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Chapter 10: Chemical Bonding
Chemical Bonds

In the previous chapter, we learned to identify two main classes of compounds: ionic and molecular, and we learned to write formulas for them and name them. In this chapter, we will explore a model of chemical bonding. 
Chemical bonds are the forces that hold atoms together in a molecule and ions in ionic compounds.  The tremendous variety of substances that we have is due to the ability of atoms to bond or combine with other atoms.  The type of bonds they form determines many properties of substances.  For example, properties such as melting point and boiling point, solubility, hardness, shape of molecule, types of reactions etc. depend on the type of bonds present in the compounds.

Bonding Theories

Bonding theories are ways chemists look at the interaction between different atoms in a compound in order to explain the properties of the compound. By understanding how bonding occurs in compounds, chemists are in a better position to be able to design new compounds in which they can maximize desirable properties and minimize undesirable properties. 

Lewis Electron Dot Structures

Since valence electrons, which are the outermost electrons, are the ones involved in chemical reactions, G. N. Lewis, an American chemist invented the electron-dot structure to help us visualize how they participate in chemical bonding.  Electron-dot structures for an individual element represent valence electrons as dots around the symbol for the element.  To write the electron-dot structures, distribute the valence electrons one at a time around the element symbol as though it is inside a square. Distribute the electrons, one at a time starting on one side of the square and moving around to each side of the square.  Do not start pairing until each side has one electron.  If an atom has more than 4 valence electrons, begin pairing the electrons after the first four are placed.

Examples of the electron-dot structures for the atoms in the second row of the periodic table are shown on slide three. Elements in the same group or column of the periodic table have the same number of valence electrons; their Lewis structure will look the same. 
Why Do Chemical Bonds Form?
Elements combine to become more stable.  Substances are more stable when they are at a lower energy state and are excited or less stable when at a higher energy state.  Valence electrons are the ones involved in chemical reactions and therefore the ones involved in chemical bonding.  Noble gases are very unreactive.  What do all noble gases have in common? They all have 8 valence electrons or an “octet,” except helium, which has 2 because that is the maximum number of electrons that the first energy level can hold.  This led scientists to conclude that the octet arrangement of valence electrons must confer great stability to the noble gases.  The basis for the Lewis bonding theory is that elements other than the noble gases combine and form bonds to copy the electron structure of the noble gases.  This is the “octet rule.”

Two Types of Chemical Bonds

There are two types of intramolecular bonds (intra = within, these are bonds between atoms in a molecule): 

an ionic bond is formed by transfer of electrons, producing ionic compounds.  

a covalent bond is formed by sharing electrons, producing molecular compounds.  

Writing Lewis Structures of Ions

Remember that ions form as a result of elements gaining or losing electrons. When a metal loses its valence electrons to attain the electron configuration of the next lowest noble gas, its valence shell becomes empty. The Lewis structure for a cation will therefore show only the element symbol and the charge on the ion (written as a superscript); there will be no valence electrons shown. 

Nonmetals prefer to gain electrons to attain the electron configuration of the next highest noble gas. Therefore the Lewis structure for an anion will show a complete octet. The convention is to enclose the element symbol of an anion in square brackets, showing the complete octet of electrons in the valence shell. The charge of the anion is indicated as a superscript to the right of the ion outside the square brackets.
Determining Whether a Bond Will Be Ionic or Covalent 
Whether an ionic bond or a covalent bond will form between two elements depends on their electronegativity: their ability to attract electrons.  A large difference in electronegativity between two elements will result in ionic bonds while, no difference or a small difference in electronegativity will result in covalent bonds as are found in molecular compounds.  
What types of elements have low electronegativity and what types have high electronegativity?  Metals have low electronegativities because they do not attract electrons; they prefer to give them up to achieve the electron configuration of the next lowest noble gas in the periodic table.  Non-metals on the other hand, have high electronegativities because they prefer to gain electrons. Doing so, they get the “octet” configuration of the noble gas in the same row of the periodic table.

