.
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Pre-Lab
Substance Formula Structural Formulas M\;)]l:icglﬁfr H}(’grezgg?l\}?g)ﬂ d
ethanol C,HsOH
1-propanol C;H70OH
1-butanol C4HoOH
n-pentane CsH»
methanol CH;0H
n-hexane CeHig
Data Table
Substance b t At (t1-tp)
0 O 0
ethanol
1-propanol Pz(?océid Explanation
1-butanol
n-pentane
methanol
n-hexane
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VII. Further Bonding Issues —
Beyond AP°

Arden P. Zipp

Despite the success of Lewis dots, VSEPR and the valence bond (VB) theory in dealing
with a wide range of chemical species, there are several that cannot be treated adequately by
these methods. In many of these cases, however, the molecular orbital (MO) theory, which
was once included in the AP Chemistry curriculum, can provide answers. An outline of
MO theory will be presented to enable the reader to appreciate some applications, if not the
details, of this theory. This treatment will be initiated with a consideration of homonuclear
diatomic molecules from the second period of the periodic table.

Molecular Orbital Theory*

In this approach to bonding, the bare nuclei of the atoms in a molecule are considered to
be embedded in a series of orbitals of specific shapes and energies. Sigma (o) orbitals have
electron density along the internuclear axes between the atoms while pi (7) orbitals have
electron clouds above and below those axes. Sigma orbitals can be formed from either

s or p orbitals; pi orbitals (because of their geometry) cannot be formed by s orbitals but
can be formed by p or d orbitals (the latter of which will not be discussed further in this
publication). All orbitals may be combined to increase electron density between the nuclei
(called a bonding orbital) or decrease it (referred to as antibonding and designated by

an *) relative to the separated atoms. The combination of two s orbitals or two p orbitals
produce one o and one ¢* orbital but the two p orbitals yield two m and two m* orbitals.

If the internuclear axis is assumed to be the z axis, the p, orbitals on two atoms can
be combined to form one o and one o orbital. The p, orbitals on these two atoms can form
one 1 and one 1* as can the p, orbitals on the same two atoms, to give two sets of  and
m* orbitals. The MOs formed by the p orbitals in a typical period from (highest to lowest
energy) are shown below. (In each diagram the nuclei are represented by dots.)

4. Brown, Theodore E., H. Eugene LeMay, and Bruce E. Bursten, Chemistry: The Central Science, 5th ed.
(Upper Saddle River, NJ: Prentice Hall, 1990), 318.
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O@ o* sigma- antibonding [1

% ﬁ m* pi — antibonding [2]

m pi - bonding [2]

CQ) o sigma- bonding [1]

Electrons are added to these orbitals in order of increasing energy, with a maximum of
two electrons per orbital (in the same manner that electrons are added to atomic orbitals
in individual atoms). Electrons added to bonding orbitals increase the stability of a species,
while electrons in antibonding orbitals destabilize a species. The MO theory contrasts with
the VB theory in which s and p (or hybrid) orbitals retain their shapes as they overlap to
form bonds.

One of the earliest successes of the MO theory was a description of the bonding
in the oxygen molecule, O,. Although the double bond in O, can be predicted with a
suitable Lewis structure and represented by means of the valence bond theory, both of
these approaches fail to predict that O, in its ground state is paramagnetic, possessing two
unpaired electrons. However, these results are given by the MO theory, which places one
electron in each of the two * orbitals, making the molecule paramagnetic while also giving
it a bond order of two due to an excess of four more bonding electrons than antibonding
ones. A new technique, photoelectron spectroscopy (PES), which can provide information
about the energies of electrons within molecules, supports these results.’

A second aspect of bonding that is explained better by the MO theory than by
either the Lewis or the VB theory is the bonding in species with delocalized electrons. The
Lewis theory treats this phenomenon by constructing two or more equivalent structures
(called resonance forms). The real structure is considered to be intermediate between these
different forms but cannot be represented within the constraints of the Lewis theory.

5. Miessler, Gary L., and Donald A. Tarr, Inorganic Chemistry, 3d ed. (Upper Saddle River, NJ:
Pearson/Prentice-Hall, 2004), 131.
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As an example, the structure of ozone is represented as:

AT A
:0: :0: :0: :O:

In contrast, the MO theory treats the molecule as a whole with the three bonds (two ¢ and
one 7) distributed across the two bonding regions that connect the three oxygen atoms. Thus,
each pair of atoms is held together by one o and one-half of a m bond, resulting in a bond that
is intermediate in strength between a single bond and double bond. (This is the same result
as that obtained by averaging the strengths of the single and double bonds predicted by the
resonance forms with the Lewis theory but without the artificial nature of that approach.)

A similar treatment applies to benzene, C;H, which can be represented by the
following resonance forms:

' ' But is better represented as the
delocalized structure;

Problem:

The nitrate ion, NO,, has a trigonal planar geometry with N in the center.

(a) Determine the number of valence electrons in this ion.

(b) Write the possible resonance forms.

(c) Predict the geometry of the NO,. ion and outline your reasoning.

(d) Determine the average bond order in the delocalized representation of this ion.
(e) Describe how MO theory would treat this molecule.

Solution:

(a) N (5val.e-) + 30 (6 val e-) + le- = 24 valence electrons
(b) L ) LN ]

:(I): _ :(I):_ :9:_
/ \ / N\ / \
:0: :0: :0: :0: :0: :0:

(c) The NO;. ion will be trigonal planar. The central atom (N) is surrounded by
three charge centers.

(d) The N-O bonds would each have bond orders of 1%.
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(e) The MO theory would consider the four bonds (three o and one )) to be
distributed across the three bonding regions, giving a net bond order of 1%.

Hybridization Revisited

Hybridization (as developed within the valence bond theory) is a very useful tool for
accounting for the geometries of many species. However, recent PES results disagree
with some hybridization predictions. Specifically, the valence bond theory pictures

the carbon atom in methane as sp® hybridized with four equivalent bonds between the
carbon and the four hydrogen atoms. Such a structure should produce a PES spectrum
with a single line for these four bonding orbitals, whereas it actually shows two lines (in
an intensity ratio of 3:1). The simplest explanation based on these results is that the C

2s and 2p orbitals bond individually to the H atoms rather than being transformed into
four “hybridized” orbitals with equal energy. (The more intense line in the PES spectrum
corresponds to bonds formed between the Hs and the 2p orbitals of the carbon, while the
less intense one reflects a bond involving the C 2s orbital.)

Another species that the VB theory represents as hybridized is sulfur hexafluoride,

SF,. In this case, an s, three p and two d orbitals on the sulfur atom are envisioned as
forming six equivalent d’sp® orbitals, which overlap with p orbitals from six fluorine
atoms to form this octahedral species. In contrast, the MO theory pictures this molecule
with the six fluorine atoms bonded to the sulfur via four bonding and two nonbonding
orbitals. The four bonding orbitals are in two sets, a single low energy orbital and a set of
three higher energy ones. These bonding orbitals are derived from the s and p orbitals on
the sulfur, so the structure of SF can be accounted for without invoking d orbitals at all!®

These few examples show that there are aspects of chemical bonding that go
beyond those presented in the earlier sections of this Curriculum Module. To reiterate
a point made earlier, various bonding theories represent attempts to account for results
obtained experimentally. As new experimental techniques, such as PES, are developed
and yield new results (such as those obtained for CH,), it may be appropriate to modify
or even discard theories that have previously been useful. That is the nature of a dynamic
science such as chemistry.

6. Shriver, Duward, and Peter Atkins, Inorganic Chemistry, 4th ed. (New York: Oxford University Press,
2006). 64.
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