AP Chemistry – Unit 7 Notes

In this unit we will talk about how the electrons we discussed previously interact to form compounds.


Look at the periodic chart.  Based only on the position of the elements, place the following atoms in order of increasing electronegativity.  
Sr, Cs, Se, O, Ba

A useful scale designed to measure how electrons interact to form a bond is the electronegativity scale.

Electronegativity is the ability of an atom in a molecule to attract shared electrons to itself.

The scale ranges in values of a low of 0.7 (Fr) to a high of 4.0 (F).  The values increase as you move up a column and increase as you move from left to right.

If the difference of electronegativity is great enough (usually considered to be 1.7) the electrons that would make up the bond are completely transferred and two ions are formed.  All metals in group I, II plus aluminum form ionic compounds.  


What class(es) of element(s) typically unite to form compounds that contain ionic bonds?

The only exception to this is beryllium, which due to its extremely small size forms covalent bonds - which we will discuss shortly.

Ionic compounds are held together in a very strong electrostatic force, which can be calculated as:
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Q is charge of ions        r is radius of ions


Calculate the energy of interaction (in kJ/mol) between Mg+2 and O-2 if the distance between the centers of Mg+2 and O-2 is 0.205nm.

Lattice energy is the energy released when oppositely charged ions in the gas phase come together to form a solid.  The lattice energy is a good estimate of the strength of an ionic bond.

Na+(g) + Cl–(g) → NaCl(s) + 787 kJ

Important factors effecting lattice energy:

1. Charge on the cation and anion - the greater the charge on the ions the greater the lattice energy will be.

2. Radius of the ions - the larger the ions are, the smaller the lattice energy will be.


Explain the magnitudes of these lattice energies in terms of ion sizes and ionic charge.  




Lattice Energies of Salts of K+ (kJ/mol)



F–
Cl–
Br–
I–

K+
821
715
682
649

If the difference between atoms is not large enough to cause a transfer of electrons, the atoms will share electrons, which is called a covalent bond.

Covalent bonds can be two different types...
Polar covalent = atoms of different electronegativity make up the bond, and one has a greater attraction for the electrons.  This means one end of the bond has a slight positive charge, and the other end has a slight negative charge.  This sets up what is known as a dipole... a set of charges seperated by a distance.
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Non polar covalent = identical atoms make up the bond, therefore the electrons are shared equally and there is no dipole set up.
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1. For each of the following, determine the orientation of the dipole moment (if any).

a. HI

b. N2
c. CCl2F2
2. Using your text, calculate ∆ for each of the following bonds and order the set from the most covalent to the most ionic character:

a. Na-Cl

b. Li-H

c. H-C

d. H-F

e. Rb-O

Bond Energies and Enthalpy

The bond energy of a covalent bond is the energy required to break the bond.  Energy must always be added to break a chemical bond, so the bond energy is expressed as a positive number in units of kJ/mol.

The same amount of energy will be released when the bond is formed, and will have a negative sign.

Notice that the shorter the bond the stronger the bond will be.  Also notice the more multiple the bond is, the shorter the bond is, and therefore the stronger the bond will be.


Describe the difference among the models for single, double and triple bonds.  (Note:  Include such properties as bond length and bond energy.)  

We can use bond energies to calculate the enthalpy of a reaction, remembering that energy is required to break a bond and is released in forming a bond.  These leads to:

∆Hreaction = S∆H (bond breakage) 

                                               +S∆H (bond formation)

[image: image1.png]6id
839
495
745
1072
607
418
941
X))
o613




Using bond energies, calculate ∆H˚ for the reaction




Using bond energies, calculate ∆H˚ for the reaction

N2(g) + 3H2(g)  → 2NH3(g)
Using bond energies, calculate ∆H˚ for the reaction
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Writing Lewis Structures

The basic principle is that, with only a few exceptions, atoms achieve noble gas configurations to form stable compounds.

Remember that only valence electrons combine to form molecules, and that a bond is made up of two electrons.


Supply the missing information below:  
   
          Chemical equation
Ba
+
O
→
Ba2+
+
O2–
             
Electron configuration
 

1s22s22p4

 

 
	
Lewis structure
	


To determine a Lewis structure, follow the following method.