Is it possible to predict whether an element will have a high or low electronegativity?  (Yes, the position of an element on the periodic table is a good predictor of electronegativity.  Electronegativity increases from left to right and from bottom to top of the periodic table.  From this trend can you predict which element is the most electronegative (exclude noble gases, why?)?

Ionic Bonds and Electron-Dot Structures

To form an ionic bond, typically a metal transfers electrons to a nonmetal.  The metal becomes the positively-charged cation and the non-metal becomes the negatively-charged anion.  Remember that ions are not subatomic particles: they are atoms and molecules that have gained or lost electrons.  
Once electron transfer has taken place, the ionic bond results from the electrostatic attraction between the positively-charged cation and the negatively-charged anion.  Since the ionic bond depends on attraction of opposite charges, stronger bonds will occur when ions have higher charges. Smaller ions that allow closer approach of ions will also result in stronger attraction between the ions.
Slides 10-11 show an example for writing electron-dot structures for the formation of an ionic bond by transfer of an electron from a Na atom to a Cl atom to form NaCl, sodium chloride, which is table salt.  Don’t forget the brackets and charge for the ions.

Charges on Ions

Students often have a difficult time with the charges on ions. Remember that in a neutral atom, the number of protons equals the number of electrons.  Losing one electron means that there will be one more proton than there are electrons, so the charge overall will be +1. Losing two electrons will produce a +2 charge. 
Gaining one electron means the electrons will outnumber the protons by one, so the charge on the ion will be –1. Gaining two electrons means the charge will be –2. 
Electron-Dot Structures of Molecular Compounds

Molecular compounds form covalent bonds when elements have similar electronegativity. Since neither element exerts a much stronger pull on the electrons than the other does, the elements share electrons rather than transferring electrons; this has the effect of allowing each element to attain an octet of electrons.  This type of bond typically occurs between two nonmetals, and is quite strong.  Formation of a single bond requires sharing of a pair of electrons between two atoms. Slide 18 shows two chlorine atoms, each with seven valence electrons. Each atom contributes its unpaired electron to form a shared pair with the other atom. Pairing the electrons improves stability. 

Atoms may form more than one covalent bond with surrounding atoms as indicated in the Lewis structure of methane, CH4.  The carbon atom shares a pair of electrons with each of four hydrogen atoms. 

Double or triple bonds can also be formed by sharing two or three pairs of electrons.  Single bonds are longer than double bonds, which are longer than triple bonds.  By contrast, triple bonds are stronger than double bonds, which are stronger than single bonds. 

Exceptions to the Octet Rule
There are numerous exceptions to the octet rule, but we will only consider a few types.
First and foremost, helium represents a noble gas that is satisfied with only two electrons in its valence shell. This is because the outermost shell of the atom can hold only two electrons; it can be said to follow a duet rule rather than an octet rule.  Hydrogen which has one electron can share or gain one electron to attain the same electron configuration as helium. Lithium can lose one electron to attain the same electron configuration as helium. These two elements can also be expected to follow the duet rule.
Other exceptions to the octet rule occur with beryllium and boron. Beryllium is a group IIA metal and might be expected to lose two electrons, but it often shares two electrons to form two single bonds.  Boron shares three electrons forming three single bonds. Because these elements are electron-deficient and do not conform to the octet rule, they form very reactive compounds.
Some elements are stabilized by sharing more than eight electrons. This can occur in elements in row 3 or lower in the periodic table.  In this situation, empty “d” orbitals in an element can accommodate additional electrons to expand the bonding beyond the octet rule. 

Finally, an important exception involves molecules that have an odd number of electrons. There is no way to write a Lewis structure for such a compound that will obey the octet rule for all the atoms.  This is because the Lewis model is a fairly simple model of bonding; a more sophisticated model is required for some circumstances.  Like beryllium and boron compounds, molecules containing unpaired electrons are very reactive. Presence of this type of compound in the human body or in the environment have severe consequences, which will be discussed later in the semester. 
Molecular Geometry of Compounds

Although we are often limited to two-dimensional representations of molecules on paper when drawing Lewis structures, they are more properly thought of in three dimensions. (Think about it- if molecules were flat, wouldn’t we all look like cardboard cutouts?)

