HONORS CHEMISTRY

       Mr. Rivas

CHEMICAL BONDS
To understand how and why atoms combine to form the vast array of the known chemical compounds, we need to understand the chemical bond. In a nutshell a chemical bond is an electrostatic force the holds two atoms together. 

Keep in mind that the electrostatic force is inversely proportional to the square of the distance. In other words a small variation in the distance has a strong influence on the magnitude of the force. 

When the electron moves away a small distance from the nucleus, the electrostatic force decreases considerably. And vice versa when the electron gets a little closer to the nucleus the electrostatic force increases considerably.

Remember that a chemical reaction is nothing but breaking existing chemical bonds and forming new ones. Usually energy is required to break a bond and energy is released when a bond is formed. 

We will cover the following types of bonds:

1. Ionic bond

2. Covalent bond

3. Metallic bond

Let’s review some prior material:

a. Lewis dot diagrams (relate them to electron configuration). 

The number of valence electrons for the main group elements can be easily read from the periodic table by looking at the group number as follows: 

	Group #
	# valence e–’s

	1
	1

	2
	2

	13
	3

	14
	4

	15
	5

	16
	6

	17
	7

	18
	8


We cannot apply the rule above for the elements in Groups 3 through 12 and in addition the situation with the electrons involved in chemical reactions for these elements is a little more involved due to the closeness between the s and d sublevels of two different energy levels.        

The Lewis dot diagrams are also called the Lewis dot structure or the electron dot diagrams.

The maximum number of electrons that an atom can hold in its outermost shell is 8 because as soon as we fill the s sublevel (with 2e–)  and the p sublevel (with 6e–) of one energy level the next electron we add will be placed in a higher energy level. Try one case to convince yourself .

Gilbert Newton Lewis (1875-1946) an American chemist proposed the used of a simplified representation of the valence e– of an atom. The chemical symbol of the element is used to represent the kernel of the atom and the valence e–’s are placed around the symbol in pairs. Since the maximum number of valence e–’s is 8, we need 1 orbital for the s block and 3 orbitals for the p block. The four orbitals are placed around the chemical symbols in four “imaginary boxes”. 

UDO:

1. Draw the Lewis dot structure for the following elements: Na, Mg, Fe, As, P, and Ne.

2. Draw the Lewis dot diagram of all the halogens

3. Draw the electron dot diagram for all the anions produced by the halogens.

a. Formation of anions and cations (relate to ionization energy, electron affinity, and Octet Rule)

i. Write the equation for the formation of the a lithium cation (energy is absorbed – this is the ionization energy)

Li(g) + 520 kJ/mol (   Li+(g)  + 1e–     

or

Li(g) (   Li+(g)  + 1e–        ΔH = 520 kJ/mol

ii. Write the equation for the formation of a fluoride anion (energy is released – electron affinity)

F(g)   +  1e–   (   F–(g)   +    328 kJ/mol   

   or

   F(g)   +  1e–   (   F–(g)     ΔH = -328 kJ/mol

Reminder: The properties of the ions are totally different from the properties of the corresponding atoms: Chlorine atoms (Cl) are highly toxic while the chloride ions (Cl–) are essential for life.

Some Lewis dot structures of atoms


IONIC BOND

An ion is an atom that has lost or gained one or more electrons and, as a consequence, has obtained an electrical charge.

Atoms of metals have low ionization energies (mostly empty outer shell) consequently they tend to lose electrons and become positive ion (cations).

Atoms of non-metals have high ionization energies (mostly full outer shell) consequently they tend to gain electrons and become negative ions (anions).

An ionic bond is formed when a metal transfers one or more electrons to a non-metal. The ions formed as a result (one positive and one negative) will attract each other. This attraction is what we call an ionic bond.

As you saw in the formation of the Li+ and F–, energy must be added to remove the electron from the Li atom and energy is released when an electron is added to the F atom. It must be pointed out that a large amount of energy is released when the Li+ and the F– ions are brought together by the electrostatic force. The amount of energy released is known as the  Lattice Energy. 

In reality the entire picture is a little more complex and involves energies we have not fully covered. The entire process is shown in the picture below for the case of the formation of sodium chloride. This is known as the Born-Haber cycle. We will talk a bit more about this process when we cover chemical thermodynamics.
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The transfer of the Na valence electron to the Cl atom is not energetically favored …

[image: image2.jpg]



… but additional energy is released when the two ions formed get closer to each other (loss of electric potential energy).
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Notice in the picture above that the sodium cation (Na+) and the chloride anion (Cl–), both have now 8 electrons in their outermost shell (energy level). This did not happen by pure chance. This is a fundamental principle in the behavior of atoms during chemical reactions. 

The transfer of electron(s) from the metal to the non-metal will leave both atoms with a completely filled set of electrons in the outermost shell. This is known as the OCTET RULE, an important chemical principle. 

The Octet rule states that: atoms tend to gain, lose, or share electrons so as to acquire a full set of valence electrons (eight for most elements). 

It is also important to notice that the electron configuration of the ions formed is isoelectronic (have the same number of electrons) with that of a noble gas. This gives as an alternative way to state the octet rule: Atoms will gain, lose, or share electrons so as to acquire the electron configuration of the most immediate noble gas. 