1.  Calculate the number of needed electrons...

• Every atom needs 8 electrons except for:


      H -   2 e-
            
       Be - 4 e-
                    B -   6 e-

2.  Calculate the number of electrons available 


• Valence electrons are equal to the group number

3.   Calculate the number of bonds needed by:
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4.  Place electrons to make sure you have given each atom an octet, except for H, Be, and B


Write the Lewis structures for CCl4.



Write the Lewis structures for ClO2-.

Write the Lewis structure for CO2.
             Write the Lewis structure for C2H4.
Write the Lewis structure for HCN.

Exceptions to Octet Rule

Exceptions can happen with any element higher than the second row because they have available d orbitals to take place in bonding.

These are easy to tell, because you will calculate a number of bonds that don't make sense.  Use the following steps to determine a Lewis structure.

1.
Connect all atoms so they are bonded to the central atom.

2.
Place enough electrons on each atom so they have an octet.

3.
Place all remaining electrons on the central atom.

Write the Lewis structure for BCl3.

Write the Lewis structure for PF5.

Write the Lewis structure for I3-.

Resonance

Resonance structures are equivalent Lewis structures which show alternative arrangements of electrons.  Such structures must be drawn when a single Lewis structure does not adequately represent the known bonding of a molecule.  

Two or more resonance structures are drawn and are connected with double headed arrows.  The arrows indicate the structures are resonance forms and the the true structure of the molecule is believed to be a hybrid of the resonance structures.
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We know experimentally this is true because one of the single structures would suggest non - equivalent bonds (2 single and 1 double).

Experimentally, it is found that there are three equivalent bonds that correspond to a bond length of 1.33.

14. Write the Lewis structure for O3  (include all resonance structures).

15. Write the Lewis structure for NO2– (include all resonance structures).

Formal Charge

A useful method of determining charges in covalent compounds is the concept of formal charge.  It can be calculated as follows...

Formal charge = 

     


(# Valence e-) - [(# lone e-) + 1/2(# shared e-)]

When faced with two possible structures, the more stable will:

1.  Have the formal charges as close to zero as possible.

2.  Have negative formal charges on the most 
electronegative element


Assign formal charges to each atom in the two resonance structures of CO2.

Write three different molecular arrangements for CNO- and using formula charges, determine the most stable

Draw all resonance structures and select the most stable one for SCN-.

MOLECULAR STRUCTURE

We have been talking about how the electrons are distributed among different atoms - this can give information about the actual 3D structure of the atoms.

A simple model to describe these shapes is the valence shell electron repulsion (VSEPR) model.  This model simply says that electrons will arrange themselves around an atom to minimize electron repulsions and to allow electron pairs to have the most room.

On the following page, you have five basic structures and a chart that summarizes the molecular geometry that is based on those structures.  

You will sometimes see the basic structure referred to as electronic geometry, as it takes into account lone pairs and bonding pairs of electrons.
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	Number of electron groups on central atom
	Bonding groups on central atom
	Nonbonding pairs on central atom
	Molecular geometry
	Bond

Angles

	2
	2
	0
	linear
	180 ˚

	3


	3

2
	0

1


	trigonal planar

bent


	120 ˚

<120 ˚

	4


	4

3

2
	0

1

2
	tetrahedral

trigonal pyramidal

bent


	109.5 ˚

≈ 107 ˚

≈ 105 ˚

	5


	5

4

3

2
	0

1

2

3
	trigonal bipyramial

seesaw

T-shaped

linear


	90 ˚,120 ˚,180 ˚

90˚,<120˚,180˚

90 ˚ and 180 ˚

180 ˚

	6


	6

5

4
	0

1

2
	Octahedral

square pyramidal

square planar
	90 ˚,180 ˚

90˚, 180˚

90 ˚ and 180 ˚




Bond Angles with lone pairs....
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In the series AB4, AB3N, AB2N2 the electron-pair geometry is tetrahedral.  However, the molecular geometry is tetrahedral (AB4), trigonal pyramidal (AB3N) and bent (AB2N2).  The conversion of the bonding pairs of electrons to nonbonding pairs changes the molecular geometry.  The bond angle in CH4 is 109 ˚, in NH3 the bond angle is 107 ˚ and in H2O the bond angle is 104.5 ˚.  

As nonbonding electron pairs replace bonding pairs the nonbonding electrons exert a larger repulsion on the adjacent bonding pairs results in the compression of the bond angle (B-A-B).