Shapes of molecules can be described in terms of geometric shapes or geometric solids.  We imagine the atoms of a molecule to be located at the “corners” or vertices of a particular shape. The central atom may be located at the center of the body of the shape. These shapes have characteristic angles between the vertices which represent the bond angles of the compound. 
Predicting Shapes of Molecules using VSEPR 

Molecules have 3-D shapes.  How can we predict what shape a molecule will assume in space?  The valence shell electron pair repulsion (VSPER) theory is used to predict shapes of molecules by assuming that electron pairs repel each other and therefore will arrange themselves as far away from each other as possible. 

You could approximate the shapes predicted by VSEPR by blowing up several round balloons and tying them closed.  Tie the tails of two of the balloons together with a string and set them on a table. The two balloons will not try to lie side-by-side, but will point in opposite directions. In trying to be as far apart as possible, the two balloons will lie in a more or less straight line (180º angle) with the tails between them. 

Add a third balloon to the pair and tie it in place with a string. Depending on the size of the balloons and how tightly you tie them, the three balloons will probably still lie fairly flat on the table, with the tails in the center. This shape is called a trigonal planar shape, and the balloons will be approximately 120º apart. 

If you add a fourth balloon to the mix, the balloons will no longer lie flat on the table. Now, the most efficient shape allows three of the balloons to point downward, resting on the table, with the fourth pointing upward. This shape will resemble a tetrahedron, a four-sided figure with vertices at 109.5º apart. 
Slide 28 in the powerpoint slides includes perspective drawings of these figures. These are the common molecular shapes when the central atom in a molecule has 2, 3, or 4 groups of electrons around it, respectively. 

VSEPR is quite good at predicting the shape of simple molecules. 

Consider the compound methane, CH4 ,shown in slide 28, with its electron-dot structure.  What shape will it assume so that the 4 electron pairs are as far apart from each other around the central C atom?  By measuring bond angles it can be determined that the molecule has a tetrahedral shape.  Imagine the C atom to be in the center of a tetrahedron (where the four tails of the balloons were tied together), the four electron pairs shared with H are represented by the balloons, and the hydrogen atoms would be at each vertex of the tetrahedral shape.  
NH3 (ammonia) has a trigonal pyramidal shape because the nitrogen atom has one unshared pair of electrons that strongly repels the other three. The unshared pair of electrons is at the apex and the other three pairs are at each corner or vertex of the base.  Although the unshared pair is not “seen” if we build a model of ammonia, it still takes up a lot of space at one vertex of the tetrahedron. As a result, if we consider only the vertices with actual atoms present, the molecule looks a little like a three-legged stool. 

H2O(water) has a bent shape because it has two unshared pairs of electrons and two shared pairs of electrons around the central oxygen atom. The two unshared pairs push the other two shared pairs.  Again, if we consider only the atoms that are present, the shape of the molecule itself is bent because the unshared pairs of electrons are not considered to be part of the molecular shape. 

Just as a straight line can be defined by two points, in a molecule where only two atoms are bonded together, the only possible shape is linear.
Molecules with two groups of electrons around the central atom would be also be linear, as we saw in the balloon model when we tied two balloons together.  Carbon dioxide is an example of such a molecule. Although there are eight electrons around the central carbon, they are in two groups of four electrons each. There are no unshared pairs in the model of carbon dioxide (as there were in the model of water.) Thus, carbon dioxide has a linear shape. 

Two Types of Covalent Bonds – Polar and Non-Polar

Two types of covalent bonds can form: polar bonds and non-polar bonds.  

