CHAPTER 4.2: THE NATURE OF THE CHEMICAL BOND

· The mathematical equation developed by Schrodinger describes a standing wave for an electron and is used to construct a particular volume of space (orbital), one for each quantum state of the electron, in which the probability of finding an electron is high.  

· The various orbitals are usually visualized as electron clouds and have characteristic shapes and orientations: eg. 1s, 2s…

· An atom has only one nucleus to consider, but a molecule has two or more nuclei and more electrons to take into account.

· In order to deal with the complexity of several atoms in a molecule, some simplifications are required.

· One approach is to start with the individual atoms, with their orbitals, and then build the molecule using atomic orbitals to form covalent bonds.

· This approach is called the Valence Bond Theory developed by Linus Pauling.

Valence Bond Theory:

· A covalent bond is formed when two orbitals overlap (share the same space) to produce a new combined orbital containing two electrons of opposite spin.

· This arrangement results in a decrease in the energy of the atoms forming the bonds.

    Eg. The formation of a single covalent bond in a hydrogen molecule by the overlap of two 1s orbitals of individual hydrogen atoms.

· Notice that the new combined orbital contains a pair of electrons of opposite spin.

· Any two half-filled orbitals can overlap in the same way.

Eg. The orbital diagram for the hydrogen fluoride molecule.

Eg; The orbital diagram for the water molecule.

Read over Summary: Valence Bond Theory

                                 Page 232

Do Questions page 232-233  # 1, 2, 3, 4, 5 (a), (b), (c)

HYBRID ORBITALS:

· Lewis bonding theory was unable to explain:

1. the four equal bonds represented by four pairs of electrons in a carbon compound

2. the existence of double and triple bonds

· Pauling and others were able to explain the evidence that carbon forms four bonds of equal length distributed in a tetrahedron.

· They first created the idea of electron promotion from an s to an empty p orbital (fig.6 (a), page 233)

· However, experimental evidence indicated that the electron orbitals were equivalent in shape and energy- there is not one that is more “s” than the others.

· As a result, the four bonds for carbon in molecules such as methane are explained by hybridization to four identical hybrid sp3 atomic orbitals.

· The two 2s electrons and the two 2p electrons form four sp3 hybrid orbitals with one bonding electron in each.

· This explains the bonding capacity of four for carbon (fig.6 (b), (c), page 233).

· These orbitals are hybridized only when bonding occurs to form a molecule: they do not exist in an isolated atom.

· The Pauling theory is that sp3 hybrid orbitals are spontaneously formed as these orbitals overlap with, say, 1s orbitals of the hydrogen atom (fig.7, page 233).

· This results in a pair of electrons in each orbital and a noble-gas-like structure around each atom.

GO FIGURE?!!

How do you explain the covalent bonding in the empirically determined formulas for boron and beryllium, eg., BF3(g) and BeH2(s) ?

Observe and Draw Table 1 page 234. Forms of Hybridization

Do: Practice Problems page 235

      Questions # 8, 9, 10, 11, 13

DOUBLE AND TRIPLE COVALENT BONDS:

· How can many formulas be explained theoretically?

· Lewis suggested that between the carbon atoms there must be a sharing of one, two, and three electron pairs in order to obtain a stable octet around the carbon atoms (fig. 8, page 236).

· However, even though the Lewis structures follow the octet rule and the pairing of electrons, they do not explain how electrons are shared.

How is it possible that electrons in what we would predict as being sp3 hybrid orbitals could overlap not once, but twice or three times with just one other atom? 

According to the Valence Bond theory, is that two kinds of orbital overlap are possible.

· End-to-end overlap of s orbitals, p orbitals, hybrid orbitals, or some pair of these orbitals.

·  In the Valence Bonds theory, this type of overlap produces a sigma bond (() (fig. 9, page 236).

· Think of sigma bonds as the single covalent bonds you draw in structural diagrams.

· When two orbitals overlap side by side to form a pi bond (().
· Pi bonds are the second and the third lines in the structural diagrams for double and triple covalent bonds.

DOUBLE BONDS:

· The carbon atom is the most common central atom in molecules with double and triple covalent bonds.

· The orbitals of a carbon atom can be hybridized to form four sp3 hybrid orbitals.

· The new idea is a partial hybridization of the available orbitals leaving one or two p orbitals with single unpaired electrons.

· The half-filled orbitals are believed to overlap sideways to form a pi bond while hybrid orbitals are used to form sigma bonds between the atoms.

· The pi bond is a region of electron density appearing above and below the sigma bond directly joining the two atoms.

· A pi bond is a combined orbital containing a pair of electrons of opposite spin.

· The additional shared pair of electrons in the pi bond provides greater attraction to the two atoms (usually carbon) nuclei, which explains why the double covalent bond is shorter than a single bond.  

· In carbon-carbon double bonds, one sigma bond and one pi bond bonds the carbons.  

Observe Figures 12, 13 (a), (b), (c) on pg. 237.

Practice Problem: Page 238

             #18, 19, 21, 23 (a), (b), (c), 24

TRIPLE BONDS: 

· Another partial hybridization produces an explanation for a triple bond.

· Observe figures 15, 16 (a), (b), (c) on page 239.

· In carbon-carbon triple bonds, one sigma bond and two pi bonds bond the carbons.

Practice Problem:  Page 239

      #25, 26 (a), 27,29 (a), (b), (c), 

Review Summary:  Valence Bond Theory, Page 240-241

Read:  Case Study, Page 241

           “The Strange Case of Benzene”

          Hand in for Assignment mark.