Molecular polarity

The dipole moment of a molecule is a measure of the polarity of the molecule.  The larger the dipole moment the greater the molecule's polarity.  The existence of a dipole moment can be predicted by comparing the geometric arrangement of chemical bonds in a molecule.  Since nonidentical atoms do not share electrons equally in covalent bonds each bond, due to their difference in electronegativity, each bond can be viewed as a small magnet with a positive and negative end.  

If the geometry of the molecule is such that the polar nature of the chemical bonds cancel the molecule will be nonpolar with a dipole moment of zero.  If polar nature of the chemical bonds do no cancel, or the central atom contains lone pairs of electrons, the molecule will be polar.  It should be noted there are geometries for which dipoles associated with lone pairs cancel, e.g., trigonal planar ICl3.

	
	
	
	

	
(i)
CO2
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no dipole moment

Even though the CO bond is polar, the arrangement of the two CO bonds results in a net cancellation.
	
(ii)
H2O
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polar

The two OH polar bonds are not oriented to cancel.  In addition the presence of the two lone pairs of electrons on the central oxygen atom contribute to the dipole moment in this molecule.

	
(iii)
NF3
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polar

The three polar NF bonds are not oriented to cancel.  In addition the lone pair of electrons on the central nitrogen atom contribute to the dipole moment in this molecule.
	
iv)
BF3
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nonpolar

The three polar BF bonds are oriented so the dipoles cancel.  Since the central atom has no lone pairs of electrons the molecule has no dipole moment.


Determine the molecular geometry for each of the following molecules or ions.  Also include bond angles and molecular polarity.


(i)
SO3

(ii)
SO32-

(iii)
NO2-

(iv)
I3-

(v)
ICl3
Alternative ways of viewing bonding

Valence Bond theory takes a mathematical approach to bonding, and adds the orbitals up to yield new orbitals referred to as hybrid orbitals.
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Notice the above sp3 hybrid orbitals add to yield four orbitals at 109.5o to each other.  This hybridization will occur in any molecule with four pairs of electron density around the central atom.
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Notice the above hybrid orbitals are at 120o to each other.  This type of hybridization will occur in any molecule in which the central atom has three pairs of electron density.
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Notice that in this hybridization, there are two hybrid orbitals that 180o to each other, and this will occur in any molecule that has two regions of electron density.

A summary of the geometries and the hybridization of each is in the following table.

Linear
  



sp

trigonal planar



sp2
tetrahedral



sp3
trigonal bipyramidal


sp3d

octahedral



sp3d2


Multiple bonding with valence bond theory

Multiple bonds....such as double and triple can be visually understood using this theory.  There are two types of overlaps of orbitals that can yield bonds:
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A sigma bond corresponds to a single bond, while a pi bond corresponds to the multiple bond.

Consider two carbon molecules...
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Give the hybridization and predict the geometry of each of the central atoms in the following molecules or ions.  

a. IF2-
b. OSF4
c. SiF6-2
d. HCCH

Consider the Lewis structure for glycine, the simplest amino acid:
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a).
What are the approximate bond angles about each of the two carbon atoms, and what are the hybredizations of the orbitals on each of them?


b).
What are the hybredizations of the orbitals on the two oxygens and the nitrogen atom, and what are the approximate bond angles about the nitrogen?


c).
What is the total number of s bonds in the entire molecule?  π bonds?

	Indicate the hybridization and bond angle about each of the 'central atoms' in the molecule shown below.
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Notes - Unit 8

Liquids, Solids and Solutions

There are three basic intermolecular forces that hold liquids together.  To turn into a gas, they must overcome these forces to transfer into the gas phase.

	  Dipole-dipole forces


Dipole-dipole forces exist between hydrogen chloride molecules as shown to the right.  The molecules align themselves such that the opposite charge resulting from the unequal sharing of electrons form an attractive interaction.
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	  London dispersion forces


London dispersion forces exist between atoms and nonpolar compounds.  In the example on the right six atoms are shown in a form depicting the symmetric distribution of electrons.  In the second group of six some instantaneous dipoles are shown.  The instantaneous dipoles result from the unequal distribution of electrons.  One atom with an instantaneous dipole will effect other atoms adjacent to it producing a short range attractive interaction.
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	 hydrogen-bonding forces


Hydrogen-bonding forces occur when a hydrogen atom covalently bonded to a very electronegative atom (O,N,F) is attracted to lone pair of electrons on an atom on an adjacent molecule.
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Vapor pressure is the pressure due to particles of a substance in the vapor phase above its liquid in a closed container at a given temperature. The weaker the forces holding the liquid together, the higher the vapor pressure of the liquid will be.
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Boiling point is the temperature at which the vapor pressure of a liquid equals the atmospheric pressure.  The normal boiling point is the temperature at which the vapor pressure of the liquid equals 1 atmosphere.