Show that the electron configuration of the Sr2+ cation is isoelectronic with that of a noble gas (which one?)_

Show that the electron configuration of the N3– anion is isoelectronic with that of a noble gas (which one?)

As you probably guessed the number of ions formed in the typical reaction between sodium atoms and chlorine atoms is huge; in the order of 12.04x1023 for just 58g of sodium chloride. These ions formed as a result of the reaction, will align as close as they can (attractive force) and as far as they can (repulsive force) in order to minimize the total potential energy. The forces involved are show in the following picture. The red dot lines are the attractive forces and the blue ones the repulsive forces.
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The overall effect of these forces is the formation of a lattice crystal in which the ions are perfectly aligned. 

Here is a crystal shown in two dimensions
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Naturally the structure is really three dimensional:
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In the picture above you can see that, as you expected, the sodium atoms got smaller as they lost an electron and the chlorine atoms got larger as they gained an electron.

Properties of ionic compounds

1. High melting point (ionic bond is strong)

2. Brittle (small displacement caused repulsion)

3. Many ionic compounds are soluble (the crystal separates into ions, each ion is surrounded by water molecules)

4. Solutions of ionic compounds are good conductors of electricity because the free ions are able to conduct electricity.

COVALENT BOND

A covalent bond is formed between atoms that have high ionization energy and high electron affinity (negative change in energy when an electron is added). The atoms that share these properties are the atoms of the non-metals elements.

When the energy required to remove the electrons is large, the atoms complete their outermost shell by sharing one or more pair of electrons and simultaneously forming a covalent bond. 

The covalent bond is formed when a half-filled orbital in the valence shell of a non-metal atom overlaps with a half-filled orbital in the valence shell of another non-metal atom.
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An orbital is a three dimensional region around the nucleus, more specifically within an energy sub-level, where there is a high probability of finding an electron. A node is a region where the probability of finding the electron is zero.

[image: image8.png]2p, orbital 2py orbital 2p, orbital




An orbital is a three-dimensional region around the nucleus where there is a high probability of finding an electron

In this example the half-filled 1s orbitals of two hydrogen atoms overlap to form a covalent bond. Later on we will learn that this overlap leads to a “molecular orbital”.
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In the following diagram we can see the valence shells of two fluorine atoms, the orbital diagram of the valence electrons is shown to the right. The half-filled 2pz orbitals of the two atoms overlap. The single electrons located in the 2pz orbitals of both atoms are shared to form a covalent bond. The Lewis structure showing the F2 molecule formed is shown at the bottom. As you can notice each fluorine atom ends up with a full set of valence electrons.
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Here we have some other examples of covalent bonds for: H2. O2, H2O, and CH4 (met
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(a) Hydrogen: Hydrogen is an exception to the Octet Rule because only two electrons are required to complete a full set of electrons in the outermost shell. Recall that energy level one (the first shell) can hold a maximum of 2 electrons (max #  electrons = 2n2, where n is the energy level quantum number). The dash between the two hydrogen atoms (in the structural formula) represents the pair of electrons being shared (a single bond).

(b) Oxygen: In this case two pair of electrons are shared forming what we call a double bond. Represented by the double lines between the atoms in the structural formula. 

(c) Water: In this case oxygen forms two single bonds to accommodate the two hydrogen atoms. Notice that it would impossible for a single hydrogen atom to form more than a single covalent bond.

(d) Carbon: Since carbon has only four valence electrons, it needs to form four single covalent bonds to complete its set of outermost electrons.

The distance between two atoms in a molecule is the one that will result in the minimum amount of energy. 

1. The interaction between two atoms that are far from each other is negligible.

2.  As the atoms get closer to each other the electrons of one atom are attracted by the nucleus of the other and energy is released.

3. At a given inter-atomic distance the amount of energy is a minimum.

4.  If the atoms get any closer, the nuclei of both atoms repel each other as do their electrons. Energy would be absorbed.

At the end the atoms are going to position in such a way that the total energy of the molecule is the minimum. You can notice this in the following graph.
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Strength of covalent bonds
Covalent bonds are also strong. Diamond the hardest known substance is made up of carbon atoms held together by covalent bonds:
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Diamond

The strength of a covalent bond is proportional to the number of electron pairs shared (bond order) and inversely proportional to the length of the bond. The bond length is defined as the distance between the centers of two bonded atoms. 

The amount of energy required to break a bond is called bond dissociation energy of simple bond energy.