A bond is non-polar if the two atoms have identical or very similar electronegativities and therefore are sharing the electrons equally.  (Think of it like a tug of war between two students of equal size and strength- both will be able to pull equally on a rope.)

Polar bonds are formed when one atom has a greater electronegativity (attraction for electrons) than the other atom so electrons are not shared equally.  The more electronegative atom pulls the electrons more toward it therefore, they spend more time closer to the  nucleus of the more electronegative atom than to the nucleus of the other atom.  (This would resemble a tug-of-war between a fifth grader and a kindergartner.)

Polar bonds create partial positive and negative charges on the molecule.  For example, in H2O, oxygen is much more electronegative than hydrogen. The oxygen pulls the electrons toward it creating a partial negative (-) charge on the O atom and partial positive (+) charge on the H atom. This makes the H–O bond a polar bond.  
Electronegativity and Bond Polarity

We have mentioned the concept of electronegativity in discussing ionic bonds and also in terms of polar and nonpolar bonds. Electronegativity is the attraction that an atom has for shared electrons in a covalent bond. Electronegativity increases from left to right across the periodic table, and it decreases as you go down the periodic table.  The greater the electronegativity differences between two atoms bonded together, the more polar the bond. Electronegativity values range over a scale from 0.8 to 4.0, with fluorine being the most electronegative element and cesium being the least electronegative element. 
To determine how polar a bond is, find the electronegativities of the two elements from the periodic table in the book at the bottom of page 322.  Subtract the smaller electronegativity from the larger electronegativity to find the difference. In the example we used for water, oxygen has an electronegativity of 3.5 and hydrogen has an electronegativity of 2.1. The difference between them is 1.4.  According to table 10.2 on page 323 in the book, an electronegativity of 1.4 would fall in the polar covalent category. 

If the difference ranges from zero to approximately 0.4, the bond is “pure covalent” or “nonpolar.” If the difference falls in the range from 0.4 to 2.0, the bond is polar covalent. A large electronegativity difference means the bond is essentially ionic.  These numbers are guidelines only will vary somewhat from one textbook to another. 

Polarity of Molecules
The paragraphs above are concerned with the polarity of individual bonds. If a molecule has polar bonds, is it necessarily a polar molecule?  The answer is no. 

We mentioned that water has polar O–H bonds, and it is indeed a polar molecule. Not only are both of the O–H bonds polar, the pull of the electrons toward the oxygen as well as the unshared pairs of electrons on the oxygen make that end of the molecule considerably more negative than the hydrogen end of the molecule,  making H2O a polar molecule. 
On the other hand, carbon dioxide also has polar bonds. (Electronegativity for C=2.5 and for O=3.5.) Overall, a C=O bond would definitely be a polar covalent bond. However, as we said, carbon dioxide  is a linear molecule. If both of the oxygen atoms exert identical pull on the electrons they are sharing with carbon, the pulls will cancel each other out. Carbon dioxide is symmetrical, and therefore carbon dioxide is a nonpolar molecule, even though it has polar bonds. 

To summarize, in order for a molecule to be polar, it must not only have polar bonds, but shape of the molecule must not have symmetry that would cause the pull on the electrons to be canceled (balanced) out.

The final slide in the series shows another example. Carbon tetrachloride, CCl4,  is a tetrahedral molecule with four chlorine atoms arranged at the vertices of a tetrahedron with the carbon at the center. Carbon has an electronegativity of 2.5, and chlorine has an electronegativity of 3.0. The difference in electronegativity is 0.5, which means each bond is a polar covalent bond. However, in carbon tetrachloride, the  chlorines pull equally on the electron density and the molecule is symmetrical in shape, so carbon tetrachloride is a nonpolar molecule. 

On the other hand dichloromethane, CH2Cl2, has two polar bonds between the carbon and the two chlorine atoms. It also has two nonpolar bonds between the carbon and the two hydrogen atoms. The molecule has some symmetry to it, but the two C–Cl bonds do not cancel each other out. Dichloromethane is a polar molecule. 
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