Notice that as you increase the temperature, the vapor pressure of the liquid increases.   However, the increase is not linear.  Two vapor pressures at two different temperatures are related by the Clausius-Clapeyron equation in the space below and define each term.



ln  EQ \B(\F(P1,P2))  = +
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where P1 and P2 are the vapor pressure of the liquid at T1 and T2. 

 ∆Hvap is the heat of vaporization of the liquid

R is the ideal gas constant, 8.314  EQ \F(J,mol.K) 
The heat of vaporization is the amount of heat required to change one mole of a pure liquid into one mole of a pure gas.

Types of Solids

Molecular solids consist of molecules that are held together by London dispersion, dipole-dipole or hydrogen bonding forces.  The solid contains ordered arrangements of atoms or molecules that organized, relative to each other, in an orderly three-dimensional pattern.  Solids of this type are soft and low melting.

Ionic solids consist of cations and anions distributed throughout the crystal in an orderly three-dimensional pattern. Ionic solids are more complicated in their structure, but can be thought of as an orderly pattern of one ion, generally the anion, with cations positioned in 'holes' between the anions.  The occupation of these 'holes' depends on the formula of the ionic compound.  Ionic solids are characterized as hard, brittle substances that are high melting.   Melting points are high because the electrostatic attractions of the ionic bonds are stronger than the intermolecular forces for molecular solids.
Extended covalent (covalent network solids) solids consist of atoms that are held together in large networks containing extended covalent bonds.  Quartz is an example of a three dimensional network of covalent bonds.  Quartz consists of SiO2 groups that covalently bond to other SiO2 groups in all three directions. 

Atomic solids are individual atoms held together by weak London forces.  They tend to have low melting points.  The noble gases are an example of this.

Metallic solids can be explained in terms of band theory.  The theory states that the atomic orbitals mix to form a range of molecular orbitals that incompass all energy levels.  Since these empty orbitals are extremely close in energy, the electrons from all metals can move freely throughout the metal.  This is why metals conduct electricity well.
Phase Diagrams

Phase diagrams are a way of graphically representing the relationship of the three states of a pure substance.  Below is an example of a phase diagram for carbon dioxide.
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Above is the phase diagram for water.  One very important point to notice is the negative slope of the solid liquid interface.  This shows that the density of ice is actually less than the density of water - a very unusual property of water that makes much of life possible.

Process of solution

To dissolve a substance, first the attractions between the solute and the solvent must be broken up, then the solute and solvent will form attractions upon mixing.  This idea explains why "like dissolves like" -  polar dissolves polar, non polar dissolves non polar.

POLAR/POLAR SOLUTION
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In the above diagram, you must break up strong attractions between the solute and the solvent, but you get the energy back when the particles mix - the process will happen.

NON POLAR/NON POLAR SOLUTION
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In the above case, not much energy is required to break up the solute and the solvent particles, but you don't get much energy back because the attractive forces between them are so weak.

NON POLAR/POLAR SOLUTION
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In the above case, much energy is required to break up a polar solute, and upon mixing there are few attractions between the particles of the solute and solvent - since you don't get enough energy back, the process is unlikely to happen.

Units of Concentration Common for Solutions



weight percent



weight percent =  EQ \F(weight solute,weight solution)  . 100



mole fraction



mol fraction =  EQ \F(mol solute,mol of all components of the solution) 


molarity



molarity (M) =  EQ \F(mol solute,liters solution) 


molality




molality (m) =  EQ \F(mol solute,kilograms solvent) 
Colligative Properties

Colligative properties are properties that depend on the number of molecules or ions of solute present, and not on what the particles are (as long as they are not volatile).  Properties of solutions that are colligative properties,


1)  Vapor Pressure lowering


2)  Boiling Point elevation


3)  Freezing Point depression

The following diagram shows why a solute will affect the colligative properties
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	Before addition of the solute


The vapor above a pure liquid is shown on the right.  The equilibrium vapor pressure is a result of the presence of molecules in the vapor phase above the molecules in the liquid phase.  The figure below shows the affect on the vapor pressure of the solution upon addition of a nonvolatile solute.
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	After addition of the solute


The addition of a nonvolatile solute decreases the vapor pressure due to the liquid in the vapor phase.  This occurs because the presence of solute particles on or near the surface decreases the ability of the solvent particles to escape into the vapor phase.  Because proportionally fewer solvent particles are on the surface, the vapor pressure drops. 