	Number of e– pairs shared
	Type
	Strength
	Length

	1
	Single
	Weakest
	Longest

	2
	Double
	↓
	↓

	3
	Triple
	Strongest
	Shortest


	Bond length (pm) and bond energy (kJ/mol) 

	Bond 
	Length 
	Energy 
	Bond 
	Length 
	Energy 

	H--H 
	74 
	436 
	H--C 
	109 
	413 

	C--C 
	154 
	348 
	H—N 
	101 
	391 

	N--N 
	145 
	170 
	H—O 
	96 
	366 

	O--O 
	148 
	145 
	H--F 
	92 
	568 

	F--F 
	142 
	158 
	H--Cl 
	127 
	432 

	Cl-Cl 
	199 
	243 
	H--Br 
	141 
	366 

	Br-Br 
	228 
	193 
	H--I 
	161 
	298 

	I--I 
	267 
	151 
	
	
	

	
	
	
	C--C 
	154 
	348 

	C--C 
	154 
	348 
	C=C 
	134 
	614 

	C--N 
	147 
	308 
	CC 
	120 
	839 

	C--O 
	143 
	360 
	
	
	

	C--S 
	182 
	272 
	O--O 
	148 
	145 


	C--F 
	135 
	488 
	O=O 
	121 
	498 

	C--Cl 
	177 
	330 
	
	
	

	C--Br 
	194 
	288 
	N--N 
	145 
	170 

	C--I 
	214 
	216 
	NN 
	110 
	945 


Lewis Dot Structure of molecules

The group of atoms that are held together by covalent bonds is called a molecule. Some molecules contain only two atoms (diatomic molecules) some, as are many of the molecules of living organisms, contain thousands and even millions of atoms and are extremely complex. 

Some time ago we learned about the different types of formulas that can be used to represent molecular compounds (those made up of molecules)

Empirical formula: Gives the simplest integer ratio of atoms in a compound. For glucose:

CH2O

Molecular formula: Gives the actual number of atoms of each type in the molecule. For glucose:

C6H12O6 

Structural formula: Not only shows the correct number of atoms of each type in the molecule but also shows how these atoms are connected. For glucose:
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Another very useful way to show the structure of a molecule is by the use of Lewis Dot Structures (also called electron dot diagrams). 
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Here we show the Lewis structure of the ammonia molecule, notice again that nitrogen has formed three single bonds to share an electron with each of the three hydrogen atoms. One pair of electrons of the nitrogen atoms is not being shared. This pair is known as the unshared pair or lone pair. This lone pair is part of the electron geometry of the molecule but is has no effect in the final shape of the ammonia molecule. The pairs of electrons being shared are shown are encircled. 
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Steps to write Lewis Dot diagrams of molecules:

1. Determine the total number of valence electrons available. For polyatomic ions add one electron for each negative charge of the ion or subtract one electron for each positive charge of the ion. 

2. Draw a skeleton of the molecule: Arrange the atoms in a way that the atom with the lowest group number is in the middle (the one can form the most bonds). If all the atoms are in the same group, place the one with the lowest period in the center. Keep in mind that hydrogen cannot be in the center because it can form only one bond. This is a trial and error process. Usually the atom of which you have only one goes in the middle.

3. Draw a single bond for each atom surrounding the central atom and subtract two valence electrons for each bond to find the numbers of electrons remaining

4.  Distribute the remaining electrons in pairs so that each atoms has a eight electrons (except H which needs only two)

5. If there are not enough electrons take some of the electron pairs from the surrounding atoms so as to form double or triple bonds until all the atoms comply with the octet rule. 

Example: The following examples will be solved in class

1. Write the Lewis Structure for nitrogen trifluoride (NF3).

2. Write the  Lewis structure for carbon dioxide (CO2)

Exercises:

Write the Lewis structure for the following molecular compounds:

1. NF3
2. CCl2F2
3. H2O

4. H2CO

5. HClO

6. NO2
7. H2S

8. SCN– 

9. NH4+
10. C2H2  

11. CH3– 
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Exceptions to the Octet Rule

Atoms with less than an octet

1. Some compounds of beryllium are stable with only four electrons:
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Beryllium dichloride
2. Some compounds of boron are stable with only six electrons:

[image: image19.jpg]



Boron trifluoride

Molecules with more than an octet

3. Some compounds of phosphorus and noble gases (made artificially) 

    can hold ten electrons (five pairs).
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4. Some compounds of sulfur can hold twelve electrons (six pairs).
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Molecules with an odd number of electrons

Molecules that have an odd number of electrons obviously cannot have an octet for each atom. These molecules are generally very unstable. Nitrogen monoxide (NO) has a total of 11 electrons (N has 5 and oxygen has 6) this molecule that plays a crucial role in transmission of nervous signals.

Exercises:

Write the Lewis structure for the following molecular compounds:

1. BeCl2
2. SO3
3. CH4
4. PCl5
5. FS6
6. H2O

7. ClF3
8. SF4
9. BrF5
10.   H3O+
1.
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2.
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3. 
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4. 
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5.
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6.
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7. 

[image: image28.png]



8.
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9.
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10.
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Sources crystals 

http://cwx.prenhall.com/bookbind/pubbooks/hillchem3/medialib/media_portfolio/09.html
http://dl.clackamas.cc.or.us/ch104-07/
info bonds

http://www.chem.lsu.edu/lucid/
chem tutorials

http://www.uwosh.edu/faculty_staff/xie/tutorial/vsepr.htm
viewer VSPER

The making of the atomic bond

http://osulibrary.oregonstate.edu/specialcollections/coll/pauling/bond/index.html
Woodcosk Models

http://people.ouc.bc.ca/woodcock/molecule/molecule.html