The above leads to Raoults law:

Psolution = solvent·P∞solvent
Where;



Psolution is the vapor pressure of the solvent above the solution 


at the particular temperature



solvent is the mole fraction of the solvent in the solution



P∞solvent is the vapor pressure of the pure solvent at the 



particular temperature.

The other colligative properties are freezing point depression and boiling point elevation.

∆Tf = kfm

or
∆Tb = kbm



where:



∆Tf or ∆Tb is the change in freezing point or the change in boiling 


point.



kf or kb are the freezing point and boiling point constants



m is the molality of the particles in the solution  EQ \B(\F(mol solute,kg solvent)) 
AP Chemistry

Unit 8 -- In class problems

1) Given the vapor pressure of ammonia is 164 mmHg at -56 ˚C, calculate the vapor pressure at -45 ˚C.  ∆H˚vap = 28.0  EQ \F(kJ,mol)  .

2).  Calculate the normal boiling point of ammonia knowing the vapor pressure at 

–38 ˚C is 538 mmHg.    ∆H˚vap = 28.0  EQ \F(kJ,mol)  
3) Indicate all the various types of intermolecular attractive forces that may operate in each of the following:  



a)  CH3OH(l); 




b) Xe(l); 




c) H2S(l); 




d) ClF(l) 




e) Ca(NO3)2(s)


4) For each of the following pairs of substances predict which will have the higher melting point and indicate why: 

(a) CuBr2 > Br2

(b) CO2 < SiO2 

(c) S < Cr 

(d) CsBr < CaF2
5)Indicate the type of crystal (atomic (lone atom), molecular, metallic, covalent, or ionic)  each of the following would form upon solidification:  



(a) O2  



(b) H2S  



(c) Ag  



(d) KCl  



(e) Si  



(f) Al2(SO4)3  



(g) Ne   



(h) SiO2 


(i) NH3 


(j) MgO  



(k) NaOH 



(l) CH4 .

6) Using the phase diagram given., determine the physical state of water at



a)
900 mmHg and 40 ˚C




b)
500 mmHg and 30 ˚C




c)
300 mmHg and 90 ˚C


7) How much energy does it take to convert 130(C g of ice at -40 to steam at 160(C?  Heat of vaporization of water is 43.9 kJ/mol.  Heat of fusion of water is 6.0 kJ/mol.  Specific heat of ice, water, and steam is 2.1, 4.2, and 1.5 J/g˚C.

8) Explain the concept like dissolves like:

	9)  Calculate the molality and mol fraction of HCl for a solution which is 37.1 % HCl by weight (mass).







	10)  If the density of the solution described in b. is 1.18 g/mL, calculate the molarity of the solution.







11)  A solution of ethylene glycol, C2H4(OH)2, which is 6.77 molar has a density of 1.05 g/mL.  Calculate the mole fraction of ethylene glycol in the solution.

12) Decide whether liquid hexane or liquid methanol is a more appropriate solvent for the substances grease (C20H42) and potassium iodide.

13) Calculate the expected vapor pressure at 25 ˚C for a solution prepared by dissolving 97.4 g of common table sugar (sucrose, MM = 342  EQ \F(g,mol) ) in 453 mL of water.

14) A solution was prepared by adding 20.0 g of urea to 125 g of water at 25 ˚C, a temperature at which pure water has a vapor pressure of 23.76 mm of Hg.  The observed vapor pressure of the solution was found to be 22.67 mm of Hg.  Calculate the molecular weight of urea.

	15) Calculate the freezing point and boiling point of a solution prepared by mixing 6.00 g of C6H12O6 with 35.0 g of H2O.







	16) A solution containing a non electrolyte dissolved in water has a boiling point of 100.305 ˚C.  Calculate the freezing point of the same solution.







	17) What is the molecular mass of nicotine if 5.04 grams of this compound changes the freezing point of 90.0 g of water by  0.647 ˚C?
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